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In the Unit Task, you will explore organic solvents. You will 
research their properties and their health and environmental 
implications; then you will consider alternatives. Taking the role of 
a delegate at a conference on green alternatives, you will suggest 
less harmful solvents that could replace the toxic organic options. 

The Unit Task is described in detail on page 116. As you 
work through the unit, look for Unit Task Bookmarks to see how 
information in the section relates to the Unit Task. 


Organic Chemistry 


OVERALL 

EXPECTATIONS 


assess the social and environmental 
impact of organic compounds used 
in everyday life, and propose a 
course of action to reduce the use 
of compounds that are harmful to 
human health and the environment 


I UNIT TASK PREVIEwX 


• investigate organic compounds and 
organic chemical reactions, and use 
various methods to represent the 
compounds 

• demonstrate an understanding 
of the structure, properties, and 
chemical behaviour of compounds 
within each class of organic 
compounds 

BIG IDEAS 


• Organic compounds have 
predictable chemical and physical 
properties determined by their 
respective structures. 

• Organic chemical reactions and 
their applications have significant 
implications for society, human 
health, and the environment. 





FOCUS ON STSE 


THE MEDICINE HUNTER 


The world’s forests are not only beautiful, but they also contain natural and complex 
treasures. Plants, like all living things, contain carbon-based compounds. Plants and 
plant extracts have been used to treat human ailments since prehistoric times. Ancient 
Egyptians chewed willow bark to cure fever and headaches. Atropine, derived from the 
nightshade plant, is a drug used today to treat heart conditions. Plant sources provide a 
significant amount of all prescription medications, which are typically carbon-based com¬ 
pounds. In addition, one in five of today’s pharmaceutical drugs comes from the world’s 
rainforests. These rainforests flourish in temperate areas, such as the Pacific Rim National 
Park Reserve of Canada, and tropical regions. 

One of the most exciting areas of plant-based pharmaceutical research is the search 
for a cancer cure. Vinblastine and vincristine, which are derived from periwinkle plants 
from Madagascar, are used in chemotherapy to treat certain cancers. Taxol, a drug 
derived from the Pacific yew tree, is used in the treatment of breast and ovarian cancers. 

The healing power of the Pacific yew was known to the indigenous peoples of the 
Pacific Northwest. They made teas and poultices from the tree’s needles to treat many 
ailments, including various tumours, cancers, and skin lesions. Scientists have spent 
years isolating, studying, and testing compounds from the Pacific yew. Once a compound 
that exhibited anti-cancer activity was isolated, scientists began to study the mechanism 
by which the compound worked. 

Harvesting Pacific yew bark to produce Taxol for cancer patients threatens the bal¬ 
ance in the ecosystem. The promise of plant-based pharmaceuticals is accompanied 
by environmental concerns about the damage to ecosystems. Losing ecosystems may 
also mean losing sources of medications—possibly even medications that we do not yet 
know about. 

When chemists have figured out the chemical structure of an effective chemotherapy 
drug, pharmaceutical companies may choose to manufacture it rather than continue 
extracting the natural product from harvested plants. This relieves the pressure on the 
environment. However, there is some concern that pure, synthetic compounds may not 
be as effective as natural extracts. 

Questions 

1. There are millions of organic compounds that occur naturally, and many more that 
can be synthesized. They generally consist of just three or four elements. How can 
so few elements form so many compounds? 

2. How might unknown organic compounds be relevant to medical researchers? 

3. As more plant-based compounds are discovered to have medicinal qualities, 
how important is environmental diversity? 

4. Tropical rainforests are destroyed by overharvesting and by converting the forests 
to farmland. Given that there is a possibility of finding useful compounds in 
rainforests, what should we do to save forest ecosystems? 



UNIT 1 ARE YOU READY? 
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CONCEPTS 


SKILLS 


• Lewis structures 

• electronegativity 

• relationship between intermolecular forces and properties 

• polar bonds and polar molecules 

• ionization or dissociation of acids and bases 


identify WHMIS symbols and safety instructions 
build molecular models 
review molecular shapes 
identify acids and bases 


Concepts Review 

1. Provide an example of each of the following methods 
of representing entities: BIS D 

(a) molecular formula 

(b) Lewis structure 

(c) structural formula 

2. (a) Explain what is meant by the term 

“electronegativity.” 

(b) Describe the trend of electronegativity in the 
periodic table. 

(c) Describe the effect that electronegativity has on 
bonding. 

(d) Explain how to use electronegativity values to 
predict the characteristics of bonds. BIS Em 

3. What are polar covalent bonds? Give an example. BID 

4. Rank the bonds between the following pairs of 
elements in order of increasing polarity. Show 
calculations to support your answers. 

LiE; NH; BO; HH BID 

5. (a) Do you agree or disagree with the following 

statement? “All molecules that contain polar bonds 
are polar molecules.” Support your answer with an 
example. 

(b) Give an example of a polar molecule. Explain your 
choice. 

(c) Give an example of a non-polar molecule. Explain 
your choice. BID Em 

6. (a) What are the parts of a solution? Give an example 

of each. 

(b) What is solubility? Give an example. 

(c) Most familiar solutions have solid solutes and 
liquid solvents. Give three examples of solutions in 
everyday life that do not fit this description. BID 

7. (a) Using your current knowledge, define the terms 

“acid” and “base,” giving an example of each. 

(b) The general formula of acids is HA(aq). Why is this 
formula useful? BID 


8. What are intermolecular forces? Give an example. BID 

9. Rank the following types of forces and bonds in order 
of decreasing strength: 

dipole-dipole; covalent; London dispersion; hydrogen; 
ionic BID 

10. Which of the following substances form hydrogen 
bonds? 

NH 3 ; H 2 O; HE; H 2 ; CH 4 ; O 3 BID Em 

11. Draw Lewis structures for the each of the following 
molecules. Show multiple bonds and correct bond 
angles where possible. Using a different colour, 
highlight any polar bonds. Indicate whether each 
molecule is polar or non-polar. Em B 


(a) 

H2O 

(b) 

O2 

(c) 

C4H1 

(d) 

CO2 

(e) 

HE 

(f) 

CH4 


12. Carbon atoms generally form four covalent bonds with 
other atoms. BID Em 

(a) Explain the statement above, referring to the 
valence electrons of a carbon atom. 

(b) Explain how a carbon atom may bond to only 

3 other atoms but still fulfill fhe requirement of 
having 4 bonds. 

13. The fuels that we most commonly use are hydrocarbons. 

(a) What is a hydrocarbon? 

(b) What type of reaction occurs when a hydrocarbon 
is used as a fuel? 

(c) What other reactant is required for this reaction to 
take place? 

(d) List four possible products of this reaction. 

(e) Identify at least one health concern that may result 
from this reaction. 
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Skills Review 

14. Identify the following WHMIS symbols. Give one 
precaution associated with using an item or substance 
bearing this symbol. QIS 



15. List three pieces of personal protective equipment that 
you might wear in a chemistry laboratory, m 

16. Describe the safety precautions you should take before 
handling an acid. QQ 

17. Describe the correct technique for smelling a chemical 
in the laboratory. QiS 

18. Describe the procedure for cleaning up spilled 
solvent. QISD 

19. What is the procedure to clean up a spilled basic 
solution? ma 

20. If you were using soft candies to represent atoms, 
and toothpicks to represent bonds, how many of 
each would be required to build each of the following 
molecules? Draw a diagram illustrating each model 
that you would build. QQ] ED D 

(a) water, H 20 (l) 

(b) methane, CH 4 (g) 

(c) carbon dioxide, C 02 (g) 

(d) oxygen, 02 (g) 


21. Explain why the boiling point of a pure substance 
increases as the strength of intermolecular forces 
increases. mED 

22. (a) Which substance has a higher boiling point: water 

or oxygen? 

(b) Justify your answer, using empirical evidence 
(observations). 

(c) Give a theoretical explanation for your 
answer in (a). QQ ED 

23. You are given samples of three colourless aqueous 
solutions. One is a solution of hydrochloric acid, one 
is a solution of sodium hydroxide, and the third is a 
solution of sodium chloride. ED D 

(a) Describe how you could safely differentiate 
between them. 

(b) List the equipment and materials you would need 
for your tests. 

24. What are van der Waals forces? QID 

25. Write a dissociation or ionization equation (as 
appropriate) for each of the following acids or bases. 
Identify each as an acid or a base. QQ 

(a) NaOH(aq) 

(b) HGl(aq) 

(c) H 2 S 04 (aq) 

(d) HN 03 (aq) 

(e) LiOH(aq) 



Throughout this unit you wiii see Career Links. Go to the Nelson 
Science website to find information about careers related to Organic 
Chemistry. On the Chapter Summary page at the end of each 
chapter you will find a Career Pathways feature that shows you 
the educational requirements of the careers. There are also some 
career-related questions for you to research. 


Are You Ready? 









KEY CONCEPTS 

After completing this chapter you will 
be able to 

• describe some impacts of 
organic compounds on human 
health, society, and the 
environment 

• use appropriate terminology, 
including lUPAC nomenclature, 
to describe organic compounds 
and their reactions 

• safely perform laboratory 
investigations involving organic 
compounds 

• create molecular models to 
represent simple organic 
compounds and their reactions 

• compare the structural formulas 
and properties of different 
classes of organic compounds 

• explain the changes that occur 
during various organic chemical 
reactions and predict the 
products of those reactions 

• explain the concept of isomerism 
and relate variations in the 
properties of isomers to their 
structural formulas 


Why Is Carbon So Ubiquitous? 

As far as we know, life exists only on Earth. Why does life exist on Earth at 
all? What enables it to exist? The availability of liquid water is essential for hfe. 
Equally important are the elements carbon and nitrogen. Together, these ele¬ 
ments form most of the thousands of compounds that make up living things. 
According to Stephen Hawking, “What we normally think of as ‘life’ is based 
on chains of carbon atoms, with a few other atoms, such as nitrogen or phos¬ 
phorous. One can speculate that one might have life with some other chemical 
basis . .. but carbon seems the most favourable case, because it has the richest 
chemistry” 

Historically, the distinction between inorganic and organic substances was 
based on whether a compound was produced by living things. Until the early 
nineteenth century it was believed that organic compounds contained a “life 
force” and could only be made by living organisms. In 1828, German chemist 
Friedrich Wohler (1800-1882) changed that belief: he successfully prepared 
urea, a component of urine, from inorganic ammonium cyanate. This proved 
that organic compounds can be made from inorganic materials. 

The definition of organic chemistry has since changed. It is now the study 
of carbon-containing compounds and their properties. There are a few carbon 
compounds, including carbon oxides and carbonates, that we consider to 
be inorganic. The vast majority of carbon-containing compounds, however, 
contain chains or rings of carbon atoms and are considered to be organic 
compounds. Why can carbon atoms form long chains, rings, and double and 
triple bonds when other elements cannot? Each atom of carbon has the ability 
to form four stable covalent bonds resulting in molecules with a variety of 
unique shapes and sizes. Organic molecules may contain one carbon atom 
or tens of thousands of carbon atoms, or any number in between. Many 
carbon-based molecules are involved in complex tasks of life. DNA, a large 
biological molecule found in plant and animal cells, stores genetic informa¬ 
tion. Organic molecules in plant chloroplasts transform light energy from the 
Sun into chemical energy during photosynthesis. Fatty acids are long-chained 
carbon molecules that make up cell membranes. 

In this chapter we will explore how carbon atoms bond to each other and 
to other atoms to form the molecules that enable life to exist on our planet. 



Answer the following questions using your current 
knowledge. You will have a chance to revisit these questions 
later, applying concepts and skills from the chapter. 

1. What does the term “organic” mean in everyday language? 
How does this definition relate to “organic chemistry”? 

2. Consider the physical and bonding properties of 
carbon. What other element(s) on the periodic table 
demonstrate(s) similar properties? Justify your answer. 


3. Many organic compounds used in everyday applications 
are extracted from natural sources. Give two examples of 
such compounds. 

4. In addition to carbon, what other elements are 
commonly found in organic compounds? How do these 
elements affect the properties of organic compounds? 
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Mini Investigation 


An Enlightening Organic Compound (Teacher Demonstration) 
Skills: Questioning, Observing, Evaiuating 


In this demonstration you will observe an unusual reaction in 
which luminol, an organic compound, reacts to produce a new 
substance that emits light. The glow of fireflies at night comes 
from a similar reaction. 

Equipment and Materials; chemical safety goggles; lab apron; 
two 1 L Erlenmeyer flasks; retort stand and ring clamp; funnel; 

3 utility clamps; 1 m length of clear plastic tubing; distilled water; 
Solution A (2.0 g sodium carbonate, NajCOals); 0.1 g luminol, 
CgHyOjNals); 12.0 g sodium bicarbonate, NaHCOjis); 0.25 g 
ammonium carbonate monohydrate, (NH4)2C03-H20(s); 0.2 g 
copper(ll) sulfate pentahydrate, CuS04*5H20(s)); Solution B 
(25 ml 3 % hydrogen peroxide, H202(aq)) @ 

Copper(ll) sulfate pentahydrate is toxic and an irritant. Avoid 
skin and eye contact. In the case of contact, wash the 
affected area with lots of cool water and inform your teacher. 

1. Put on your safety goggles and apron. 

2. Dissolve the first two ingredients for Solution A in a 
1 L flask containing 250 ml of distilled water. 


3. Dissolve the remaining ingredients for Solution A in the flask. 

4. Dilute Solution A to 500 ml by adding distilled water. 

5. Prepare Solution B by diluting 25 ml of 3% hydrogen 
peroxide to 500 ml with distilled water. 

6. Attach a 1 m coil of clear plastic tubing to a retort pole 
with clamps. 

7. Place a funnel in a ring clamp attached high on the retort 
pole. Place the lower end of the tubing in the second 
Erlenmeyer flask. 

8. Dim the room lights. 

9. Slowly pour Solution A and Solution B into funnel. 

A. During this reaction, luminol is changed into an ion called 
aminophthalate. Which entity has more chemical energy 
associated with its structure: luminol or aminophthalate? 
How can you tell? Ml 

B. Suggest applications for this reaction, d 


Introduction 






organic compound a molecular 
compound of carbon, not including 
CO(g), C02(g), and HCN(g) 


hydrocarbon a compound containing only 
carbon and hydrogen atoms 

saturated hydrocarbon a hydrocarbon 
with only single covalent bonds between 
its carbon atoms 

aikane a saturated hydrocarbon 


H 

I 

H—C—H 

I 

(a) H 




Figure 2 Two representations of the 
methane molecule: (a) the structural 
formula and (b) the ball-and-stick model 


Alkanes 

Organic chemistry is the study of carhon compounds. As a general definition, an 
organic compound is a molecular compound containing carbon with the exception of 
carbon monoxide, CO(g), carbon dioxide, C 02 (g), and hydrogen cyanide, HCN(g). 
Since carbon has 4 valence electrons, its atoms tend to form 4 covalent bonds. 
Carbon atoms often bond with one another to form chains. These chain struc¬ 
tures become the backbones of a range of molecules, some of them very complex. 
Carbon-based molecules are the building blocks for life on Earth. 

Most fuels are hydrocarbons, whose molecules consist only of carbon atoms and 
hydrogen atoms connected by covalent bonds. Hydrocarbon fuels include natural 
gas, gasoline, fuel oil, and diesel fuel. NASCAR racing cars burn an unleaded fuel 
similar to that used in most cars on the street (Figure 1). Natural gas, which is pri¬ 
marily methane, is a major fuel for electric power plants. Butane and propane are 
used to heat homes and to fuel tools such as soldering torches. 



Figure 1 Hydrocarbons are sources of fuel all over the world. 


Burning carbon-based fuels is a major contributor to global warming, according 
to most scientific models, due to the release of carbon dioxide into the atmosphere. 
Other environmental problems have also been associated with the release of carbon- 
containing compounds to our atmosphere and oceans. The use of hydrocarbons as 
fuel needs to be balanced with the ability of Earths carbon cycle to remove carbon 
dioxide from the atmosphere. 

Alkanes: Saturated Hydrocarbons 

A hydrocarbon is a compound that is composed only of carbon and hydrogen atoms. 
A saturated hydrocarbon, also known as an alkane, is a hydrocarbon in which all bonds 
between the carbon atoms are single bonds. The simplest saturated hydrocarbon (alkane) 
is methane, CH 4 , with just 1 carbon atom bonded to 4 hydrogen atoms. Methane has a 
tetrahedral structure (Figure 2). 

Ethane, C 2 H 6 , contains 2 carbon atoms. Each carbon atom in ethane is bonded to 4 
atoms in a tetrahedral arrangement. Figure 3 shows three ways of depicting ethane. Figure 
3(a) is a structural formula that uses chemical symbols to represent atoms, and hnes to 
represent individual bonds between atoms. Figure 3(b) is a ball-and-stick model that 
represents the atoms as spheres and incorporates “sticks” to represent the bonds between 
them. Figure 3(c) is a space-filling model in which atoms are depicted as spheres pro¬ 
portional to the actual size of the atoms. Models (b) and (c) show the three-dimensional 
arrangement of atoms in the molecule, which is not evident in the structural formula. 
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H H 


I I 

H—C—C—H 

I I 

H H 


#4 *-C 


(a) (b) (c) 

Figure 3 Three representations of ethane, CjHe: (a) the structural formula, (b) the ball-and-stick 
model, and (c) the space-filling model 

Table 1 shows the first ten alkanes. As you can see, the compound names all have a 
prefix, which indicates the number of carbon atoms, and the suffix -ane. The general 
chemical formula for an alkane is C„H 2 „+ 2 - Notice how the subscript indicating the 
number of CH 2 groups increases with the number of carbon atoms in the molecule. 


Table 1 The First Ten Alkanes 


Number of C atoms 

Name 

Molecular formula 

Condensed formula 

1 

methane 

CH4 


2 

ethane 

CjHb 

CH3CH3 

3 

propane 

C3H8 

CH3CH2CH3 

4 

butane 

C4H10 

CH3(CH2)2CH3 

5 

pentane 

C5H12 

CH3(CH2)3CH3 

6 

hexane 

^6^14 

CH3(CH2)4CH3 

7 

heptane 

C7H16 

CH3(CH2)5CH3 

8 

octane 

CaHia 

CH3(CH2)6CH3 

9 

nonane 

C9H20 

CH3(CH2)7CH3 

10 

decane 

C10H22 

CH3(CH2)3CH3 


Alkanes in which the carbon atoms form long chains are called straight-chain alkanes. 
Structural formulas of alkanes typically show the carbon atoms lying along a straight 
line (Figure 4(a)). Empirical evidence indicates, however, that the angle between any two 
carbon bonds in a chain is 109.5°, not 180°. The physical arrangement of carbon atoms in 
a straight-chain alkane therefore has a zigzag configuration (Figvue 4(b)). 



Line Diagrams 

In a line diagram, imagine that there 
is a carbon atom at the end of every 
line and at the intersection of every 
line. Each one is surrounded by 
the maximum number of hydrogen 
atoms. For example, there are 8 
carbon atoms and 18 hydrogen 
atoms in Figure 4(c). 


HHHHHHHH 

I I I I I I I I 

H-C-C-C-C-C-C-C-C-H 

I I I I I I I I 

j) HHHHHHHH 




Figure 4 (a) The structural formula, (b) the ball-and-stick model, and (c) the line diagram of octane, CgHig 


Not all alkanes are based on straight chains. Their carbon atoms can also join to 
form rings and branches. A cyclic alkane, or cycloalkane, is a hydrocarbon in which 
the carbon atoms form a closed loop instead of a chain. Cyclopropane, CjHg, is the 
simplest cyclic alkane. Its carbon atoms form an equilateral triangle with bond angles 
of 60° (Figure 5). The general formula of cyclic alkanes is C„H 2 „. # web link 


A 

Figure 5 Cyclopropane, CgHe 
cyclic alkane a hydrocarbon In which 
the main structure consists of a chain of 
carbon atoms joined to form a closed ring 
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Mini Investigation 


Arranging Carbon Atoms 

Skills: Performing, Observing, Communicating handbook « ■ 


Each carbon atom can bond with 4 different atoms. Carbon chains 
form a variety of configurations, such as iong chains, branched 
chains, and cyclic structures, in this investigation, you wiil 
construct models of some different carbon compound structures. 
Equipment and Materials: moiecuiar modelling kit 

1. Use the moiecuiar modeiiing kit to buiid a modei of a molecuie 
that contains 5 carbon atoms and 12 hydrogen atoms. 

2. Draw a structural formula of your molecule. 


3. Using the same model parts, build another molecule that 
cannot be twisted into the same shape as the original 
molecule. 

4. Draw a structural formula of this molecule. 

A. How many different molecules of C5H12 are possible? 

B. Predict the number of arrangements that are possible for 
CbHh. Test your prediction, m 


alkyl group one or more carbon atoms 
that form a branch off the main chain of a 
hydrocarbon 

substituent group an atom or group that 
replaces a hydrogen atom in an organic 
compound 


structural isomer a compound that has 
the same molecular formula as another 
compound, but a different structure 


Structural Isomerism 

In all of the examples we have examined so far, the molecules form chains or rings 
in which each carbon atom is bonded to 2 other carbon atoms. The only exceptions 
are the carbon atoms at the ends of the chains, which are bonded to only 1 other 
carbon atom. Some hydrocarbons, however, contain one or more hydrocarbon 
branches attached to the main structure of the molecule. The branch is called an 
alkyl group. ALkyl groups are named with the prefix indicating the number of carbon 
atoms in the branch (as in Table 1) and a -yl suffix. An alkyl group consisting of a single 
carbon atom and 3 hydrogen atoms (-CH3) is called a methyl group. A group with a 
2-carbon chain (-CH 2 CH 3 ) is an ethyl group. An alkyl group is a type of substituent group, 
which is any atom or group that replaces hydrogen in an organic molecule. 

Most hydrocarbons with 4 or more carbon atoms exhibit structural isomerism. 
Structural isomerism occurs when 2 molecules each have the same numbers and 
types of atoms but these atoms are bonded in different ways. Each molecule is a 
structural isomer of the other. For example, there are 2 alkanes that have the molecular 
formula C 4 H 1 Q (Figure 6 ). Butane is a straight-chain molecule, while methyl-propane 
has a branched structure. Both have the formula C 4 Hig, but because of their different 
structures, these compounds exhibit different properties. For example, the boiling 
point of butane is —0.5 °C, whereas that of methylpropane is —12 °C. 


H H H H 

I I I I 

H-C-C-C-C-H 

I I I I 

H H H H 



(a) bufane 


H 

I 

H—C—H 
H I H 

I I I 

H —C—C—C—H 

I I I 

H H H 



(b) mefhylpropane 


Figure 6 (a) Bufane (b) The branched isomer of butane: methylpropane. In this structure, one of 
the C-C bonds appears to be longer than the others. This is only to make the structure easier to 
interpret. The bonds are actually the same length. 


Naming Alkanes 

There are millions of organic compounds, so it would be impossible to have—or to 
remember—simple common names for all of them. The International Union of Pure 
and Applied Chemistry (lUPAC) has established a system for naming chemicals that 
is used worldwide. Other naming systems are still used frequently, though, so you 
may see compounds named differently in contexts outside this course. 

The names of the alkanes beyond butane are obtained by adding the suffix 
-am to the Greek root for the number of carbon atoms (Table 1). For a branched 
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structure* 


Namet 


hydrocarbon, we use the longest continuous chain of carbon atoms to determine the 
root name for the hydrocarbon. We indicate the length of a branch by the name of the 
alkyl group, and its location by numbering from the shortest end of the parent chain. 

Cyclic hydrocarbons are named in a similar way. The name is based on the number 
of carbon atoms in the ring, with the prefix cyclo- added. 

In the following tutorial, you will practise drawing and naming several different 
types of alkanes. # web link 


Tutorial 1 Naming and Drawing Alkanes 


This tutorial outlines a systematic way of naming an organic compound or drawing its 
structure. In either case, you need to first recognize the longest carbon chain in the 
compound and then identify any substituent groups that may be present. 

1. Identify the longest carbon chain, called the parent chain. 

2. Identify all of the groups (substituents) attached to the parent chain (Figure 7). 

3. Number the parent chain from the end so that the substituents are attached to the 
carbon atom with the lowest possible number. If there are two or more groups and the 
numbering is a tie, the group that comes first alphabetically gets the lowest number. 

4. If the same substituent is present more than once, use a prefix to indicate this (di-, 
tri-, tetra-) and include a number to Indicate each substituent’s location. 

5. When writing the final name, list substituents in alphabetical order, ignoring any 
prefixes. Separate words by hyphens; separate numbers by commas. If there are two 
possible ways to arrange a parent chain, use the simplest possible arrangement. 


-CH3 

methyl 

—CH2CH3 

ethyl 

—CH2CH2CH3 

propyl 

I 

CH3CHCH3 

propan-2-yl, or 
isopropyl 

—CH2CH2CH2CH3 

butyl 

I 

CH3CHCH2CH3 

butan-2-yl, or 
sec-butyl 


* The bond with one end open shows the point of 
attachment of the substituent to the carbon chain, 
t The first name for each group is the iUPAC name. 
You may see the other names in other contexts. 

Figure 7 Alkyl groups through C4 


Sample Problem 1: Naming Unbranched Alkanes from Structural Formulas 

Determine the correct name for the following compound: 


H H H H H H 

I I I I I I 

H-C-C-C-C-C-C-H 

I I I I I I 

H H H H H H 

Solution 

step 1. Identify the parent chain. 

There are 6 carbon atoms in the chain, so it is hexane. 

Step 2. Identify all of the groups (substituents) attached to the parent chain. 

This is an unbranched alkane. It has no substituent groups. 

The compound is named hexane. 

Sample Problem 2: Naming Branched Alkanes from Structural Formulas 

Determine the correct name for each of the following compounds: 

(a) H H H H H H H H (b) CH3 

I I I I I I I I 

H—C—C-C-C—C-C-C—C-H 9H3 CHj CH3 

I I I I I I I I II I 

H H CH3 H I H H H CH2 HC-CH3 CH3 

H—C—H CH3CHCH2CHCH2CH2CHCH2CH3 

H—C—H 

I 

CH3 

Solution (a) 



Memory Aid: Table of Terms 

You might find it helpful to create 
a 3-column table summarizing the 
naming of alkanes with 1 to 10 
carbon atoms. List the unbranched 
straight-chain alkanes, the 
unbranched cyclo alkanes, and the 
alkyl groups. 


Step 1. Identify the parent chain. 

The longest carbon chain has 8 carbon atoms. Its root name is octane. 
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CHjCH —CHCHj 

I I 

CH 3 CH 3 
2,3-dimethylbutane 

CH 3 

CH 3 —C—CH 2 CH 3 
CH 3 

2 , 2 -climethylbutane 


Step 2. Identify all of the groups (substituents) attached to the parent chain. 

H H 

I I 

H-C-C 

I I 

H H 

I 

H-C-H 

I 

CH 3 

Step 3. Number the parent chain from the end so that the substituent is attached to the 

carbon atom with the lowest possible number. If there are two or more groups and the 
numbering is a tie, the group that comes first alphabetically gets the lowest number. 
Numbering from the left gives the lowest numbers: 3 for the methyl group and 
5 for the propyl group. 

Step 4. If the same substituent is present more than once, use a prefix to indicate this 
(£//-, tri-, tetra-) and include a number to indicate each substituent’s location. 
Methyl groups are attached to carbon atoms 3 and 6 , so the prefix is di-. 

Step 5. When writing the finai name, list substituents in alphabetical order, ignoring any 
prefixes. Separate words by hyphens; separate numbers by commas. 

“Methyl” comes before “propyl” in the alphabet, so the name begins with 
3-methyl-5-propyl. The compound’s name is 3-methyi-5-propyloctane. 



Figure 8 Notice how the two methyl 
groups are numbered in these structural 
isomers. 


Notice that structural formulas are sometimes condensed, eliminating the bonds around 
the carbon atoms that do not have substituent groups. This arrangement takes less space 
and makes it easier to see the substituent groups (Figure 8). 


Solution (b) 


Identify the parent chain. 


CH3 


The parent chain has 10 carbon atoms, so its 

1CH3 

CH2 

CH 3 

root name is decane. 

CH2 

HC—CH 3 

CH 2 


^1 I I 

CH3CHCH2CHCH2CH2CHCH2CH3 

34 56 7 89 10 

Step 2. Identify all of the groups (substituents) attached to the parent chain. 

This compound has a 1 -carbon group, a 4-carbon group, and a 2-carbon group. 
According to Figure 7, the substituent groups are methyl, butan-2-yl, and ethyl. 


I 

CH2 CH3 
HC—CH 3 CH 2 
H2CHCH2CH2CHCH2CH3 

5 6 7 8 9 10 

8 7 6 5 4 3 2 1 

Numbering from either end places the first group on carbon atom 3. However, 
“ethyl” comes before “methyl” in the alphabet, so number from the “ethyl” end of 
the molecules, using the blue numbers. This places the ethyl group on carbon 3, 
the butan- 2 -yl group on carbon 6 , and the methyl group on carbon 8 . 

Step 4. If the same substituent is present more than once, use a prefix to indicate this 
(di-, tri-, tetra-) and include a number to indicate each substituent’s location. 

The same substituent does not appear more than once. 


Step 3. Number the parent chain from the end so that 
the substituent is attached to the carbon atom 
with the lowest possible number. If there are CH 3 

two or more groups and the numbering is a tie, q|^ 

the group that comes first alphabetically gets ^ 1 9 ^ 

the lowest number. CH 3 CHC 

3 4 
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step 5. When writing the name, list substituents in alphabetical order, ignoring prefixes. 
Separate words by hyphens; separate numbers by commas. 

The substituents will be listed in the order butan-2-yl, ethane, and methane. This 
compound is 6-butan-2-yl-3-ethyl-8-methyldecane. 


Sample Problem 3: Naming Cyclic Alkanes from Structural Formulas 

Determine the correct name for the compound on the right. 

Follow the same steps as for naming a branched alkane, except 
that you are naming the parent carbon ring in Step 1. 


HjC 


CH3 

/CH^ 






H2C4 

I 


CH3 


Solution 

step 1. Identify the parent carbon ring. 

The ring contains 6 carbon atoms, so it is a cyclohexane. 

Step 2. Identify all of the groups (substituents) attached to the parent chain. 

The ring has two alkyl groups bonded to it: both methyl 
groups. 

Step 3. Number the carbon atoms in the ring to give the two 
groups the lowest numbers. If there are two or more 
groups and the numbering is a tie, the group that 
comes first alphabetically gets the lowest number. 

Both groups are “methyl,” so the numbering can start 
with either group and give the same answer: 1 and 3. 

Note that you do not have to include the number “1 ” if 
only one substituent is present on the ring. 

Step 4. If the same substituent is present more than once, use a prefix to indicate this 
(di-, tri-, tetra-) and include a number to indicate each substituent’s location. 
There are two methyl groups, so the name includes “dimethyl.” 

Step 5. When writing the name, list substituents in alphabetical order, ignoring prefixes. 
The name of the compound is 1,3-dimethylcyclohexane. 


"CHr 


CH 3 


;cH^ 


CH 3 



Numbering Carbon Atoms 

Always use the lowest possible 
numbers. For example, the methyl 
groups in Sample Problem 3 are on 
carbon atoms 1 and 3, not 1 and 5. 


When you are given the name of an alkane and asked to draw its structure, follow these steps: 

1. Draw the parent chain or carbon ring from the last part of the compound name. 

2. Identify the carbon atoms where each of the substituents is attached. 

3. Draw the substituents attached to the parent chain or ring. 


Sample Problem 4: Drawing Alkanes 

Draw structural formulas for each of the following compounds: 

(a) 4-ethyl-3,5-dimethylnonane 

(b) 7-ethyl-2-methyl-4-(propan-2-yl)decane 

(c) 1 -ethyl-2-propylcyclobutane 


Solution (a) 

step 1 . Draw the parent chain from the last part of the compound name. 

The root name nonane indicates that the compound has a 9-carbon backbone. 
Step 2. Identify the carbon atoms where each of the substituents is attached. 

The numbers 4,3, and 5 indicate that substituents are attached at these carbon 
atoms. 
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step 3. Draw the substituents attached to the parent chain. 


It has an ethyi group bonded to the 
fourth carbon atom, and methyl 
groups bonded to the third and fifth 
carbon atoms. Therefore, the structure 
of 4-ethyl-3,5-dimethylnonane is as shown: 

Notice that, in this and iater structures, the condensed notation is used. 


CH 3 CH 2 CH — CH—CHCH 2 CH 2 CH 2 CH 3 
CH3 CH2 CH3 
CH 3 


Solution (b) 


step 1. Draw the parent chain from the last part of the compound name. 
The decane chain has 10 carbon atoms. 


Step 2. Identify the carbon atoms where each of the substituents is attached. 

There are substituents on carbon atoms 7, 2, and 4. 

Step 3. Draw the substituents attached to the parent chain. 


The moiecuie has 3 substituents: a 
methyl group on carbon 2, a propan-2-yl 
group (which is a 3-carbon chain bonded 
at the second carbon atom) on carbon 4, 
and an ethyl group on carbon 7.7-ethyl- 
2-methyl-4-(propan-2-yl)decane therefore 
has the following structure: 


CH3 CH3 

I I 

CH 3 HC—CH 3 CH 2 

CH3CHCH2CHCH2CH2CHCH2CH2CH3 

1 23 45 6 78 9 10 


Solution (c) 

step 1. Draw the carbon ring from the last part of the compound name. 

Cyclobutane is a ring of 4 carbon atoms. 

Step 2. Identify the carbon atoms where each of the substituents is attached. 

The substituents are attached at carbon atoms 1 and 2. 

Step 3. Draw the substituents attached to the ring. 

This compound has an ethyi group and a propyl 
group bonded to adjacent carbon atoms on the ring. 

Because ethyl comes first alphabetically. It Is placed 
on carbon atom 1. Therefore 1-ethyl-2-propylcyclobutane 
has the following structure: 


CH 2 CH 3 



'CH2CH2CH3 


Practice 

1. Write the name of each of the following compounds: m 

(a) CH3CH2CH2CH2CH2CH2CH2CH3 (d) CH3 CH3 

(b) CH3CH2CHCH2CH3 I I 

I CH 3 -CH 2 -CH-CH 2 -CH-CH 3 



2. Draw a structural formula for each of the following compounds: QQ a 

(a) decane (c) 2,3-dimethylpentane 

(b) 3-ethyl-5-methylheptane (d) 1,3-diethylcyclopentane 
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Properties of Alkanes 

The two elements that make up hydrocarbons are carbon and hydrogen. These two ele¬ 
ments have similar electronegativities. This means that the bonds between carbon and 
hydrogen are close to being non-polar. Coupled with the fairly even arrangement of 
hydrogen atoms within alkane molecules, this causes the molecules to be non-polar. Van 
der Waals forces are the main intermolecular force in hydrocarbon compounds. These 
forces are very weak, so alkanes exhibit relatively low boiling and melting points (Table 2). 


Table 2 Selected Properties of the First Ten Straight-Chain Alkanes 


Name 

Formula 

Molar 

mass 

(g/mol) 

Melting 
point (°C) 

Boiling 
point (°C) 

Number of 
structural 
isomers 

methane 

CH4 

16 

-182 

-162 

1 

ethane 

C2H6 

30 

-183 

-89 

1 

propane 

C3H8 

44 

-187 

-42 

1 

butane 

C4H10 

58 

-138 

0 

2 

pentane 

C5H12 

72 

-130 

36 

3 

hexane 

CfiHu 

86 

-95 

68 

5 

heptane 

C7H16 

100 

-91 

98 

9 

octane 

CgHis 

114 

-57 

126 

18 

nonane 

CgH20 

128 

-54 

151 

35 

decane 

C10H22 

142 

-30 

174 

75 


The boiling points of alkanes are related to the length of the carbon chain: as 
the chain gets longer, the boiling point gets higher. Chemists take advantage of this 
pattern to separate mixtures of alkanes using a process called fractional distillation. 
During fractional distillation, the temperature of a mixture of hydrocarbons is slowly 
increased. As the boiling point of each alkane is reached, the alkane boils out of the 
mixture. Chemists can collect the vapour and condense it to obtain mixtures of 
alkanes with similar boiling points and carbon chain lengths. 

Fractional distillation (or fractionation) is used on an industrial scale in oil refin¬ 
eries (Figure 9). It enables oil and gas companies to separate the crude oil extracted 
from the ground. Fractional distillation separates the lighter fractions of the crude, 
such as natural gas and other fuel gases, from the heavier fractions that are used to 
make waxes, asphalt, and so on. (# web link 

Reactions of Alkanes 


In general, alkanes are fairly unreactive. For example, at 25 °C, alkanes do not react with 
acids, bases, or strong oxidizing agents. This chemical inertness makes them valuable 
as lubricating materials and as the backbone for structural materials such as plastics. 

Alkanes are used as fuels because their complete combustion releases a lot of energy, 
along with carbon dioxide and oxygen. For example, the complete combustion of 
butane with oxygen is represented by the equation 

2 C 4 Hio(g) + 13 02 (g) -> 8 C02(g) + 10 H20(g) -F thermal energy 
Although all alkanes burn, some are much more combustible than others. Smaller, 
gaseous alkanes, such as methane and ethane, are highly flammable. Longer-chain 
alkanes are difficult to ignite until heated to a temperature at which they vaporize. 
In addition, different hydrocarbons release different quantities of energy per unit of 
mass when they burn. These and other properties affect how we use alkanes. 



Figure 9 In a fractionation tower, 
fractionai distillation separates the 
iighter components of crude oii from 
the heavier fractions. 


complete combustion a chemical 
reaction in which a compound reacts 
with oxygen, O2; if the compound is a 
hydrocarbon, the products of the reaction 
are carbon dioxide, water, and thermal 
energy 
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UNIT TASK BOOKMARK 


Mixtures of alkanes, such as gasoline, 
are sometimes used as solvents. 
Consider their effectiveness and their 
safety as you work on the Unit Task 
outlined on page 116. 


The combustion of fuels to provide energy for transportation and electricity also 
produces carbon dioxide and water. Carbon dioxide is a naturally occurring green¬ 
house gas that helps keep Earth warm by reducing the proportion of the Suns heat 
that is reflected back into space. While this greenhouse effect is necessary for life on 
Earth, too much carbon dioxide contributes to climate change. As a result, many 
countries are investigating alternative energy sources to reduce the consumption of 
hydrocarbons for energy. 

Table 3 lists some common uses of alkanes. 


Table 3 Selected Uses of Alkanes 


Length of carbon chain 

Uses 

1-4 

Fuels such as natural gas for heating and cooking, propane for 
barbecues and soldering torches (Figure 10), and butane for lighters 

5-12 

Fuels such as gasoline 

12-18 

Fuels such as jet fuel 

18-20 

Fuels such as home heating oil 

20-30 

Lubricating oils such as engine oil 

30-40 

Fuel oils such as ship fuel 

40-50 

Waxes and thick oils such as paraffin wax and petroleum jelly 

More than 50 

Tars used in road surfacing 



alkyl halide an alkane in which one or 
more hydrogen atoms have been substituted 
with one or more halogen atoms 


Alkyl Halides 

Sometimes alkanes include substituent groups that are halogens, such as chlorine or 
fluorine. An alkane that contains a halogen is called an alkyl halide. Alkyl halides may be 
formed by substitution reactions: 

CH4 + CI2 ^ CH3CI + HCl 
CH3CI + CI2 ^ CH2CI2 + HCl 
CH2CI2 + CI2 ^ CHCI2 + HCl 
CHCI3 + CI2 ^ CCI4 + HCl 


H, 

H' 


\ / \ / 

H H Br Br 


.H 

"H 


1,3-dibromopentane 


Figure 11 The name of this alkyl 
halide includes numbers to indicate the 
position of the 2 bromine atoms. 


Alkyl halides may include more than one halogen element. For example, substi¬ 
tuted methanes containing both chlorine and fluorine are called chlorofluorocarbons 
(CFCs) or Freons. Their general formula is CF^Cl^. These compounds are non-toxic 
and mostly unreactive. They have been extensively used as coolant fluids in refrig¬ 
erators and air conditioners. Unfortunately, their chemical inertness allows Freons 
to remain in the atmosphere for so long that they eventually reach the stratosphere, 
where they react with ozone and damage Earths protective ozone layer. Therefore, the 
use of these compounds is being rapidly phased out. 

Alkyl halides are named by writing the root of the halogen name first, with the 
suffix - 0 , followed by the name of the parent alkane. If necessary to avoid ambiguity, 
the position of the halogen is specified with a number (Figure 11). As usual, the sub¬ 
stituent groups are written in alphabetical order. 

The halogens are much more electronegative than are carbon and hydrogen. When 
halogens bond to a hydrocarbon chain or ring, they attract electrons, pulling them 
away from the carbon atoms. This makes the molecule polar. The resulting polarity 
increases the strength of the intermolecular forces. Since more energy is needed to 
overcome these forces, the boiling and melting points of alkyl halides are higher than 
those of the corresponding alkanes. 
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Review 
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Summary 

• Hydrocarbons contain hydrogen and carbon. In a saturated hydrocarbon, the 
atoms of carbon are bonded to each other hy single bonds. 

• Structural isomers are compounds that have the same molecular formula hut 
different molecular geometry. 

• Alkanes may have a straight-chain structure or a ring structure. Substituent 
groups may he attached to the parent structure. 

• Alkyl halides are alkanes in which halogen atoms have substituted for one or 
more hydrogen atoms. 

Questions 


1. Define each of the following terms: 013 

(a) organic compound 

(h) alkane 

(c) structural isomer 

(d) substituent group 

(e) alkyl group 

(f) alkyl halide 

2. Name the following compounds: E21D 

(a) CH 3 

H3C-C-CH2-CH3 

CH3 


(h) 


H3C — CH— CH— CH2—CH— CH2—CH3 

I I 

CH3 CH2—CH3 



3. Draw and name five structural isomers that all have 
the molecular formula CgHi 4 . qq Da B 

4. Draw the structural formula and write the molecular 
formula for each of the following alkanes: DO B 

(a) 3,4-dimethylheptane 
(h) 2 , 2 -dimethylpentane 

(c) 4-propyl-3,5-diethyloctane 

(d) l-ethyl-3-propylcyclohexane 

5. Draw the structural formula for each of the following 
compounds: BB 

(a) 1,3-dihromocyclopentane 
(h) 4-chloro-l-fluorobutane 
(c) 3-iodo-4-methylnonane 

6 . (a) Why does water not mix with liquid 

hydrocarbons? 

(b) Most hydrocarbons are less dense than water. 
How does this difference in density affect the 
cleanup of an oil spill on a still lake? 

(c) Some liquid organic halides are denser than water. 
How might this difference affect the cleanup of an 
organic halide spill in a river? 013 B 

7. 2,2,4-trimethylpentane (isooctane) is used as a 
reference for octane ratings for gasoline. Draw the 
structural formula for isooctane. B B 

8 . A methane leak can pose an extreme fire and 
explosion hazard, especially in an enclosed area. 

In contrast, a leak of paraffin is typically not a 
significant hazard. Use your knowledge of the 
properties of different types of alkanes (including 
the information in Tables 2 and 3) to explain the 
differences in danger of these two substances. B B 

9. A chemist burns samples of ethane, pentane, nonane, 
and dodecane (which contains 12 carbon atoms 
per molecule) and measures the volume of carbon 
dioxide produced during each reaction. If the chemist 
starts with the same amount (in moles) of each 
compound, which will produce the largest volume 
of carbon dioxide? Explain your answer. B B 
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unsaturated hydrocarbon an organic 
compound, consisting of carbon and 
hydrogen, with one or more double or 
tripie bonds joining pairs of carbon atoms 
within the molecules 



(b) H-C=C-H 
Figure 1 (a) An oxyacetylene torch 
burns ethyne (acetylene) in oxygen, 
(b) Ethyne contains a triple bond. 


H H 

I I 

H —C=C—H 

Figure 2 The 2 carbon atoms in ethene 
are joined by a double bond. 

alkene a hydrocarbon that contains at 
least one carbon-carbon double bond 

alkyne a hydrocarbon that contains at 
least one carbon-carbon triple bond 




cyclohexane 



4-methyl cyclopentene 
Figure 3 Structural formulas for two 
cyclic alkenes 

aliphatic hydrocarbon a compound 
that has a structure based on straight or 
branched chains or rings of carbon atoms 


Alkenes and Alkynes 

As you learned in Section 1.1, all of the carbon-carbon bonds in an alkane are single 
bonds. In other organic compounds, however, double or triple covalent bonds con¬ 
nect some of the pairs of carbon atoms. A hydrocarbon containing carbon-carbon 
double or triple bonds is called an unsaturated hydrocarbon because each molecule 
contains fewer than the maximum number of hydrogen atoms. Unsaturated hydro¬ 
carbons have a variety of uses in industry and everyday life. For example, ethyne 
(commonly known as acetylene) is the fuel used in welding and cutting torches. This 
molecule contains a triple bond between its 2 carbon atoms (Figure 1). 

Ethene, another unsaturated hydrocarbon, is used in agriculture to help ripen fruit 
more quickly. Ethene contains a carbon-carbon double bond (Figure 2). Note that 
each carbon atom always has four bonds. In an ethene molecule each carbon bonds 
to 3 atoms (1 carbon and 2 hydrogen atoms), but the carbon-carbon bond is a double 
bond. In ethyne (Figure 1), each carbon atom is bonded to only 1 hydrogen atom; 
the remaining three bonds connect to the other carbon atom. In this section, you will 
learn about hydrocarbons that contain multiple bonds. 


Alkenes and Alkynes: Unsaturated Hydrocarbons 

A hydrocarbon that contains at least one carbon-carbon double bond is called an 
alkene. Alkenes with one double bond have the general formula C„H 2 „. The simplest 
alkene is ethene, C 2 H 4 (Figure 2). 

An unsaturated hydrocarbon that contains at least one triple bond between 2 
carbon atoms is called an alkyne. Alkynes with one triple bond have the formula 
C„H 2 „_ 2 . The simplest alkyne is ethyne (Figure 1). 

Longer unsaturated compounds can include both single and multiple bonds. Like 
alkanes, alkenes and alkynes can form ring structures (Figure 3). 

Scientists use the general term aliphatic hydrocarbon to refer to a compound that has 
a structure based on straight or branched chains or rings of carbon atoms. Alkanes, 
alkenes, and alkynes are all aliphatic hydrocarbons. 

Naming Alkenes and Alkynes 

Like alkanes, unsaturated hydrocarbon names are based on the longest hydrocarbon 
chain. The name of an alkene ends in -ene and the name of an alkyne ends in -yne. 
For example, the alkane CjHg is propane, the alkene CjHg is propene, and the alkyne 
C 3 H 4 is propyne. Tutorial 1 describes in detail the process for naming and drawing 
unsaturated hydrocarbons using the lUPAC convention. # web link 


Tutorial 1 Naming and Drawing Alkenes and Alkynes 


The rules for naming alkenes and alkynes are similar to those for alkanes. 

1. Identify the parent chain or ring that contains the multiple bond. 

2. Identify whether the chain or ring contains a double bond (in which case it is an 
alkene) or a triple bond (in which case it is an alkyne). If the hydrocarbon chain has 
more than one double or triple bond, add a suffix to show the number of multiple 
bonds (such as -diene or -triene). 

3. Number the parent chain or ring so that the first carbon atom involved in a multiple 
bond has the lowest possible number. Write this number before the suffix. (This is 
only necessary if there are more than 3 carbon atoms.) 

4. Number and name any substituents using the same ruies as were used for aikanes. 
If the double or triple bond is in the middle of a chain, start the numbering from the 
end nearer the substituent group. 
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Following these rules, CHj = CHCH2CH3 is called but-1-ene and CH3CH = CHCH3 
is called but-2-ene. You may encounter an older naming method in which the number of 
the first carbon to include the multiple bond is written at the beginning of the name. For 
example, but- 2 -ene would be called 2 -butene. 

As another example, a chain of 8 carbon atoms with double bonds at the second, 
fourth, and sixth carbon atoms is named octa-2,4,6-triene. An 8 -carbon chain with triple 
bonds at the second, fourth, and sixth carbon atoms is octa-2,4,6-triyne. 

CH3CH = CHCH = CHCH = CHCH3 CH3C= CC = CC = CCH3 

octa-2,4,6-triene octa-2,4,6-triyne 

In the following sample problem, you will learn how to name unsaturated 
hydrocarbons by examining their structural formulas. Next, you will learn how to draw 
their structural formulas from their names. 


Sample Problem 1: Naming Alkenes and Alkynes 

Determine the correct name for each of the following compounds: 


(a) CH 3 CH 2 C=CCHCH 2 CH 3 

CH 2 

CH3 

(b) CH3CH = CHCH = CH2 

(c) CH 2 = CHCHCICH 2 CH 3 


(d) CH 3 

H2C CH2 
\ / 
HC=CH 


Solution (a) 


step 1. 

Step 2. 

Step 3. 

Step 4. 


Identify the parent chain or ring that contains the multiple bond. 

In this compound, the longest chain is 7 carbon atoms with one triple bond, so 
the root name contains hept-. 

Identify whether the chain contains a double bond (in which case it is an alkene) 
or a triple bond (in which case it is an alkyne). 

The molecule contains a triple bond, so it is an alkyne. Its name contains -yne. 
The root name is therefore heptyne. 


Number the parent chain so that the first carbon atom involved in a multiple 
bond has the lowest possible number. Write this number before the suffix. 


The triple bond is attached to the third carbon atom: hept-3-yne. 
CH3CH2C=CCHCH2CH3 
CH2 
CH3 


Number and name any substituents using the same rules as were used for 
alkanes. If the double or triple bond is in the middle of a chain, start the 
numbering from the end nearer the substituent. 

The ethyl group is bonded to the fifth carbon atom in the chain: 5-ethyl. 
This compound is 5-ethylhept-3-yne. 


Solution (b) 

step 1. Identify the parent chain or ring that contains the multiple bond. 
The unbranched chain has 5 carbon atoms: pent-. 
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step 2. Identify whether the chain contains a double bond or a triple bond. 

There are two double bonds, so it is a pentadiene. 

Step 3. Number the parent chain so that the first carbon atom involved in a multiple 
bond has the lowest possible number. 

The double bonds are on the first and third carbon atoms so this compound is 
penta-1,3-diene. 

Solution (c) 

step 1. Identify the parent chain or ring that contains the multiple bond. 

There are 5 carbon atoms in the chain: pent-. 

Step 2. Identify whether the chain contains a double bond or a triple bond. 

There is one double bond, so the compound is a pentene. 

Step 3. Number the parent chain so that the first carbon atom involved in a multiple 
bond has the lowest possible number. 

The double bond is between the first and second carbon atoms: pent-1 -ene. 
Step 4. Number and name any substituents using the same rules as were used for 
alkanes. If the double or triple bond is in the middle of a chain, start the 
numbering from the end nearer the substituent. 

This compound contains a chlorine atom bonded to atom 3. 

Therefore, this compound is 3-chloropent-1-ene. 

Solution (d) 

step 1. Identify the parent chain or ring that contains the multiple bond. 

The ring contains 5 carbon atoms: cyclopent-. 

Step 2. Identify whether the ring contains a double bond or a triple bond. 

There is one double bond, so it is a cyclopentene. 

Step 3. Number the parent ring so that the first carbon atom involved in a multiple bond 
has the lowest possible number. 

In a ring, the carbon atoms are always numbered so that the multiple bond is 
between carbon atoms 1 and 2: cyclopent-1-ene. 

Step 4. Number and name any substituents using the same rules as were used for alkanes. 
Whichever way you count around the ring, the methyl group is attached to 
carbon atom 4. 

This compound is therefore 4-methylcyclopent-1-ene. 

When you are given the name of an alkene or alkyne and asked to draw its structure, the 
steps are similar to those for drawing an alkane: 

1. Draw the parent chain or carbon ring from the last part of the compound name. 

2. Identify the carbon atom where each of the multiple bonds (and substituents) is attached. 

3. Draw the multiple bonds (and substituents) at the appropriate locations. 

Sample Problem 2: Drawing Structures of Alkenes and Alkynes 

Draw the structural formula of each of the following compounds: 

(a) 2-methylpenta-1,4-diene 

(b) 4,5-dimethylhept-2-yne 

Solution (a) 

step 1. Draw the parent chain or carbon ring from the last part of the compound name. 
The name penta- 1,4-diene tells us that the longest carbon chain is 5 carbon atoms. 


step 2. Identify the carbon atom where each of the multiple bonds (and substituents) is 
attached. 

The name diene indicates that the compound contains two double bonds. The 
number 1,4 tells us that these double bonds are between the first and second 
and fourth and fifth carbon atoms. The 2-methyl part of the name indicates that 
the molecule also contains a methyl group bonded to the second carbon atom. 
Step 3. Draw the multiple bonds (and substituents) at the appropriate locations. 


H2C=C —CHj—CH = CH2 


Solution (b) 

step 1. Draw the parent chain or carbon ring from the last part of the compound name. 

The longest carbon chain is 7 carbon atoms. 

Step 2. Identify the carbon atom where each of the multiple bonds (and substituents) is 
attached. 

It contains one triple bond between the second and third carbon atoms. It also 
contains two methyl groups, bonded to the fourth and fifth carbon atoms. 

Step 3. Draw the multiple bonds and substituents at the appropriate locations. 

CH3 

I 

H3C —C=C—CH—CH —CH2—CH3 

CH3 


Practice 

1. Name each of the following compounds: QQ 

(a) CH2=CH—CH2—CH3 (c) CH3 CH3 


(b) CH2CH3 

CH3 —CH = CH —CHCH3 


C=C—CH—CH2—CH3 
(d) CH3 Br 


2. Draw the structural formula for each of the following compounds: qq b 

(a) hex-3-ene (c) 7-bromooct-3-yne 

(b) 6-methylhepta-2,4-diene (d) 3-ethylcyclopent-1-ene 




Isomers of Pentene 

Skills: Performing, Observing, Communicating 


Equipment and Materials: molecular modelling kit 

1. Use the molecular modelling kit to build all the possible 
isomers of pentene. 

2. After building each isomer, draw its structural formula and 
write its molecular formula. 


A. How many isomers of pentene are there? 

B. Are there more isomers of pentene than pentane? Explain 
your answer, ebi 

C. Look for a predictive pattern based on the number of 
multiple bonds in a hydrocarbon and the number of possible 
isomers. Explain your conclusion, m 
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Figure 4 These two pentene structures 
represent two different compounds 
because the molecule cannot rotate 
around the double bond. 

stereoisomers molecules that have 
the same chemical formula and 
structural backbone, but with a different 
arrangement of atoms in space 
cis isomer a stereoisomer in which the 
groups of interest are located on the same 
side of a double bond 
trans isomer a stereoisomer in which the 
groups of interest are located on opposite 
sides of a double bond 


H3C CH3 H3C H 

- >c^-C— - 


H H H CH3 


(a) c/s-but-2-ene (b) £ra/7s-but-2-ene 
Figure 5 Two stereoisomers of but- 
2-ene. In c/s-but-2-ene, the methyl 
groups are on the same side of the 
double bond. In fra/7s-but-2-ene, the 
methyl groups are on opposite sides of 
the double bond. 


Cis-Trans Isomerism 


If you used a molecular modelling kit in Section 1.1 to build isomers of pentane, you 
probably noticed that you can rotate the carbon “atoms” around the single bonds con¬ 
necting each atom. As a result, you could create many three-dimensional models that 
look different but are actually identical, having 5 carbon atoms in a chain. However, 
when you made the models of pentene, you may have noticed that you cannot rotate 
the carbon atoms around the double bond. Therefore, the groups on different sides of 
a double bond are in a fixed position relative to each other (Figure 4). 

The two pentene structures in Figure 4 are stereoisomers. Stereoisomers have 
the same kind and number of atoms bonded in the same order but have different 
arrangements in space. Stereoisomers cannot be changed from one to another by 
simple rotation. Bonds would have to be broken and re-formed. Stereoisomers are 
distinct compounds with different properties, such as different melting points. 

In this textbook we use the terms cis and trans to describe the positions of the parts 
of a molecule around a double bond. A cis isomer has matching alkyl groups located on 
the same side of the double bond. The trans isomer has the groups located on opposite 
sides of the double bond (Figure 5). When we refer to the “sides” of the double bond, 
we mean the two sides of the molecule divided by a line running along the double 
bond. We use the cis/trans naming system only when two of the substituents are the 
same (methyl groups in this case), and only for alkenes. lUPAC conventions use a dif¬ 
ferent system, incorporating the letters E and Z, which you may see in other contexts. 


Tutorial 2 Naming and Drawing Cis-Trans Isomers 


In this tutorial, you will practise naming and drawing cis and trans isomers of alkenes. 


Sample Problem 1: Naming Stereoisomers 

Figure 6 shows two stereoisomers of pent-2-ene. Name each stereoisomer. 


H3C^ /CH2-CH3 


(a) 

Figure 6 

Solution 





(b) 


'CH2-CH3 


In Figure 6(a), the substituent groups are bonded to the same sides of the pair of double-bonded 
carbon atoms. Therefore, Figure 6(a) shows c/s-pent-2-ene. In Figure 6(b), the two substituent 
groups are on opposite sides of the double bond, so Figure 6(b) shows /ra/7s-pent-2-ene. 


When drawing structural formulas for compounds that are stereoisomers, follow the same 
steps that you have already practised for drawing structural formulas. The only difference 
is the position of the parts of the molecule on either side of the double bond. 

1. Draw the parent chain or carbon ring from the last part of the compound name. 

Leave the bonds on either side of the double bond empty for now. 

2. Identify the carbon atom where each of the multiple bonds (and substituents) is attached. 

3. Draw the substituent groups on either side of the double bond according to whether 
the name includes cis or trans. 

4. Add any substituents at the appropriate locations. 


Sample Problem 2: Drawing Stereoisomers 

Draw structural formulas for c/s-1,2-dichloroethene and fra/7S-1,2,-dichloroethene. 

Solution 

step 1. Draw the parent chain or carbon ring from the last part of the compound name. 
Leave the bonds on either side of the double bond empty for now. 

Ethene contains 2 carbon atoms with a double bond between them: C=C 


22 


Chapter 1 • Organic Compounds 





step 2. Identify the carbon atom where each of the multiple bonds (and substituents) is 
attached. 

For ethene, the double bond can only be in one place: between the 2 carbon atoms. 
Step 3. Draw the substituent groups on either side of the double bond according to 
whether the name includes cis or trans. 


From the name of the compound, you know that it contains 2 chlorine atoms. 
You also know that each chlorine atom is bonded to a different carbon atom. 
Therefore, add 2 chlorine atoms: 1 on each of the carbon atoms. The 
cis isomer will have the chlorine atoms on the same side of the double bond; 
the trans isomer will have the chlorine atoms on opposite sides: 

Cl, /Cl Cl, /H 


h" "h h" "Cl 


c/s-1,2-dichloroethene trans-^ ,2-dichloroethene 

Step 4. Add any substituents at the appropriate locations. 

In this case, there are no other substituents to add. 


Practice 

1. Draw the c/sand frans isomers of the following compounds: qq a 

(a) hex-3-ene (b) 1 -bromoprop-1 -ene 

2. Name each of the following compounds: m 

(a) H (b) H, .H H 

I u r=r 

„ >=c/'X X X^H 

H H 

3. Draw the structural formulas and write the names of the two stereoisomers of 
2,4-dimethylhex-3-ene. ois a 


Reactions of Alkenes and Alkynes 

A functional group is a specific group of atoms within a molecule that affects the prop¬ 
erties of the compound, such as solubility, melting point, boiling point, and chemical 
reactivity with other elements or compounds. Multiple bonds are considered to be 
functional groups because they affect the properties of the molecules that contain 
them. For example, alkenes and alkynes are more reactive than alkanes. The double- 
bonded and triple-bonded carbon atoms are more likely to take part in reactions 
because the multiple bonds are less stable than single bonds between carbon atoms. 

One common type of reaction that alkenes and alkynes undergo is an addition 
reaction. In an addition reaction two molecules react to form one. The multiple bonds 
in alkenes and alkynes enable the organic molecules to react with hydrogen. The 
addition of hydrogen is a type of addition reaction known as hydrogenation, and 
results in the hydrocarbon becoming saturated (Figure 7). 

H. /H X 

C=C -F H, —> H—c—c—H 

" " H H 

ethene ethane 

(unsaturated) (saturated) 

Figure 7 An unsaturated molecule of ethene becomes saturated by the addition of a hydrogen 
atom on either side of the double bond. A molecule of ethane is formed. 



Remembering Cis and Trans 

To use cis and trans correctly, you 
could think of cis as being like 
sisters: side by side. And trans means 
“across,” as in transatlantic. 


functional group a group of atoms within 
a moiecuie that determines the properties 
of the moiecuie 


addition reaction a reaction in which 
the atoms from one moiecuie are added 
to another molecule to form a single 
molecule 
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Hydrogenation reactions, in which hydrogen atoms are added on either side of a 


multiple bond, can occur with alkenes, alkynes, 0 

r cyclic alkenes (Figure 8). 


H H 

H 3 C-C=C-H + H 3 ^ 

1 

- 0 - 

1 

- 0 - 

1 

0 

1 1 

H H 

H H 

(a) propene hydrogen 

propane 


H H 

H 3 C-C=C-H + 2 H 2 

> H 3 C-C-C-H 

1 1 


1 1 

H H 

(b) propyne hydrogen 

propane 



(c) cyclohexa-1,3-diene hydrogen cyclohexane 

Figure 8 Hydrogenation reactions for alkenes and alkynes in the presence of heat and a catalyst. 

(a) Propene reacts with hydrogen to form propane, (b) Propyne reacts with two moies of hydrogen 
per mole of propyne to form propane, (c) Cyclohexa-1,3-diene reacts with hydrogen to form 
cyclohexane. 

The alkene (or alkyne) gains atoms from the reacting molecule hut does not lose 
any atoms. Addition reactions may also occur with halogens, hydrogen halides such 
as hydrogen chloride, and water. 

In a halogenation reaction, a halogen such as bromine or chlorine reacts with an 
alkene or alkyne (Figure 9). The halogenation of an alkene produces an alkyl halide. 
The halogenation of an alkyne produces a halogenated alkene or, if excess halogen is 
present, an alkyl halide. A hydrogen halide such as hydrogen chloride or hydrogen 
bromide may also react with an alkene or alkyne. This reaction is called a hydro- 
halogenation reaction. The resulting compound includes both the halogen and the 
hydrogen atoms and may be a halogenated alkene or an alkyl halide. 


H3C—C=C—H + Cl — Cl 

I I 

H H 

propene chlorine 


Cl Cl 

I I 

> H3C-C-C-H 

I I 

H H 

1,2-dichloropropane 


H3C—C=C—H + Br —Br 
propyne bromine 


Br Br 

I I 

-A H3C— C=C—H 
c/s-1,2-dibromopropene 


Br Br 

I I 

H3C— C=C—H + Br —Br 


Br Br 

I I 

H3C—C—C—H 
Br Br 

(c) c/s-1,2-dibromopropene bromine 1,1,2,2-tetrabromopropane 
Figure 9 Halogenation reactions for alkenes and alkynes. 


Organic Compounds 


In a hydration reaction (Figure 10), water reacts with an unsaturated hydro¬ 
carbon. This reaction produces a type of organic compound that contains a hydroxyl 
group ( — OH). This compound is called an alcohol. 


H OH 

catalvst I I 

H —C=C—H + H2O H—C—C—H 

II II 

H H H H 

Figure 10 In this hydration reaction, ethene reacts with water in the presence of a catalyst and 
acid to form ethanol. 

Look again at Figures 8 and 9. In all of these reactions, the substance that is added 
to the hydrocarbon (Hj, CI 2 , or Br 2 ) is made up of 2 identical atoms. Therefore, only 
one possible product can form in each case. For example, you could switch the posi¬ 
tions of the 2 chlorine atoms in 1,2-dichloropropane (Figure 9(a)), but the product 
would be the same substance. In contrast, hydration reactions (Figure 10) and hydro- 
halogenation reactions add 2 non-identical atoms to the multiple bond. Therefore, 
more than one product is possible (Figure 11). 

H Br Br H 

II II 

H —C=C—CH3 + HBr —> H—C—C—CH3 or H—C—C—CH3 

II II II 

H H H H H H 

prop-1-ene hydrogen bromide 2-bromobutane 1-bromobutane 

Figure 11 When a hydrogen haiide reacts with an alkene, two different products are possibie. 

Markovnikov’s rule the rule for predicting 
the products of addition reactions: when 
a hydrogen halide or water is added to an 
aikene, the hydrogen atom generaily bonds 
to the carbon atom within the double bond 
that already has more hydrogen atoms 
bonded to it 


How can we predict which product will be formed? Markovnikov’s rule provides 
guidance on how the atoms will be added to the double bond. Markovnfkov’s rule is 
as follows: 

When a hydrogen halide or water molecule reacts with an alkene, the 
hydrogen atom will generally bond to the carbon atom in the multiple 
bond that has the most hydrogen atoms already bonded to it. 


Markovnikov’s rule applies to hydrohalogenation of both straight-chain and cyclic 
hydrocarbons (Figure 12). It also applies to hydration reactions. 


H Cl 

I I 

H —C=C—CHj—CH3 + HCI — > H —C—C—CHj—CH3 
H H H H 

but-1 -ene hydrogen chloride 2-chlorobutane 

Figure 12 According to Markovnikov’s rule, the hydrogen atom from the hydrogen chloride 
molecule bonds to the carbon atom that has the most hydrogen atoms already attached to it. 

Despite Markovnikov’s rule, small quantities of the other product will be pro¬ 
duced. If both of the carbon atoms have the same number of hydrogen atoms, an 
equal mixture of products will result. 

Sometimes a chemist may need to perform a hydrohalogenation or hydration 
reaction in which the hydrogen atom is added to the carbon atom that has the fewest 
hydrogen atoms already bonded to it. Therefore, chemists have developed strategies 
to overcome Markovnikov’s rule. They can use catalysts or other reaction conditions 
to change the expected outcome of a reaction. # career link 
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Tutorial 3 Predicting Products of Addition Reactions 


You can use the familiar skills of writing and balancing chemical equations, along with 
strategies for naming organic compounds, to predict the main products of addition reactions. 
Remember to look carefully at the multiple bonds in the organic reactant, and consider 
Markovnikov’s rule to establish where each atom will be placed in the product molecule. 

Sample Problem 1; Applying Markovnikov’s Rule 

Predict the major product of a hydration reaction of 2-methylpent-1-ene. 

Solution 

step 1. Draw the substances involved in the reaction. 

You will likely find it helpful to draw the structural formula for the organic 
reactant. Recall that a hydration reaction involves the addition of water to an 
unsaturated hydrocarbon. 

CH3CH2CH2C=C—H + H 2 O 
CH3 H 

2-methylpent-1 -ene water 
Step 2. Determine where the added entities will attach. 

During the reaction, the water molecule splits into a hydrogen atom and a hydroxyl 
group (— OH). These two entities will be added to the carbon atoms on either 
side of the double bond in the organic molecule. According to Markovnikov’s rule, 
the hydrogen atom will be added to the carbon atom that already has the most 
hydrogen atoms bonded to it. (“The rich get richer!”) Therefore, the hydrogen atom 
will bond to carbon 1, and the hydroxyl group will bond to carbon 2. 

OH H 

CH3CH2CH2C=C—H + H2O CH3CH2CH2C—C—H 

CH3 H CH3 H 

2-methylpent-1-ene water 2-hydroxy-2-methylpentane 

Step 3. Name the product. 

The major product of the reaction is 2-hydroxy-2-methylpentane. 

Practice 

1. Draw the structural formula and write the name of the major product in the reaction 
of 3-methylbut-1-ene and hydrogen chloride. I'H a 

2. Predict the major product of the reaction involving the following reactants. (You can 
Ignore the fact that a catalyst is required for this reaction.) Eza d 
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Review 


Summary 

• An alkene is a hydrocarbon that has at least one double bond between 2 
carbon atoms. The carbon chain is numbered using the lowest number for the 
double bond. The root name ends in -ene. 

• An alkyne is a hydrocarbon that has at least one triple bond between 2 carbon 
atoms. Naming alkynes is similar to naming alkenes. The root name ends in -yne. 

• Cis and trans isomers are compounds that are identical except for the position 
of groups on either side of a double bond. In cis isomers, the groups are 
located on the same side of the double bond. In trans isomers, the groups are 
located on opposite sides of the double bond. 

• Hydrocarbons with multiple bonds are more reactive than alkanes and 
participate in addition reactions in which atoms from one molecule are added 
to another molecule. Addition reactions include hydrogenation, halogenation, 
hydrohalogenation, and hydration. 

• Markovnikov’s rule states that, when two non-identical entities are added 
at a double bond, the major product will be formed by the hydrogen atom 
bonding to the carbon atom with more hydrogen atoms attached. 


Questions 


1. Create a flow chart to summarize the naming of 
alkenes and alkynes. ISIS D 

2. Classify each of the following compounds as an 
alkane, an alkene, or an alkyne. Explain your 
reasoning. QID 

(a) CH3CH2CHCHCH3 

(b) CH 2 CHCH 2 CH 3 

(c) CHCCH 2 CCH 


3. Name each of the following alkenes. (Ignore 
cis-trans isomerism for now.) QQ Bi 

(a) CH 2 = CH—CH 2 —CH 3 

(b) CH 2 CH 3 
CH3—CH = CH — CHCH3 



4. Draw the structure of each of the following 
compounds: BDD 

(a) 2,5-dimethylhept-3-ene 

(b) 3-bromopropyne 

5. Name each of the following alkynes: QIS E2i 

(a) Br 

H3C —C = C—CH2 

(b) CH 3 CH 3 

I I 

C=C—CH—CH2—CH3 


6 . 


Describe how you would identify whether a 
compound is a cis isomer or a trans isomer. 


7. Name each of the following compounds. Use 
cis-trans conventions. QQ DQ 

(a) H3C^ /CH2CH2CH3 


(b) Br /H 

H CH 2 CH 3 


8 . There is only one compound that is named 
1 , 2 -dichloroethane, but there are two distinct 
compounds that can be named 1 , 2 -dichloroethene. 
Why? QQ 

9. Write chemical equations, using condensed 
structural formulas, to represent the addition 
reactions that produce the following compounds. 
Include the names of the reactants. EZD D 

(a) 2,3-dichlorobutane 

(b) 3-bromohexane 

10. Predict the product(s) of the reaction that occurs 
when the following reactants are combined: DU D 

(a) pent- 1 -ene reacts with water and a catalyst. 

(b) Chlorine gas is bubbled through 
3-methylcyclohexene. 
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Figure 1 Michael Faraday (left) working 
in his chemistry lab 


aromatic hydrocarbon an unsaturated 
cyclic hydrocarbon with a pattern of 
bonding that makes it chemically stable 



1,2-dichlorobenzene 


Aromatic Hydrocarbons 

Michael Faraday (1791-1867) was the first person to isolate and identify benzene 
from a mixture of oils in 1825 (Figure 1). Since then, benzene has been used in many 
commercial products. One of its first uses was as an aftershave in the nineteenth and 
early twentieth centuries. In 1903, benzene was used to decaffeinate coffee. It was 
also used as an anti-knock additive in gasoline to control the ignition of the fuel until 
the 1950s, when it was replaced by tetraethyl lead. Benzene is also widely used in 
industry as a solvent in chemical reactions. Testing has identified benzene as a car¬ 
cinogen and implicated it in other health problems. As the hazards of benzene have 
become known, many of its commercial uses have been discontinued. 

What Is an Aromatic Hydrocarbon? 

An aromatic hydrocarbon is an rmsaturated hydrocarbon that has a ring structure and a 
bonding arrangement that causes it to be chemically stable. Benzene, CgHg, is a flat 6-carbon 
ring with a hydrogen atom bonded to each carbon atom (Figure 2). It is the simplest aro¬ 
matic hydrocarbon. The structural diagram often shows benzene as having three double 
bonds alternating with three single bonds. Measurements of the bond length between 
carbon atoms, however, have shown that all six bond lengths are equal. If benzene actu¬ 
ally had three double bonds, then those bonds would be shorter than the other three. To 
indicate that all six bonds are identical, the structure is shown as alternating between two 
arrangements of double bonds (Figure 2(b)) or as a hexagon with a circle inside (Figure 
2(c)). The hexagon with the circle indicates that the electrons in the bonds are shared 
equally between all 6 carbon atoms. 



(a) H (b) (c) 



CH3 

1 -ethyl-4-methylbenzene 
Figure 3 Substituted benzenes 


phenyl group a benzene ring (minus 
1 hydrogen atom) that behaves as a 
substituent in an organic compound 


CH3—CH2—CH2—CH^CHj 
6 

Figure 4 Benzene as a substituent 
group in 4-phenyipent-1-ene 


Figure 2 (a) The structure of benzene, a planar ring system in which all bond angles are 120° 

(b) Two structural formulas implying that the structure of benzene is a combination of them both 
together (c) The common representation of benzene 

Naming Aromatic Compounds 

There are two conventions for naming compounds that include a benzene ring. 
Which one we use depends on the structure of the other part of the compound. 

We use the first convention when naming aromatic compounds that have non¬ 
carbon substituents or a small alkyl group. In this case, the benzene ring is generally 
considered to be the parent molecule. The attached functional groups are named as 
substituents to benzene. If a single group is attached to a benzene ring, we put the name 
of the group before the root -benzene. For example, chlorobenzene, CgHgCl, has one 
chlorine atom replacing a hydrogen atom on the benzene ring. Compounds made up 
of a benzene ring with one or more halogen atoms attached are called aromatic halides. 

If two or more substituents are bonded to the benzene ring, we number the carbon 
atoms of the benzene ring starting with the first substituent (alphabetically) and 
continue numbering in the direction of the next closest substituent. Figure 3 shows 
some examples. 

In the second naming convention, the benzene ring is considered to be a substituent 
on a hydrocarbon chain. A benzene ring that has lost 1 hydrogen atom is called a phenyl 
group, just as a methyl group is like a methane molecule that has lost 1 hydrogen atom. 
The compound is named using "phenyl” as the substituent (Figure 4). # web link 
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Tutorial 1 Naming and Drawing Aromatic Compounds 


Aromatic hydrocarbons with one or more simpie substituents are named by adding 
the substituent name(s) to the root “benzene.” If the substituent is complex, such as a 
hydrocarbon chain with a muitipie bond, consider this the parent group and the benzene 
ring the substituent. In this tutoriai, you wiil recognize when to use each convention, and 
practise naming and drawing compounds using both conventions. 


Sample Problem 1: Naming Aromatic Compounds 

Name the compounds represented by the foliowing structural formulas: 

(a) CH2CH3 (b) H3C—CH2—CH —CH2—CH2—CH3 

CH3 

Solution (a) 

The structure has three simple substituents, so can be named as a 
substituted benzene. Number the carbon atoms to give the substituents 
the lowest numbers. 

This compound is 1 -ethyl-2,4-dimethylbenzene. 

Solution (b) 

Treat the benzene ring as the substituent. The alkane chain is a hexane and the benzene 
ring is bonded to the third carbon atom in the chain. Therefore, this compound is 
3-phenylhexane. 

Sample Problem 2: Drawing Aromatic Compounds 

Draw the structural formula for each of the following compounds: 

(a) 1 -bromo-2-chloro-4-ethylbenzene 

(b) 4,6-diphenyloct-2-ene 

Solution (a) 

First, draw the benzene ring and number the carbon atoms. 

Next, add the substituents as indicated in the name: a bromine 
atom on carbon 1, a chlorine atom on carbon 2, and an ethyl 
group on carbon 4. 

Solution (b) 

First, draw the parent alkene, oct-2-ene. Next, add the benzene rings to the fourth and 
sixth carbon atoms. 


Br 



CH2CH3 


CH2CH3 




Traditional Names for Aromatic 
Hydrocarbons 

An older naming convention for 
substituted aromatic compounds used 
the Greek prefixes ortho-, meta-, 
and para- to indicate the positions 
of substituents. Ortho substituents 
are on adjacent carbon atoms in 

1.2 positions. Meta substituents 
are separated by 1 carbon atom in 

1.3 positions. Para substituents are 
located on opposite sides of the 
6-carbon ring in 1,4 positions. 
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Practice 


1. Name each of the following compounds: qq 



2. Draw the structural formulas of the following compounds: ESi D 
(a) 1-fluoro-3-methylbenzene (b) 2-phenylbut-2-ene 



toluene 

Figure 5 Toluene (methylbenzene) is a 
substituted benzene compound with one 
methyl group substituted for a hydrogen 
atom. 


Properties of Aromatic Hydrocarbons 

Many aromatic hydrocarbons are liquids at room temperature, while others are crys¬ 
talline solids. Their symmetrical structure causes them to be non-polar unless they 
contain an electronegative substituent, so they are generally insoluble in water. From 
its discovery and well into the second half of the twentieth century, benzene was 
widely used as a solvent in industrial processes and for dry cleaning clothes. Since the 
discovery that benzene is carcinogenic, other chemicals have replaced benzene in 
the workplace. One replacement compound is methylbenzene, commonly known as 
toluene, CgHsCHj (Figure 5). 


Reactions of Aromatic Compounds 



Aromatic compounds tend to be quite 
volatiie, which means that they easiiy 
evaporate and disperse in the air. You 
may consider the properties of aromatic 
compounds as you work on the Unit 
Task, described on page 116. 


Cl 


Its unusual bonding makes the benzene ring behave quite differently from an unsatu¬ 
rated hydrocarbon. Unsaturated hydrocarbons easily undergo addition reactions. 
However, benzene does not because its bonds are not really alternating double and 
single bonds. Each bond in benzene is identical and they are much more stable than 
a carbon-carbon double bond. Bond strength is between that of a single and that of a 
double bond. In general, therefore, aromatic compounds are much less reactive than 
alkenes. The hydrogenation of benzene to form cyclohexane requires high tempera¬ 
tures and a catalyst. Benzene does undergo substitution reactions in which hydrogen 
atoms are replaced by other atoms, such as halogens (Figure 6). 

Substitution reactions are characteristic of saturated hydrocarbons, and addition 
reactions are characteristic of unsaturated ones. Benzene reacts more like a saturated 
hydrocarbon because of the specialized bonding in the benzene ring (Figure 7). 



(b) 



H2O 


(b) 



HCI 



Figure 6 Substitution reactions of benzene, (a) Reaction with 
chlorine, Clj, produces chlorobenzene (an aromatic halide) and 
hydrogen chloride, (b) Reaction with nitric acid, HNO3, produces 
nitrobenzene and water, (c) Reaction with chloromethane, CH3CI, 
produces toluene and hydrogen chloride. 



Figure 7 Reactions of cyclohexane, benzene, and cyclohexene with chlorine, 
(a) Cyclohexane reacts with chlorine in a substitution reaction. A hydrogen 
atom is lost as the chlorine atom is gained, (b) Benzene reacts with chlorine 
in a substitution reaction, like cyclohexane, (c) Cyclohexene reacts with chlorine 
in an addition reaction: no atoms are lost from the organic compound. 
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Review 


Summary 


• Aromatic hydrocarbons are a class of cyclic unsaturated hydrocarbons that 
have a ring structure and bonding that causes them to be chemically stable. 

• Measurements show that the bonds in a benzene ring are all equal in length. 

• Naming aromatic compounds with one or more simple substituents requires 
just the addition of the substituent group name. Naming aromatic compounds 
with a more complex substituent requires treating the benzene ring, named 
“phenyl,” as a substituent on a carbon chain. 

• Benzene is less reactive than alkenes. Since it participates in substitution 
reactions, benzene behaves more like an alkane. 

Questions 


7 


1. Name the compounds represented by the following 
structural formulas: Qd 



2. Draw the structural formula for each of the 
following compounds: 013 B 

(a) l,3-dichloro-4-ethylbenzene 

(b) l-bromo-3-phenylhept-5-yne 

3. (a) Draw the chemical equation for the reaction 

between benzene and bromine, Br 2 . Is this 
reaction likely to occur? Explain why or why not. 
(b) How would your answer to (a) be different if 
the organic reactant were cyclohexene instead 
of benzene? DU 

4. Draw structural formulas representing the reaction that 
produces iodobenzene. Label the reactants and classify 
the reaction as addition or substitution, qq ESI B 


5. Mothballs are small lumps of pesticide that 
discourage moths from damaging woollen 
clothing. The main component of mothballs is 
paradichlorobenzene. ESI B B 

(a) What is the proper lUPAC name for this 
compound? (See the Learning Tip on page 29.) 

(b) Draw the structure of paradichlorobenzene. 

(c) When you order this chemical from a company, 
the label says “paradichlorobenzene” even 
though that is not the correct lUPAC name. 
Why do you think the compound is labelled 
this way? Do you think it is a good idea, or 
should all products be labelled with their 
lUPAC name? Explain your reasoning. 

6. (a) Predict the products of reactions involving the 

following reactants: 

(i) cyclohexene and hydrogen bromide 

(ii) benzene and chloroethane 

(b) Explain how these two reactions are different, 
and the reason for the differences. QQ E2i 

7. One aromafic compound fhaf has been the subject 
of many studies is bisphenol-A. This chemical was 
used as a hardener in many plastics, but studies have 
uncovered a possible link to adverse health effects. 

As a result, Canada has now banned some products, 
including baby bottles, containing bisphenol-A. Find 
out more about this substance and the decision to 
restrict its use. Create a graphic organizer showing 
the pros and cons of banning products containing 
bisphenol-A. 0 ESI B D 

8. Benzene has, in the past, been used as a solvent in 
the dry-cleaning industry. Research this use, discover 
why its use is being phased out, and find out what 
“greener” alternatives are now used for dry cleaning. 
Present your findings in an atfention-grabbing formaf 
for your sfafed targef audience. B n 
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Figure 1 Flambe is a cooking technique 
in which aicohol is added to food and 
heated until the aicohol ignites. 


alcohol organic compound that contains 
the hydroxyl (-OH) functional group 


primary alcohol an alcohol In which the 
hydroxyl group is bonded to a terminal 
carbon atom 

secondary alcohol an alcohol in which 
the hydroxyl group is bonded to a carbon 
atom with two alkyl groups bonded to it 

tertiary alcohol an alcohol in which the 
hydroxyl group is bonded to a carbon atom 
with three alkyl groups bonded to it 


Alcohols, Ethers, and Thiols 

The flammability of alcohol was used in the past to determine whether producers of 
distilled alcoholic beverages were watering down their product. Ethanol, which con¬ 
tains 2 carbon atoms, is the alcohol in alcoholic beverages. To determine whether a 
beverage contained a certain concentration of ethanol, a small quantity of gunpowder 
was mixed with the beverage. If a spark ignited the gunpowder, the liquid contained 
at least 57 % alcohol by volume and the beverage was considered to be full strength: 
not watered down. Beverages that passed this test were labelled ‘TOO percent proof.” 
If the gunpowder did not ignite, the alcohol concentration was under proof and the 
water concentration too high. Most modern alcoholic-beverage containers still list 
the proof of the contents, but today the numerical value is typically based on the per¬ 
centage of ethanol by volume. The mention of proof on the label of alcoholic drinks 
is for historical reasons. These days, the flammability of ethanol is more often used in 
the cooking technique known as flambe (Figure 1). 

Although there are many important alcohols, the two simplest, methanol and 
ethanol, have the greatest commercial value. Methanol, also known as wood alcohol 
because it was originally obtained by heating wood in the absence of air, is now 
generally manufactured from methane. Ethanol can be manufactured by an addition 
reaction of ethene, although most ethanol, including beverage alcohol, is produced by 
fermentation of sugars from plants. Although ethanol is legally consumed in Canada, 
it has serious health effects and is toxic in large quantities. 


Alcohols 


An alcohol is an organic compound that contains the hydroxyl group (-OH). Alcohols 
are classified according to the number of other carbon atoms that are directly bonded 
to the carbon atom attached to the hydroxyl group. For example, the 4-carbon 
alcohol, butanol, has three different isomers. Their properties depend on the arrange¬ 
ment of the carbon atoms within the molecule. Butan-l-ol (Figure 2(a)) is a primary 
alcohol because the -OH group is attached to the carbon atom at the end of the carbon 
chain, which has only 1 carbon atom attached to it. Butan-2-ol (Figure 2(b)) is a sec¬ 
ondary alcohol because the -OH group is bonded to a carbon atom that is attached to 
2 other carbon atoms. In a tertiary alcohol, such as 2-methylpropan-2-ol (Figure 2(c)), 
the carbon atom is bonded to the -OH group and 3 carbon atoms from alkyl groups. 


H 

I 

CH3—CHj—CHj—C—H 

OH 


H 

I 

CH3—CHj—C—CH3 

OH 


(a) butan-1-ol (b) butan-2-ol 

a primary alcohol (1 °) a secondary alcohol (2°) 

Figure 2 Examples of the three classes of alcohols 


CH3 

I 

CH3—C—CH3 

OH 

(c) 2-methyl-propan-2-ol 
a tertiary alcohol (3°) 


The presence of the electronegative oxygen atom in the -OH group affects the 
polarity of the molecule. The C-O bond is significantly more polar than the C-H 
bond based on the electronegativity difference between carbon and oxygen compared 
to that between carbon and hydrogen. The bond between oxygen and hydrogen is 
also polar. Therefore, alcohols (unlike hydrocarbons) are polar molecules. 
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Naming and Drawing Alcohols 

lUPAC conventions for naming alcohols are similar to those for naming alkenes. 
We name an alcohol by replacing the final -e of the parent hydrocarbon with -ol. 
The name includes the number of the carbon atom to which the hydroxyl group 
is attached. If the chain also has hydrocarbon or halide constituents, we assign the 
lowest number to the carbon atom with the hydroxyl group. 

The isomers of alcohols have different properties. For example, there are two iso¬ 
mers of propanol (Figure 3). Propan-l-ol is used as a solvent for lacquers and waxes, 
and as brake fluid. The ofher isomer, propan-2-ol (isopropyl alcohol), is also known 
as rubbing alcohol. It is used as an antiseptic to clean the skin before injections and in 
the manufacture of oils, gums, and propanone (also known as acetone). Both isomers 
of propanol are toxic to humans and many other animals if ingested. 

Alcohols containing more than one -OH group are referred to as polyalcohols. 
The suffix -dial (for two -OH groups) or -trial (for three -OH groups) is added to the 
alkane name instead of -ol A common example of a polyalcohol is ethane-1,2-diol 
(Figure 4(a)), commonly known as ethylene glycol. This compound is widely used 
as antifreeze in automobile engines. Another common polyalcohol is propane-1,2,3- 
triol, commonly called glycerol or glycerine (Figure 4(b)). Since glycerine has a low 
toxicity and is soluble in water, it is frequently used in pharmaceutical preparations to 
help dissolve less polar compounds. The solubility in water is due to the three -OH 
groups, which increase the polarity. 

Cyclic hydrocarbons may also form alcohols. The naming conventions for cyclic 
alcohols are the same as for straight-chain alcohols: Use the root name of the cyclic 
hydrocarbon, drop the ending, and add the suffix -ol. For example, fhe addition of 
an -OH group to cyclooctane results in cyclooctanol (Figure 5(a)). 

When numbering the atoms in a cyclic hydrocarbon, the -OH functional group 
takes precedence over other substituents in naming. An example is 2,2-dimethylcy- 
clohexanol. Even though there are two methyl groups, the number starts with the 
hydroxyl group (Figure 5(b)). 

An aromatic hydrocarbon can have a bonded -OH group added, forming an 
aromatic alcohol. The simplest aromatic alcohol is a benzene ring with one hydroxyl 
group bonded to it. The lUPAC name for this compound is phenol (Figure 5(c)). If 
the benzene ring has two -OH groups, the name is based on benzene and includes the 
numbers for the -OH groups. An example is benzene-1,2-diol (Figure 5(d)). 

In some cases, a different functional group takes precedence over the alcohol 
in naming. In this case, the -OH group is treated as a substituent, called hydroxyl 
This convention applies to carboxylic acids, aldehydes, and ketones, which will be 
discussed later. When there is a multiple bond in the chain, the -OH group takes 
precedence (for example: pent-4-ene-l-ol). 


Tutorial 1 Naming and Drawing Alcohols 


In this tutorial, you will first practise using the structure of an alcohol to determine its 
name. Then, you will practise drawing the structure of an alcohol from its name. 

Naming alcohols follows many of the same steps that you have already learned: 

1. Identify the longest carbon chain or ring. 

2. If there is only one -OH group, the compound has the suffix -ol. If more than one 
group, use the suffixes -dial or -trial. 

3. Number the parent chain from the end so that the -OH group is attached to the 
carbon atom with the lowest possible number. 

4. Identify any other substituents and their locations. 

5. If you are required to identify the type of alcohol, count the number of carbon atoms 
bonded to the atom to which the -OH group is attached. 


OH 

I 

CH3— CHj— CH2— OH CH3— CH— CH3 
propan-1 -ol propan-2-ol 

Figure 3 The two isomers of propanol 


H— 


OH OH 

I I 

C-C—H 

I I 


OH OH OH 

I I I 

H-C-C-C-H 

I I I 

H H H 


(a) ethane-1,2-diol (b) propane-1,2,3-triol 
Figure 4 Two commonly used polyalcohols 



(b) 2,2-dimethylcyclohexanol 



(c) phenol (d) benzene-1,2-diol 
Figure 5 Four cyclic alcohols 
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Sample Problem 1: Naming Alcohols from Structural Formulas 

Name the following alcohol and identify it as a primary, secondary, or tertiary alcohol: 


CH3 


CH3CCH2CH2CH3 

OH 


Solution 


step 1. Identify the longest carbon chain or ring. 

In this compound, the longest chain has 5 carbon atoms: pentane. 

Step 2. If there Is only one -OH group, the compound has the suffix -ol. If more than one 
group, use the suffixes -dial or -trial. 

There is one -OH group, so this compound is a pentanol. 

Step 3. Number the parent chain from the end so that the -OH group is attached to the 
carbon atom with the lowest possible number. 



The -OH group is attached to the second carbon atom: pentan-2-ol. 

Step 4. Identify any other substituents and their locations. 

There is also a methyl group attached to the second carbon atom. 

This compound is 2-methylpentan-2-ol. 

Step 5. Count the number of carbon atoms bonded to the atom to which the -OH group 
is attached. 

The carbon atom to which the hydroxyl group Is attached Is also bonded to 3 
other carbon atoms, so this is a tertiary alcohol. 

Sample Problem 2: Drawing Alcohols 

Draw the structure of butane-1,3-diol. 

Solution 

The name “butanediol” indicates that this alcohol consists of a 4-carbon chain with 
two hydroxyl groups attached to it. The hydroxyl groups are attached to the first and 
third carbon atoms. Therefore, the structure of this alcohol is 


H H H H 


H-C-C-C-C-H 


OH H OH H 


Practice 

1. Write the name for each of the following compounds: QQ 
(a) CH3—CH—CH2—CH2—CH2 ( 


(c) OH 


(b) 


CH3 - CH2 - CH2 - CH2 - C - CH - CH2 - CH, 


OH 


OH 


OH CH3 



CH2-CH3 


2. Draw the structural formula for each of the following alcohols: qq d 
(a) 2-chloro-2,5-dimethylheptan-3-ol (c) phenol 


(b) propane-1,3-diol 


(d) pent-2-ene-1,4-diol 
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Properties of Alcohols 

Alcohols typically have much higher boiling points than the corresponding unsub¬ 
stituted alkanes. For example, the boiling point of methanol is 65 °C while the 
boiling point of methane is -162 °C. Consider the intermolecular forces that occur 
in the compounds in order to understand the differences in properties. 

Methane molecules are non-polar and exhibit only weak van der Waals forces. 
The polarity of methanol molecules, however, results in very strong dipole-dipole 
forces. These dipole interactions allow hydrogen bonding between the hydroxyl 
groups of adjacent molecules. As you may recall, hydrogen bonding is a type of 
dipole interaction in which the hydrogen atom attached to a highly electronega¬ 
tive atom on one molecule is strongly attracted to an electronegative atom on 
another molecule. In methanol, a hydroxyl hydrogen atom on one molecule forms 
a hydrogen bond with the oxygen atom of a neighbouring molecule (Figure 6 ). 
Hydrogen bonding between alcohol molecules means that more energy is needed 
in order to separate molecules from one another. This additional energy must be 
added to change the liquid into vapour, so the boiling point is higher. 

Simple alcohols with short carbon chains are more soluble in water than those 
with longer carbon chains. The addition of the -OH group increases the polarity of 
the alcohol molecule and, therefore, its solubility in water. However, as the size of 
the carbon chain grows, alcohols are less soluble in water. Because the hydrocarbon 
region of an alcohol molecule is non-polar, alcohols tend to be able to dissolve both 
polar and non-polar substances. This makes alcohols very useful as solvents. 

Reactions Involving Alcohols 

Recall from Section 1.2 that an alkene may react with water to produce an alcohol. 
This hydration reaction is a form of addition reaction. Many alcohols are manufac¬ 
tured commercially by the addition reaction of an alkene and water. An example is 
the formation of an alcohol from but-l-ene and water, using sulfuric acid as a catalyst. 
There are two possible products of this reaction: butan-l-ol and butan-2-ol. The reac¬ 
tion follows Markovnikovs rule, however: the hydrogen atom tends to bond to the 
carbon atom at the end of the butene chain, leaving the -OH group to attach to the 
second carbon atom. The production of butan-2-ol is therefore favoured. (Figure 7). 

CH3CH2CH = CH2 + HOH CH3CH2—CH —CH2 
OH H 

but-1-ene water butan-2-ol 

Figure 7 The reaction of but-1-ene with water produces butan-2-ol. 

The modern method for production of methanol, CH3OH, combines carbon 
monoxide with hydrogen gas at high temperature and pressure, using a catalyst. The 
chemical equation for this reaction is 

CO(g) + 2H2(g)'-^CH30H(l) 

Ethanol or beverage alcohol, CH 3 CH 2 OH, is traditionally prepared by fermenting 
an aqueous sugar solution, usually from fruit or grains. This reaction requires the 
presence of yeast and the absence of oxygen. The chemical equation for this reaction 
is shown below. 

C6Hi206(aq) ^ 2 C02(g) + 2 C 2 H 50 H(aq) 

Like many organic compounds, alcohols undergo combustion with oxygen. This 
reaction, similar to the combustion of hydrocarbons, produces carbon dioxide and 
water. For example, the following equation represents the combustion of propanol: 

2 CH3CH2CH20H(1) + 9 02 (g) ^ 8 H20(g) + 6 C02(g) 

The reverse of the addition reaction that produces an alcohol is a dehydration reaction 
to form an alkene and water. The reaction is catalyzed by sulfuric acid, which removes 


UNIT TASK BOOKMARK 


Alcohols are relatively environmentally 
benign solvents for non-polar solutes. 
For the Unit Task (page 116), consider 
whether alcohols would be suitable 
alternatives to more toxic solvents. 


hydrogen bonding a strong dipole- 
dipole force between a hydrogen atom 
attached to a highly electronegative atom 
(N, 0, or F) in one molecule and a highly 
electronegative atom in another molecule 


hydrogen bond 

CH3-CH2 CH2 

CH3 

Figure 6 Hydrogen bonds form between 
the hydroxyl groups of adjacent alcohol 
molecules. 


Properties of Alcohols (page 63) 

In this controlled experiment you will 
make and test predictions about the 
properties of alcohols. 


dehydration reaction a reaction that 
involves the removal of a hydrogen atom 
and a hydroxyl group from the reactant, 
producing a slightly smaller molecule and 
water 
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the hydrogen atom and hydroxyl group. The two adjacent carhon atoms form a double 
bond. An example of a dehydration reaction is the dehydration of propanol. 


CH3CH —CH2 ' > CH3CH = CH2 + HOH 

I I 

OH H 

propanol propone water 


In dehydration reactions of secondary or tertiary alcohols containing more than 
3 carbon atoms, more than one alkene may potentially be produced. Predicting the 
major product is beyond the scope of this course. 


OH 

I 

CH3CH2CHCH3 


butan-2-ol 



H H 

I I 

CH3C=CCH3 + H2O (major product) 
but-2-ene 

CH3CH2C=CH2+H2O (minor product) 

I 

H 


but-1-ene 


In the following tutorial, you will study examples of reactions involving alcohols: 
addition and dehydration. Addition reactions will be familiar, as you encountered 
them in Section 1.2. 


Tutorial 2 Predicting Reactions Involving Alcohols 


In this tutorial, you will learn to predict the products of two different reactions involving 
alcohols. 


Sample Problem 1: Addition Reaction to Form an Alcohol 

Write the chemical equation for the addition reaction of pent-1-ene and water. 


Solution 

First, draw the reactants, pent-1-ene and water. 

H H 

I I 

H2C=C-C-C-CH3+ H2O 
H H H 

As the molecule being added is water, this is a hydration reaction. During the hydration 
reaction, the double bond will break. According to Markovnikov’s rule, a hydrogen atom 
from the water molecule will tend to bond to the carbon atom that is already bonded to the 
greatest number of hydrogen atoms. In pent-1-ene, that is the first carbon atom. 

H H OH H H 

II III 

H2C=C-C-C-CH3 + H2O ^ H3C-C-C-C-CH3 

III III 

H H H H H H 


pent-1-ene water pentan-2-ol 


Therefore, the main product of the reaction is pentan-2-ol. 
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Sample Problem 2: Dehydration Reaction of an Alcohol 

Write the chemical equation for the dehydration of ethanol. 

Solution 

During a dehydration reaction, a water molecule Is removed from an alcohol to form an 
alkene. Ethanol contains only 2 carbon atoms, so there is only one possibility for the 
position of the double bond; the resulting alkene is ethene. The chemical reaction is 

C^HsOHO) ^C^H^fg) + H^Ofg) 


Practice 

1. Draw the chemical equation, showing structural formulas, for the addition reaction 
that forms butan-2-ol. m 

2. Write the chemical equation for the dehydration of pentanol. lai 

Ethers 


Physicians and chemists have long searched for substances that would eliminate pain 
during medical procedures. A Boston dentist demonstrated the use of dinitrogen 
monoxide as an anesthetic in 1844. Around the same time, another organic com¬ 
pound was being tested. The compound ethoxyethane (also named diethyl ether or, 
at that time, simply “ether”) is an effective anesthetic. Although ethoxyethane has 
been used successfully for decades, it is very volatile and flammable. Because of this 
hazard, ethoxyethane has largely been replaced by safer compounds. Currently, its 
major use is as a solvent for fats and oils. 

An ether is an organic compound that contains a functional group in which an 
oxygen atom is bonded between 2 carbon atoms within a chain. Ethers can be syn¬ 
thesized from the reaction of alcohols. When the alcohols react, a molecule of water 
is produced in a condensation reaction; 


H H H 

I I I 

H—C—C—OH + H—C- 

I I I 

H H H 


H2SO4 

CH3CH2OH + CH3OH - > CH3CH2OCH3 + HOH 

ethanol methanol methoxyethane water 

Experimental evidence shows that the boiling points of ethers tend to be slightly 
higher than those of similar-sized alkanes but lower than the boiling points of 
similar-sized alcohols. We can explain this by comparing the intermolecular forces 
in each type of compound. Ethers do not contain hydroxyl groups and they cannot 
form hydrogen bonds as alcohols do. However, the C-O bond is polar. Furthermore, 
unbonded electron pairs on the oxygen atom give the molecule a V shape. As a result, 
we can conclude that ether molecules are somewhat polar. The intermolecular forces 
in ethers are stronger than those in hydrocarbons but weaker than those in alcohols. 

Ethers are useful solvents. The C-O bond allows them to dissolve highly polar 
substances, while the alkyl group allows them to dissolve less polar substances. 

Naming Ethers 

The lUPAC method to name an ether is to add the suffix -oxy fo the smaller hydrocarbon 
group that is bonded to the larger alkane group. For example, an ether made up of a 
methyl group and an ethyl group joined by an oxygen molecule is called methoxyethane. 
A commonly used alternative nomenclature uses the names of the two hydrocarbon 
groups followed by the word “ether:” methylethyl ether. If the two alkane groups are the 
same size, the prefix di- is used. Thus, mefhoxymethane would be called dimethyl ether. 


ether an organic compound containing 
an oxygen atom between 2 carbon atoms 
in a chain 

condensation reaction a chemical 
reaction in which two molecules combine 
to form a larger molecule and a small 
molecule, such as water 


UNIT TASK BOOKMARK 


Could we use ethers as solvents, to 
reduce toxic VOCs? Consider this 
question as you work on the Unit Task, 
described on page 116. 
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thiol an organic compound that contains 
the sulfhydryi (-SH) group 


Tutorial 3 Naming and Drawing Ethers 


In this tutorial, you will first practise naming ethers according to the lUPAC convention. 
Then, you will practise drawing structural formulas of ethers. 

When naming ethers, follow these steps: 

1. Identify the two alkyl groups. 

2. Write the name of the shorter alkyl group, then the suffix -oxy, then the name of the 
longer alkyl group as if it were an alkane. 

Sample Problem 1: Naming an Ether Given the Structural Formula 

Write the name of the ether shown below. 

H3C—CH2—CH2—0—CHj 

Solution 

step 1. Identify the two alkyl groups. 

This ether has a propyl group on one side of the oxygen atom and a methyl 
group on the other. 

Step 2. Write the name of the shorter alkyl group, then the suffix -oxy, then the name of 
the longer alkyl group as if it were an alkane. In this case, a number is required 
to indicate the carbon atom in the propyl group to which the methoxy group is 
attached. 

This ether is 1 -methoxypropane. 

Sample Problem 2: Drawing an Ether from Its Name 

Draw the structural formula for 1-ethoxybutane. 

Solution 

The longer carbon chain is butane, which has 4 carbon atoms. The shorter chain is ethyi, 
which has 2 carbon atoms. Therefore, 1-ethoxybutane has the foilowing structure: 

H3C—CH2— 0—CH2— CH2— CH2— CH3 


Practice 

1. Name each of the following ethers: qq 

(a) H H H H (b) H H H H H 

II II II III 

H-C-C-O-C-C-H H-C-C-O-C-C-C 

II II II III 

HH HH HH HHH 

2. Draw the structural formula of each of the following ethers: oa a 

(a) 2-methoxypropane (b) 3-ethoxypentane 


Thiols 


A thiol is an organic compound that includes the sulfhydryi functional group, -SH. 
The sulfhydryi group is similar to the hydroxy group, -OH. Thiols generally have 
strong odours. For example, a thiol gives garlic its strong odour. The smell associated 
with the spray of a skunk is also caused by a thiol. Since sulfur is present in the prod¬ 
ucts of digested proteins, thiols are also responsible for the strong stench of sewage. 

Gas delivery companies add thiols to natural gas to make leaks easier to detect, 
since natural gas itself (mostly methane) has no odour. 

Hydrogen peroxide reacts with thiols to form odourless disulfide compounds. 
Hence, hydrogen peroxide is sometimes used to neutralize the odours of many thiols. 

To name thiols, the suffix -thiol is added to the end of the alkane name. For 
example, HSCHj is methanethiol. 
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Review 


7 


Summary 

• Alcohols contain a hydroxyl group, —OH. The hydroxyl group allows alcohols 
to form hydrogen bonds. Alcohols can be further classified as primary, 
secondary, and tertiary. 

• Alcohols can be produced by hydration reactions of alkenes. Dehydration 
reactions use a catalyst and acid to change the alcohol back to an afkene and 
water. In a combustion reaction an alcohol reacts with oxygen, producing 
carbon dioxide and water. 

• Ethers can be produced from the condensation reaction of alcohols. Ethers 
are widely used as solvents because of their ability to dissolve both polar and 
non-polar substances. 

• Thiols contain the sulfhydryl functional group — SH. They typically have 
strong odours. 


Write the name of each of the following 
compounds: OS 


(b) 


OHH H 

I I I 

HjC—C—C—C- 

I I I 

H OHH 
OH 

I 


H H 

I I 
-c—c- 
I I 

H H 


CH3—CH—CH—CH^—CH2—CHj 

I 

CH3 



(f) H 3 C—CHj— CHj— CH 2 — O — CH 2 — CHj— CH 3 


(g) 

(h) 


H3C—CH2—SH 


Draw the structural formula for each of the 
following compounds: OS D 

(a) 5-bromohexan-3-ol 

(b) 2-methylpentan-3-ol 

(c) 3,5-dichloropentan-2-ol 

(d) cyclobutane- 1 , 2 -dithiol 

(e) 2 -methoxyheptane 

(f) cyclohex-4-ene-l,3-diol 

If you were given two samples and told that one was 
ethanol and one was heptan- 2 -ol, describe two 
tests that you could run on the samples to identify 
them. Bi 

Predict the product(s) of each of the following 
chemical reactions: Di 

(a) hept-l-ene-H water 

(b) butan-l-ol with sulfuric acid catalyst 

(c) propan- 1 -ol-t ethanol 

Write the chemical equation for the complete 
combustion of methanol. E21 
A chemist needs to synthesize 1-ethoxypentane. 

She has the following substances available: ethene, 
pent-l-ene, and water. Describe how the chemist 
could synthesize 1-ethoxypentane. (Assume that the 
chemist can use reaction conditions that allow her 
to overcome Markovnikov’s rule.) EZD D 
Rotten eggs have a distinct odour. Based on your 
reading in this section, what type(s) of compounds 
do you think are present in rotten eggs? Conduct 
research to check your reasoning, ip D 
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Aldehydes and Ketones 

Saffron, produced from the stamens of the crocus flower, is the most expensive spice 
on Earth (Figure 1). The cost per gram of saffron is approximafely equal to that of 
silver. An organic compound, safranal, is responsible for its characteristic aroma. The 
compounds responsible for the scents of saffron and many other spices, including 
cumin, vanilla, cinnamon, and ginger, all have a similar functional group: carbonyl. 
Not surprisingly, scents and perfumes contain many compounds with carbonyl 
groups. The solvents in some paint and fingernail polish removers, lacquers, and 
glues also have carbonyl groups. # web link 


carbonyl group a carbon atom double- 
bonded to an oxygen atom, found in organic 
compounds such as aldehydes and ketones 



Figure 1 The stamens of crocus flowers are removed and dried for use as the spice saffron. 


The Carbonyl Group 



Figure 2 A carbonyl group 

aldehyde an organic molecule containing 
a carbonyl group that is bonded to at least 
1 hydrogen atom 


Aldehydes and ketones both contain the carbonyl group. A carbonyl group is an atom 
of carbon double-bonded to an atom of oxygen (Figure 2). The carbonyl group is 
the functional group responsible for the properties of ketones and aldehydes. The 
difference between the two classes of compound is the location of the carbonyl group 
within the molecule. 

In an aldehyde, the carbonyl group is bonded to at least 1 hydrogen atom, which 
means that it is located at the end of the parent chain of the molecule. In the simplest 
aldehyde, methanal (also called formaldehyde), the carbon of the carbonyl group 
is the only carbon atom in the molecule (Figure 3). In longer molecules, such as 
butanal, the carbonyl group is at the end. 


0 

II 

propanone; a ketone 
Figure 4 The carbonyl group is always 
attached to 2 other carbon atoms in the 
carbon chain in a ketone molecule. 

ketone an organic compound that 
contains a carbonyl group bonded to 
2 carbon atoms 



H H 0 

I I 

H—C—C— C 

I I 

H H H 


jgj methanal 


(b) 


propanal 


Figure 3 The carbonyl group is always at the end of the carbon chain in an aldehyde molecule. 


A ketone is an organic compound whose molecules have a carbonyl group bonded 
to 2 carbon atoms in the carbon chain. The simplest ketone is propanone (also 
known as acetone), which has 3 carbon atoms including the one in the carbonyl 
group. Compare the structure of propanone (Figure 4) with the structure of propanal 
(Figure 3(b)). 
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Naming Aldehydes and Ketones 


The naming of aldehydes and ketones follows conventions similar to those of the com¬ 
pounds discussed in earlier sections. For an aldehyde, replace the final -e from the name 
of the parent alkane with the suffix -al As Figure 3(a) shows, the simplest aldehyde con¬ 
tains only the carbonyl group bonded to 2 hydrogen atoms. Its parent alkane is methane, 
so the aldehyde is called methanal. Position numbers are not used in naming aldehydes 
because the carbonyl group is always designated as carbon number 1 in the chain. 


Tutorial 1 Naming and Drawing Aldehydes 


Sample Problem 1: Naming Aldehydes from Structural Formulas 

Name the following compound: 

0 

CH3CH2CH2 —C —H 

Solution 

First, determine the name of the base alkane. This compound has a 4-carbon parent chain, 
so it is based on the alkane butane. The name of the corresponding aldehyde is butanal. 

Sample Problem 2; Drawing Aldehydes 

Draw the structure of each of the foliowing molecules: 

(a) hexanal (b) 7-hydroxyoctanal 

Solution (a) 

Hexanal is based on hexane. The suffix -a/tells us that the compound is an aldehyde, so 
it has a carbonyl group at one end (carbon atom number 1) of the carbon chain. 

0 

// 

H3CCH2CH2CH2CH2C 

Solution (b) 

7-hydroxyoctanal is based on octane. The carbonyl group is located on carbon atom 
number 1 and a hydroxyl group is located on carbon atom number 7. 

OH 0 

I II 

H3CCHCH2CH2CH2CH2CH2CH 

When representing molecules that have several carbon atoms, chemists sometimes use 
a convention called line diagrams. These are a “shorthand” form of structural diagrams in 
which the carbon atoms and their attached hydrogen atoms are not shown. Instead, you 
assume that there is a carbon atom at the end of each line and at every bend in the line, 
and that each carbon atom is surrounded by the maximum possible number of hydrogen 
atoms. The following Practice questions include an example of a line diagram. 

Practice 

1. Name each of the following aldehydes: IZD 

(a) 0 (c) 0 Cl 

CH3CH2CH2CH2CH HCCH2CH2CHCH3 

(b) 
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2. Draw the structure of each of the following aldehydes: bq b 

(a) butanal 

(b) 4-methylpentanal 

(c) 2-hydroxybutanal 

To name a ketone, the -e of the parent alkane is replaced with the suffix -one. 
The simplest ketone, shown in Figure 4, has 3 carbon atoms. Its name, derived from 
propane, is propanone. For ketones with 5 or more carbon atoms, the position of the 
carbonyl is designated by the number of the carbon atom of the carbonyl group. As 
usual, we assign the lowest possible number. 


Tutorial 2 Naming and Drawing Ketones 


Sample Problem 1: Naming Ketones from Structural Formulas 

Name the ketone shown below. 

0 

II 

CH3CH2CH2CCH2CH3 

Solution 

First, identify the parent alkane: hexane. Then, number the carbon atoms to give the 
carbonyl group the lowest possible number. This compound is hexan-3-one. 

Sample Problem 2; Drawing Ketones 

Draw the structural formula for 4,4-dimethyl-heptan-2-one. 

Solution 

First, draw the carbon chain for the parent alkane: heptane. Then, draw the carbonyl 
group attached to the appropriate carbon atom. Next, add the other substituent groups— 
two methyl groups—to their carbon atoms. Finally, add hydrogen atoms to the remaining 
carbon atoms so that each carbon has four bonds. 

0 CH3 

CH3CCH2CCH2CH2CH3 

CH3 


Practice 

1. Name the following ketones: bid 
( a) 0 


CH3CH2CCH3 

(b) 0 



42 Chapter 1 • Organic Compounds 



2. Draw the structures for the following ketones: BZi B 

(a) 4-methylheptan-3-one 

(b) 1,3-dichlorobutan-2-one 

(c) heptane-3,5-dione 

(d) cyclobutanone 

(e) 4-hydroxypentan-2-one 


Properties of Aldehydes and Ketones 


The chemical and physical properties of aldehydes and ketones are affected by the 
carbonyl group. Because oxygen has a much higher electronegativity than carbon, elec¬ 
trons from the double bond are attracted to the oxygen atom. As a result, the molecules 
are polar. They have dipole-dipole attractions but, since the molecules do not contain 
a hydroxyl group, they do not form hydrogen bonds with one another. Therefore, their 
boiling points are lower than similar alcohols. The presence of the carbonyl oxygen 
does allow aldehydes and ketones to form attractions with water molecules, so these 
molecules are more soluble in water than are alkanes, but less soluble than are similarly 
sized alcohol molecules. Small aldehydes and ketones are completely soluble in water, 
but the solubility decreases as additional carbons are added to the chain. Aldehydes and 
ketones are often used as solvents in industrial processes. 


Propanone (acetone) is a VOC that is 
widely used as a solvent. Consider its 
pros and cons as you work on the Unit 
Task, described on page 116. 


Reactions Involving Aldehydes and Ketones 

Historically, reactions in which oxygen is a reactant were referred to as oxidation 
reactions. The term has since come to have a broader meaning, including those reac¬ 
tions in which a substance loses electrons. The chemistry of these reactions will be 
discussed in Unit 5. 


Formation of Aldehydes and Ketones: Controlled Oxidation 

Aldehydes and ketones are synthesized by the controlled oxidation of alcohol. In 
a complete oxidation reaction (combustion reaction) of alcohol, the products are 
carbon dioxide and water. Thermal energy is also released. 

In the controlled oxidation of an alcohol, the reactant is not completely oxidized. If 
there is only a limited quantity of oxygen present, an aldehyde or ketone is produced. 
In these types of reactions, oxygen atoms can be supplied by air or by compounds 
known as oxidizing agents. The balanced chemical equation for the reaction of 
ethanol with oxygen from the air is 

2 C2H50H(1) + 02(g) ^ 2 C2H40(1) + 2 H20(l) 

Oxidizing agents are oxygen-rich compounds such as potassium dichromate, K2Cr20 
hydrogen peroxide, H 2 O 2 , and potassium permanganate, KMn 04 . To keep the equations 
simple, we often use (O) to represent the oxidizing agent in an oxidation reaction. 

When a primary alcohol is oxidized, the oxygen atom and one of the hydrogen 
atoms remain on the carbon atom, resulting in a carbonyl group on the terminal 
carbon atom, an aldehyde. The 2 hydrogen atoms that were removed bond with 
oxygen from the oxidizing agent. For example, the controlled oxidation of ethanol (a 
primary alcohol) produces ethanal and water: 

OH O 

CH3—C—H + (O) — > CH3—C — H + HOH (oxidation reaction) 

H 


Reactions of Three Isomers 
of Butanol (page 64) 

Now that you have studied the 
reactions of various alcohol 
isomers, you have an opportunity 
to investigate how the structures 
of alcohol molecules affect their 
chemical characteristics. 


ethanol 
(1 ° alcohol) 


(aldehyde) 
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A secondary alcohol will also form a carbonyl group, producing a ketone rather 
than aldehyde. One hydrogen atom is removed from the hydroxyl group and the 
second comes from the carbon atom to which the hydroxyl group is bonded. The 
controlled oxidation of propan-2-ol produces propanone and water: 

O 

CH3—C — CHj + HOH (oxidation reaction) 


propan-2-oi propanone water 

(2° alcohoi) (ketone) 

Tertiary alcohols do not react in the same way because no hydrogen atom is 
available on an adjacent carbon atom. An example is the attempted oxidation of 
2-methylpropan-2-ol: 

OH 

I 

CH3—C—CH3 + (O) — > not readily oxidized (no reaction) 

CH3 

2-methyipropan-2-oi 
( 3 ° aicohoi) 

To summarize the controlled oxidation reactions of alcohols, a primary alcohol 
produces an aldehyde, a secondary alcohol produces a ketone, and a tertiary alcohol 
does not easily oxidize. 


OH 

I 

CH3—C—CH3 

I 

H 


(O) - 


Hydrogenation of Aldehydes and Ketones 

Recall from Section 1.2 that a hydrogenation reaction involves the addition of 
hydrogen to another molecule. In the hydrogenation reaction of an aldehyde or a 
ketone, the net result is that a double bond is broken. One hydrogen atom is added 
to the oxygen atom and another is added to the carbon atom to which the oxygen 
is bonded. Hydrogenation of aldehydes or ketones occurs only under conditions of 
high temperature and pressure, and the presence of a catalyst. The product of this 
reaction is an alcohol. For example, hydrogenation of ethanal forms ethanol, and 
hydrogenation of propanone forms propan-2-ol. These are the reverse of the oxida¬ 
tion of alcohols. The hydrogenation of the aldehyde produces a primary alcohol, and 
the hydrogenation of a ketone produces a secondary alcohol: 


O 


CH3C—H -f H—H 


catalyst 
heat, pressure 


ethanal 

(aldehyde) 


OH 

I 

CH3—C — H (hydrogenation reaction) 

I 

H 

ethanol 

(primary alcohol) 


O 


CH3C —CH3 -f H—H 


catalyst 
heat, pressure 


OH 

I 

CH3—C — CH3 (hydrogenation reaction) 
H 


propanone 2-propanol 

(ketone) (secondary alcohol) 
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Tutorial 3 Reactions Involving Aldehydes and Ketones 


In this tutorial you will explore reactions involving aldehydes and ketones as both 
reactants and products. 

Sample Problem 1 : Preparing Aldehydes and Ketones from Alcohols 

Draw the structural formula equations for the reactions that produce butanone and butanal. 

Solution 

Butanone and butanal both have 4-carbon backbones. Both can be formed by the 
controlled oxidation of a 4-carbon alcohol. Ketones form from a secondary alcohol, so 
butanone will form during the controlled oxidation of butan-2-ol: 

OH 0 

CH3CH2CCH3 + ( 0 ) —> CH3CH2CCH3 + H2O 
H 

butan-2-ol butanone 


Aldehydes form during the oxidation of primary alcohols, so to form butanal, butan- 
I-0I needs to react with oxygen: 


C— 0 —H +( 0 ) 


Sample Problem 2: Producing an Alcohol from a Ketone 

Draw the structural formula equation representing the hydrogenation of propanone. 


Solution 

The hydrogenation of a ketone produces a secondary alcohol. Therefore, the 
hydrogenation of propanone will form propan-2-ol: 


H H 

I I 

H—C—C—C—H +H2 


H H H 

I I I 

H—C—C—C—H 

H 0 H 

I 

H 


propanone 


propan-2-ol 


Practice 

1. Name the reactants required to produce each of the following compounds, then 
illustrate the reactions using structural formulas, om b 

(a) pentanone 

(b) pentanal 

2. Name the products resulting from the hydrogenation of each of the following 
compounds, then illustrate the reactions using structural formulas, qid b 

(a) ethanal 

(b) butanone 

3. Predict the products of the controlled oxidation of the following isomers: IZD 

(a) hexan-1-ol 

(b) hexan-2-ol 

(c) 2-methylpentan-2-ol 
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Review 

Summary 

• If a carbonyl group is attached to at least 1 hydrogen atom, the molecule is an 
aldehyde. It is named using the suffix -al. 

• If a carbonyl group is attached to 2 carbon atoms, the molecule is a ketone. It 
is named using the suffix -one. 

• The carbonyl group (C=0) makes organic molecules polar, giving them higher 
boiling points and greater water solubility than the corresponding alkanes. 

• The controlled oxidation of a primary alcohol produces an aldehyde. The 
controlled oxidation of a secondary alcohol produces a ketone. Tertiary 
alcohols do not readily undergo controlled oxidation. 

• The hydrogenation of an aldehyde produces a primary alcohol. The 
hydrogenation of a ketone produces a secondary alcohol. 

Questions 

1. Copy and complete Table 1 in your notebook. Em B 4. 

2. Using the condensed structural formulas, write a 
chemical equation for the controlled oxidation of 
the following alcohols. Write the lUPAC name for 
each product. Em 

(a) pentan-2-ol 

(b) hexan-l-ol 

3. (a) Design a procedure to prepare an alcohol from 

propanone. Describe the main steps in the 5. 

procedure and the conditions needed. 

(b) Write a chemical equation to represent the 
reaction. EmB 


Table 1 


Name 

Condensed structure 

Line diagram or structural formula 

Type of compound 


CH3CH2CH2CH2CH2CH2CHO 








CH3CH2COCH2CH3 



1 -chlorobutan-2-one 




3-methylpentanal 









You have been asked to prepare a sample of ethanal 
from an alcohol. BIS Em 

(a) What alcohol will you use as your reactant? 
Explain. 

(b) Describe the main steps in the procedure and 
the conditions needed to prepare ethanal. 

(c) Draw or write a chemical equation to represent 
the reaction. 

Design an experimental procedure that you could 
carry out to allow you to distinguish a tertiary 
alcohol from a primary or secondary alcohol. Em B 
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Carboxylic Acids, Esters, and Fats 

Oranges, lemons, and tomatoes are all foods that naturally contain citric acid. Sour 
candies get their sour taste from ascorbic acid. Compounds with functional groups that 
make them acidic give foods a tart flavour. 



Carboxylic Acids 


A carboxylic acid is an organic compound that contains a carboxyl group, -COOH 
(Figure 1). When a carboxylic acid is in aqueous solution, a hydrogen ion may be 
removed from the carboxyl group relatively easily. As you know, a solution that 
contains hydrogen ions is acidic. These compounds are therefore weak acids. Citrus 
fruits, crabapples, rhubarb, and other foods that contain carboxylic acids have a 
sour, tangy taste. Police routinely use tracking dogs to aid in their police work. The 
dogs, with their acute sense of smell, are able to pick up and follow the trail of a 
scent. One scent that the dogs can track is the carboxylic acid in the molecules of a 
person’s sweat. 

Naming Carboxylic Acids 

The functional group of carboxylic acids, -COOH, combines two smaller groups: a 
hydroxyl group and a carbonyl group. To name organic compounds containing a car¬ 
boxylic group, start with the alkane name for the longest chain, including the carbon 
atom in the carboxyl group. Drop the -e suffix of the root compound and replace it 
with the suffix -oic, followed by the word acid. For example, a carboxylic acid with 3 
carbon atoms is propanoic acid (Figure 2(a)). 

The simplest carboxylic acid is methanoic acid (formic acid) (Figure 2(b)). The 
molecule has 1 carbon atom that is also part of the carboxylic group. Methanoic acid 
is used to remove hair from hides and in rubber-recycling processes. It is also the 
compound that causes a burning sensation when ants bite. 

The next carboxylic acid, with 2 carbon atoms, is ethanoic acid (Figure 2(c)). 
Vinegar is typically 5 % ethanoic acid by volume, so it has the sour taste that is 
characteristic of carboxylic acids. Ethanoic acid is used as a preservative in the food 
industry, and is also used extensively in the textile-dyeing industry. 

The simplest aromatic carboxyhc acid is benzoic acid, an acid whose common name is 
the same as its lUPAC name. The sodium salt of benzoic acid, sodium benzoate, is used as 
a preservative in foods and beverages. Note that, in a compound that combines an alcohol 
and a carboxyhc acid, the alcohol is indicated as a substituent group: hydroxy. 



benzoic acid 2-hydroxybenzoic acid 


carboxylic acid a weak organic acid 
containing at least one carboxyl group 

carboxyl group a carbon atom that is 
double-bonded to 1 oxygen atom and 
single-bonded to a hydroxyl group 



Figure 1 A carboxyl group 


0 

II 

CHjCHjC^ 

^OH 

propanoic acid 


H OH 
methanoic acid 

(b) (formic acid) 

H 0 

H-i-/ 

i ^OH 

ethanoic acid 

(c) (acetic acid) 

Figure 2 Three common carboxylic acids 


Some carboxylic acids have more than one carboxyl group. When naming an acid 
with two carboxyl groups, use the suffix dicarboxylic acid. Citric acid is an example of 
a compound with three carboxylic groups (Figure 3). 

Formic acid, acetic acid, and benzoic acid are acceptable lUPAC names that do not 
follow the systematic rules for naming acids. In the following tutorial, you will prac¬ 
tise naming and drawing carboxylic acids according to the systematic lUPAC rules. 


H 

I 

H-C- 

I 

HO-C — 

I 

H-C — 

I 

H 


COOH 

COOH 

COOH 


2-hydroxypropane-1,2,3-tricarboxylic acid 
(citric acid) 

Figure 3 A tricarboxylic acid 
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Tutorial 1 Naming and Drawing Carboxylic Acids 


Naming and drawing carboxylic acids requires first identifying the part of the compound 
that inciudes the carboxyi group, then accounting for any substituents. 



lUPAC and Common Names 

You have probably realized that many 
compounds have both common names 
and systematic lUPAC names. This 
textbook mostly uses the systematic 
names as they help with visualizing 
the structure of the compound. 
However, some common names are so 
familiar that they are also recognized 
by lUPAC. Acetic acid and formic acid 
are two such names. You should be 
familiar with the common names as 
well as the systematic names of these 
compounds. 


Sample Problem 1: Naming Carboxylic Acids from Structural Formulas 

Write the name of each of the foiiowing carboxylic acids: 

(a) H H H H H ^0 (b) 0 Cl 

H-C-C-C-C-C-C^ |}_Ch,-CH2-CH-CH3 

H H H H H 0-H HO^ 

Solution (a) 

First, identify the compound that forms the root of the acid. This compound contains a 
6-carbon chain (including the carboxylic acid carbon), so its root is hexane. There is one 
carboxyl group in the compound, so its name is hexanoic acid. 

Solution (b) 

This compound contains a 5 -carbon chain: pentane. There is one carboxyl group in the 
compound, so it is a pentanoic acid. The chlorine substituent is on the fourth carbon, 
numbering from the carboxyl group, so the compound is 4 -chloropentanoic acid. 

Sample Problem 2: Drawing Carboxylic Acids 

Draw the structure of 2 -methylbutanoic acid. 

Solution 

First, draw the root structure, methylbutane. 

Next, change a terminal carbon to a carboxyl group. The 
2 - prefix indicates that the methyl group is on the second 
carbon from the carboxyl group, so the carboxyl group 
must be on the end closest to the methyl group. Therefore, 
the correct structure is as shown at right: 


CH3—C —CHj—CH3 
CH3 

0 

C—CH—CHj—CH3 
HO CH3 


Practice 

1. Name each of the following carboxylic acids: ™ 
(a) CH3CH2CH2CH2CH2CH2CH2CH2CH2COOH 



2 . Draw the structure of each of the following carboxylic acids: oa D 

(a) octanoicacid (c) ethanedioic acid 

(b) 3 -methylpentanoic acid 


Properties of Carboxyiic Acids 

Since carboxylic acids have two polar groups—a carbonyl and a hydroxyl—located 
close together, their molecules are very polar. The carboxyl groups form hydrogen 
bonds with one another and with polar solvents such as water. Due to this hydrogen 
bonding, carboxylic acids with 5 or fewer carbon atoms are very soluble in water. 
Larger carboxylic acids have decreasing solubility due to the large non-polar hydro¬ 
carbon group. They are, however, soluble in polar organic solvents, such as alcohols. 


Chapter 1 • Organic Compounds 







Carboxylic acids share many properties with other acids. They affect acid-base 
indicators, so litmus paper can be used to indicate the presence of carboxylic acids in 
a mixture of hydrocarbons. Carboxylic acids also react with bases to form ionic com¬ 
pounds and water. Soap is a compound made up of cations of sodium or potassium 
and anions based on carboxylic acids with multi-carbon alkyl chains. 

The melting points of carboxylic acids are higher than their hydrocarbon counter¬ 
parts because of dipole interactions of the polar carboxyl groups (Table 1). 


Table 1 Comparison of the Melting Points of Carboxyiic Acids and Alkanes 


Number of carbon atoms 

Number of -COOH groups 

Compound 

Melting point (°C) 

1 

0 

methane 

-182 

1 

1 

methanoic acid (formic acid) 

8 

2 

0 

ethane 

-183 

2 

1 

ethanoic acid (acetic acid) 

17 

2 

2 

ethanedioic acid (oxaiic acid) 

189 

4 

0 

butane 

-138 

4 

1 

butanoic acid 

-8 

4 

2 

2,3-dihydroxybutanedioic acid (tartaric acid) 

206 

6 

0 

hexane 

-95 

6 

1 

hexanoic acid 

13 

6 

3 

2-hydroxypropane-1,2,3-tricarboxyiic acid (citric acid) 

153 


1 . 6.1 

Properties of Carboxylic Acids 


Now that you have learned about 
the structures and properties of 
carboxylic acids, you are ready to 
explore their properties in the lab. 


Esters 

Many plants naturally produce esters, which are responsible for many of the odours 
of fruits, flowers, and perfumes. Synthetic esters are often used as flavourings in pro¬ 
cessed foods, and as scents in cosmetics and perfumes. An ester is characterized hy a 
functional group that is similar to a carboxyl group except that the hydrogen atom is 
replaced with an alkyl group (Figure 4). The letters R and R' in the formula represent 
alkyl groups in which a carbon atom attaches to the functional group. # career link 


ester an organic compound that contains 
a carbonyl group bonded to a second 
oxygen atom which is bonded to another 
carbon atom 



Naming Esters figure 4 An ester functional group 

Esters are formed hy the condensation reaction of a carboxylic acid and an alcohol. 

To name the resulting ester, determine which part of the molecule was contributed by 
the alcohol. This is the part that does not include the carbonyl group. In Figure 5 the 
alcohol portion of the ester comes from pentan-l-ol. This gives the ester the first 
part of its name: pentyl. The second part of the name comes from the carboxylic 
acid, butanoic acid. The -oic acid part of the name is dropped and replaced with -oate: 
butanoate. Therefore, the name of the compound is pentyl butanoate, the ester that 
gives apricots their aroma. Other esters have different distinctive aromas (Figure 6). 


0 

CH3CH2CH2C— PCH2CH2CH2CH2CH3 

carboxylic acid alcohoi 
butanoic acid pentan-1 -ol 
pentyi butanoate 

Figure 5 The ester pentyl butanoate is formed by combining a 
carboxyiic acid with an alcohoi in a condensation reaction. 


H H H 0 

III/ 

H—C—C—C—C 

I I I \ 

H H H 0- 


H 

I 

C-H 

I 

H 



(a) methyi butanoate (b) ethyl benzoate 


Figure 6 These esters have the aromas of (a) pineapple and 
(b) cherries. 
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Tutorial 2 Naming and Drawing Esters 


When naming esters, follow these steps: 

1. Identify the two alkyl groups. 

2. Determine which group originated from the carboxylic acid and which originated 
from the alcohol. 

3. Write the name with the alcohol part first and the carboxylic acid part second. 

Sample Problem 1: Naming an Ester from Its Structural Formula 

Name this ester: h q 



I I I I 

H H H H 


Solution 

step 1. Identify the two alkyl groups. 

There is a 2-carbon ethyl group and a 4-carbon butyl group. 

Step 2. Determine which group originated from the carboxylic acid and which originated 
from the alcohol. 

The group that includes the carbonyl group originated from the carboxylic acid; in 
this case, ethanoic acid. The other group originated from the alcohol: butan-1-ol. 
Step 3. Write the name with the alcohol part first and the carboxylic acid part second. 
This ester is butyl ethanoate. 

Sample Problem 2; Drawing an Ester 

Draw the structural formula of ethyl methanoate. 

Solution 

The first part of the name is ethyl, which indicates a 2-carbon alkyl group. The second part 
of the name, methanoate, indicates a 1-carbon carboxyl part. Therefore, the structure is 


0 H H 

II I I 

H —C—0—C—C—H 


H H 


Practice 

1. Name each of the following esters: m 


(a) 


0 



CH3CH2CH2CH2C - 0 - CH2 - CH3 



0 


2. Draw the structure of each of the following esters: bq b 
( a) methyl hexanoate (b) methyl benzoate 
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Properties of Esters 

The functional group of an ester is similar to the carboxyl group of an acid, but 
without the hydroxyl group. As a result, esters are less polar than carboxylic acids 



and do not form hydrogen bonds. Small esters are soluble in water due to the polarity 
of their carbon-oxygen bonds. Esters are less soluble in water than carboxylic acids 
and have lower boiling points. Since their polarities are similar to those of aldehydes 
and ketones, the melting and boiling points of esters are similar to those of the cor¬ 
responding aldehydes and ketones. Smaller, low-molecular mass esters are gases at 
room temperature, but the larger, heavier esters are waxy solids. 


Reactions Involving Carboxylic Acids and Esters 

Formation of Carboxylic Acids 

Carboxylic acids can be formed by the oxidation of aldehydes in the presence of an oxi¬ 
dizing agent. The roadside Breathalyzer test relies on just such a reaction, in which the 
oxidizing agent changes colour. The dichromate ion, Cr 207 ^‘, is the oxidizing agent. It 
is orange in colour. When a person exhales air containing ethanol into the Breathalyzer 
tube, the ethanol is oxidized to ethanal, which is then further oxidized to ethanoic acid. 
The dichromate ion is changed to a different ion, which has a green colour. The extent 
of the colour change indicates the concentration of alcohol in the exhaled air. 

Formation of Esters: Esterification 

Esterification is a condensation reaction in which an alcohol and carboxylic acid react 
to form an ester and water. Figure 7 shows the general reaction. You have already 
seen some specific examples of these reactions earlier in this section. 

0 0 
II cone. H2SO4 II 

RC— OH + R'OH -> RC— 0 —R' + HOH 

heat 

acid alcohol ester water 

Figure 7 The general esterification reaction 

Reaction of Esters: Hydrolysis 

When esters are treated with an acid or a base, the esterification process can be 
reversed. The ester splits into the carboxylic acid and alcohol components with 
the addition of a molecule of water. This reaction is called hydrolysis. The general 
example, shown in Figure 8, is carried out in a basic solution. One of the products is 
the sodium salt of the carboxylic acid and the other is an alcohol. 

0 0 

II II 

RC —0 — R' + Na++ OH- —> RC —0-+ Na++ R'OH 

ester acid alcohol 

Figure 8 The general hydrolysis reaction of an ester 

Fats and oils are esters of long-chain acids. When these long-chain esters are 
heated with a strong base, such as sodium hydroxide, the hydrolysis reaction occurs. 
The sodium salts of this reaction are commonly known as soaps. The reaction is 
known as saponification. You will learn more about this reaction later in the section. 


Tutorial 3 Predicting Reactions Involving Carboxylic Acids 


This tutorial reviews some reactions that involve carboxylic acids. 


4 


esterification the reaction of a carboxylic 
acid and alcohol to form an ester and water 


hydrolysis the breaking of a covalent 
bond in a molecule by the addition of the 
elements of water (hydrogen and oxygen); 
the splitting of an ester into carboxylic 
acid and alcohol components 


Sample Problem 1 : Carboxylic Acid Production 

Write equations representing the two chemical reactions that result in the formation of 

butanoic acid from an alcohol. 
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Solution 

First, consider the reactions that must take piace for an aicohoi to be converted into 
butanoic acid. Butanoic acid can be formed from an aidehyde. The first reaction must 
therefore be the reaction of the aicohoi to form an aldehyde; the second must be the 
reaction of the aidehyde to form the carboxyiic acid. 

Next, draw the structurai formuias of the three compounds. 

The product is butanoic acid: 

H H H 0 

III/ 

H—C—C—C—C 

i i i ^OH 

To form butanoic acid, start with a primary aicohoi with 4 carbon atoms: butan- 1 -oi. 
H H H H 

I I I I 

H—C—C—C—C— 0 —H 

I I I I 

H H H H 

The aicohoi reacts with an oxidizing agent to form an aidehyde, butanai. 

H H H 0 

III/ 

H-C-C-C-C 

I I I 

H H H H 

Butanai is oxidized further to form the carboxyiic acid, butanoic acid. 

Finaiiy, write the equations in the order in which they occur. 


C—C— 0 —H + [ 0 ] 


butan-1 -ol 


butanai 


H H H 0 

III/ 

H —C—C—C—C 

I I I 

H H H H 


H H H 0 

III/ 

H—C—C—C—C 

H H H ^OH 

butanoic acid 


Synthesizing Esters (| 

In this investigation you will 
synthesize specific esters from their 
component carboxylic acids and 


Sample Problem 2: Esterification 

Draw the structural formula equation representing the reaction that forms propyl 
butanoate. Also write the names of the compounds involved. 

Solution 

First, determine the compounds that react to produce the ester. Esters are formed 
from a carboxylic acid and an alcohol. The last part of the ester name tells you that the 
carboxylic acid is butanoic acid. The first part of the ester name tells you that the alcohol 
is propan- 1 -ol. Esterification reactions are usually written with the carboxylic acid first, 
followed by the alcohol. 


H H H 


H H H 


H H H 


-C-C-C-cf -rH-O-C-C-C-H ^ H-C-C-C-C' V ? V 
I I I \ III I I I \ I I I 

H H H OH ^ ^ ^ 1^ O-C-C-C-H + H2O 

H H H 
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Sample Problem 3: Hydrolysis of Esters 

Write the structural formula equation for the hydrolysis of ethyl propanoate by sodium 
hydroxide solution. 

Solution 

The hydrolysis of an ester produces a carboxylic acid and an alcohol. In this case, 
the carboxylic acid is propanoic acid and the alcohol is ethanol. Draw the part of the 
compound that includes the carboxyl group on the left side of the reactant molecule. 

0 0 

CH3CH2C—OCH2CH3 + NaOH —> CH3CH2C— 0 ” + Na+ + CH3CH2OH 

Practice 

1. Draw structural formula equations illustrating the following reactions. Give the lUPAC 
name for every compound involved, fa 

(a) the production of 2-methylpropanoic acid from an aldehyde 

(b) the production of a carboxylic acid from ethanal 

(c) the esterification reaction between propanol and hexanoic acid 

(d) the hydrolysis of methyl butanoate in the presence of sodium hydroxide solution 


Fats and Oils 


Fats and oils are large ester molecules known as lipids. The long-chain carboxylic 
acid component is called a fatty acid. Common fatty acids are listed in Table 2. The 
alcohol component is glycerol. Glycerol is a 3-carbon alcohol with three hydroxyl 
groups, so it can bond with three fatty acids at once (Figure 9). The ester that is 
formed is called a triglyceride. So, fats and oils are triglycerides. 


lipid a class of organic compound that 
includes fats and oils 

fatty acid a long-chain carboxylic acid 

triglyceride an ester formed from long- 
chain fatty acids and glycerol 


Table 2 Common Fatty Acids 


Name 

Formula 

Source 

linoleic acid 

CH3(CH2)4CH = CHCHjCH = CH(CH 2 ) 7 C 00 H 

vegetable oils (e.g., sunflower 
seed oil); soya bean oil 

oleic acid 

CH3(CH2)7CH = CH(CH2)7C00H 

most animal fats and vegetable 
oils (e.g., olive oil) 

palmitic acid 

CH3(CH2)i4C00H 

lard, tallow, palm, and olive oils 

stearic acid 

CH3(CH2)i6C00H 

most animal fats and 
vegetable oils 


Although the general structure of fats and oils is the same, fats are usually solid at 
room temperature, while oils are usually liquid. The chain length and degree of unsat¬ 
uration of the fatty acids generally determine whether a triglyceride is a fat or an oil. 

Lipids contain long hydrocarbon chains that release a lot of energy when “burned” 
or oxidized. In this way lipids are similar to fossil fuels. Living cells can “burn” or 
metabolize lipids to release their stored energy. 


OH 

I 

HO^ ^OH 

CH2 ^ CH2 
Figures Glycerol 


Making Soap (Teacher 
Demonstration) (page 67) 

Making soap is a traditional skill. 
Here you will see soap emerge from 
the reactants. 


Saponification 

You have already seen how esters can be hydrolyzed into their component alcohols and 
acids in a reaction that is the reverse of esterification. In a similar way, a triglyceride 
can be split to produce glycerol and the sodium salt of the fatty acid when sodium 
hydroxide is added to the triglyceride. This resulting sodium salt is commonly 
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saponification the process of making 
soap by heating fats or oils with a strong 


(a) saturated lipid 



(b) unsaturated lipid with 
trans double bonds 



(c) unsaturated lipid with 
c/s double bonds 

Figure 11 (a) Saturated lipids and 
(b) those that are unsaturated with trans 
double bonds are able to pack tightly 
together. Their intermolecular forces are 
quite strong, so these lipids are solid 
at room temperature, (c) Unsaturated 
lipids with cis double bonds cannot pack 
tightly together so tend to be liquid at 
room temperature. 


called soap, so the reaction is called saponification (Figure 10). Palmitin and stearin 
from palm oil and olive oil are common triglycerides used for soap making. 

CH3(CH2)uC00 — CH 2 

CH3(CH2)uC 00-CH + 3 NaOH 3 CH3(CH2)uC00Na + CH2(0H)-CH(0H)-CH20H 

CH3(CH2)uC00-CH2 

palmitin sodium palmitate glycerol 

(triglyceride) (soap: Na* salt of fatty acid) 

Figure 10 Saponification reactions involve a triglyceride (fat or oil) and a base. 

Structure and Properties of Fats and Oils 

The hest-known property of lipids is their insolubility in water. For example, salad 
dressing made of oil and vinegar needs to be shaken to mix the two liquids before 
using. Even so, the two components quickly separate again: oil does not dissolve in 
the aqueous vinegar. Lipids are not water soluble because of the non-polar nature of 
the long fatty acid chains in the triglyceride molecules. These long, non-polar chains 
overcome the polarity of the carbon-oxygen bonds in the ester groups. 

The hydrocarbon chains in fatty acids affect the physical state of the lipid. The shape 
of the fatty acids determines how tightly the lipid molecules can be packed together. This 
affects their melting point. Saturated hydrocarbon chains rotate freely around the single 
carbon-carbon bonds. Each long hydrocarbon chain is a flexible strucfure fhat allows 
the chains to find an optimal packing position. This maximizes the van der Waals inter¬ 
actions between molecules. More thermal energy is required to overcome the attractive 
forces and separate the molecules, which causes lipids made from saturated fatty acids to 
have a relatively high melting point. These triglycerides are solids at room temperature. 

Unsaturated hydrocarbon chains contain double bonds. These double bonds hmit 
the amount of rotation around the carbon-carbon bonds. Fatty acid chains that 
contain double bonds can have a cis formation or a trans formation. Cis formations 
produce kinks in the fatty acid chains and prevent them from packing together tightly 
(Figure 11). The van der Waals interactions are weaker, so it takes less thermal energy to 
separate the fatty acid chains. Therefore, the melting point of a given unsaturated com¬ 
pound is lower than that of its saturated counterpart. Triglycerides made from unsatu¬ 
rated fatty acid chains with cis double bonds are likely to be hquids at room temperature. 

The trans form of the fatty acid has a much smaller bend in the chain, so its 
melting point is closer to that of the unsaturated fat. Trans fats are widely manu¬ 
factured and used because they have properties that increase stability and enhance 
flavours in some foods. In addifion, they allow the manufacture of solid margarine 
from liquid oils. Unfortunately, these fats are not digested by the digestive system in 
the same way as saturated fats. This can lead to health problems due to buildup of fats 
and their by-products in blood vessels and internal organs. Health Canada advises us 
to choose foods that contain little or no trans fat. 


Research This 


Banning Trans Fat 

Skills: Questioning, Researching, Communicating, Defending a Decision handbook • ' *^.1 


To help increase the shelf life of processed food, manufacturers 
sometimes add hydrogen to oil, creating trans tat Health risks 
associated with the consumption of trans tats have raised the 
issue of banning trans fats from processed foods. 

1. Write a iist of information that you wouid iike to know in 
order to make a decision about the banning of frans fats. 


2. Once you have made a iist, conduct research to find the 
required information. 

A. Shouid trans fats be banned from processed foods? 
Answer this question in a format of your choice, providing 
specific information from your research that supports your 
conciusion. do 
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Review 


7 


Summary 

• A carboxyl group is a combination of a carbonyl group, C=0, and a hydroxyl 
group, O-H. Carboxylic acids are named by replacing the -e ending of the 
alkane with -oic acid. 

• Carboxylic acids are formed by the controlled oxidation of aldehydes. 

• An ester s name is derived from the name of the alkyl group of alcohol 
followed by the name of the alkyl group of the carboxylic acid with the 
ending -oate. 

• Esterification is the formation of an ester from a carboxylic acid and an 
alcohol. Hydrolysis of esters is the breaking down of the ester by a strong 
base to form the carboxylic acid and alcohol. 

• Fats and oils are triglycerides. They are esters made from long chains of fatty 
acids. 

• Saponification is the process by which a fatty acid reacts with a strong base to 
form a salt of the fatty acid: soap. Saponification is a type of esterification. 


Questions 


1. Draw the condensed structure or structural formula 7. 
of the following compounds: 019 D 

(a) 3-methylhexanoic acid 

(b) propyl pentanoate 

2. Name the following compounds: QQ B 



3. Octyl ethanoate is used in artificial orange 
flavouring. What molecules could be used to 
synthesize this ester? Write condensed structural 
formulas for all the organic molecules in this 
reaction. Qd B 

4. Carboxylic acids, like other organic molecules, are 
flammable. Write a balanced chemical equation for 
the combustion of ethanoic acid. Qd 

5. Compare the solubility and melting points of 
ethane, ethanol, and ethanoic acid. Explain. Bd EZD 

6. The fatty acid in corn oil is oleic acid: 
CH3(CH2)7CH = CH(CH2)7 COOH 
Draw the structure of oleic acid, using this 
condensed formula. Qd B 


Given the physical properties of olive oil, would you 
expect the fatty acid components to be saturated 
or unsaturated? What process may be necessary to 
convert olive oil into margarine? Bl 

8. Use structural formulas to describe the synthesis of 
a carboxylic acid using methanol. Name all reactants 
and products. BB 

9. Create a flow chart showing the steps needed to 
transform but-l-ene to butanoic acid. EH B 

10. Table 1 (page 49) lists the melting points of several 
alkanes and their related carboxylic acids. EBl B 

(a) Predict how the melting point of methanol 
compares to the melting points of compounds 
in the table. 

(b) Research the melting point of methanol. 

(c) Give a theoretical explanation for the melting 
point of methanol, compared to those of the 
other compounds. 

11. Sour milk and yogurt contain a common carboxylic 

acid. Research the identity of this compound, its 
structure, and how it is produced industrially. 
Prepare a poster of your findings. B B D 

12. Research at least two examples of saponification 
reactions taking place in the environment. Do you 
think that these reactions are, on balance, beneficial 
or damaging to the environment? Explain. 0 B B 
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Figure 1 The epinephrine (adrenaline) 
molecule. The -NH group on the right 
of the molecule Is bonded to 2 carbon 
atoms, making this compound a 
secondary amine. 



Figure 2 Epinephrine auto-injection 
syringes can be iifesavers for peopie 
who are susceptibie to severe aiiergic 
reactions. 


amine an organic compound, related to 
ammonia, that contains a nitrogen atom 
bonded to one or more alkyl groups on 
each molecule 


Amines and Amides 

During a severe allergic reaction, the body’s immune system overreacts to the 
presence of a foreign substance. The allergic reaction causes the tissues of the airway 
to swell and the lungs to fill with fluid. If not treated quickly, this severe reaction can 
cause death. The most common treatment for severe allergic reactions is epinephrine, 
also known as adrenaline. Epinephrine is a hormone produced naturally by the adrenal 
glands. The hormone molecules contain a functional group called an amino group, -NH 
(Figure 1). Most people who have severe allergies to common substances, such as bee 
venom or peanuts, carry auto-injection syringes filled with epinephrine with them at 
all times (Figure 2). Amines are one class of organic compounds that contain nitrogen. 


Amines 

An amine is a derivative of ammonia in which one or more of the hydrogen atoms are 
replaced with alkyl groups. Amines are classified as primary (1°) if one alkyl group 
is attached to the nitrogen atom, secondary ( 2 °) if two alkyl groups are present, and 
tertiary (3°) if all three hydrogen atoms in ammonia have been replaced by alkyl 
groups. Table 1 lists some common amines. 

Amines generally have strong, often unpleasant, odours, sometimes described as 
“fishy.” Many amine odours resemble ammonia. For example, urine contains amines 
that come from the breakdown of proteins. The odours associated with decaying 
animal and human tissues are caused by amines such as putrescine, H 2 N(CH 2 ) 4 NH 2 , 
and cadaverine, H 2 N(CH 2 ) 5 NH 2 . Notice that these compounds have an amino group 
at either end of each molecule. Aromatic amines are used to make dyes. Since many 
of them are carcinogenic, they must be handled with great care. ^ career link 


Table 1 Some Common Amines 


Formula 

Systematic lUPAC name 

Common name 

Type 

CH3NH2 

methanamine 

methylamine 

primary 

CH3CH2NH2 

ethanamine 

ethylamine 

primary 

(CH3)2NH 

W-methylmethanamine 

dimethylamine 

secondary 

(CHglaN 

/\/,iV-dimethylmethanamine 

tri methylamine 

tertiary 

C6H5NH2 

aniline 

aniline 

primary 

H 

a‘x) 

W-phenylaniline 

diphenylamine 

secondary 


H 

I 

H-C-N—H 

I I 

H H 

methanamine 

Figure 3 Alternative names for 
methanamine are methylamine and 
aminomethane. 


Naming Amines 

Consider the primary amine with the structure CH 3 NH 2 . Using the lUPAC naming 
system, this molecule would be named by adding the -amine suffix to the name of 
the chain or ring to which it is attached. The -e is removed from this name, giving the 
name methanamine (Figure 3). 

Note that, in Table 1, the lUPAC name for an aromatic amine consisting of an 
amine group attached to a benzene ring is aniline, rather than benzamine. 

To name secondary and tertiary amines, begin with an amine name based on 
the name of the longest alkyl group. We use the locator, N, to indicate the attach¬ 
ment of additional chains to the nitrogen atom, just as we use a number to indicate 
a specific carbon atom. For example, an amine with an ethyl group, a propyl group, 
and a butyl group, each bonded to the nitrogen atom at carbon number 1 , is named 
iV-ethyl-iV-propylbutan-1 -amine. 
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CH2CH2CH3 


I 

CH3— CH2— CHj—CH^—N—CH2— CH3 

W-ethyl-W-propylbutan-1 -amine 
As you have already read, some compounds contain more than one amino group. 
A molecule of cadaverine, for example, is a 5-carbon chain with an amino group at 
each end: NH 2 (CH 2 ) 5 NH 2 . This type of compound is called a diamine, so cadaverine’s 
lUPAC name is pentane-1,5-diamine. 


Tutorial 1 Naming and Drawing Amines 


This tutoriai will give you practice in drawing and naming amines. 

Sample Problem 1: Naming Amines from Their Structures 

Name each of the following amines according to the lUPAC system: 

(a) H —N —H (c) 

CH2CH2CH3 

(b) (d) CH3CH2CH2CH2-N-CH2CH3 

CH2CH2CH2CH-N I 

I 

CH3 

Solution 

(a) The longest carbon chain is a propyl group, whose terminal carbon atom is bonded 
to the nitrogen atom. This is the only alkyl group attached to the nitrogen atom, so 
the compound is a primary amine. The compound’s name is propan- 1 -amine. 

(b) This compound is a secondary amine with a pentyl group attached at its second 
carbon atom and a methyl group. The amine’s name is based on the longer group: 
the pentyl group. The name of the compound is W-methylpentan- 2 -amine. 

(c) The root name for an amine attached to a benzene ring is aniline. There is also a 
substituent methyl group on the third carbon atom. The name of the compound is 
3 -methylaniline. 

(d) This is a tertiary amine whose longest carbon chain has 4 carbon atoms: 
butanamine. The two substituents are a methyl group and an ethyl group. The 
compound is named W-ethyl-W-methylbutan-l-amine. 

Sample Problem 2: Drawing Amines 

Draw the structural formula and write the name of each of the following amines, with 

ethyl as the attached alkyl group(s): 

(a) a primary amine (c) a tertiary amine 

(b) a secondary amine 

Solution 

(a) A primary amine has one alkyl group attached to the nitrogen atom. 

CH3CH2—NH2 ethanamine 

(b) A secondary amine has two alkyl groups and one hydrogen atom bonded to the 
nitrogen atom. 

H3C—CH2 

^NH yv-ethylethanamine 



H3C—CH2 



(c) A tertiary amine has three aikyi groups but no hydrogen atoms bonded to the 
nitrogen atom. 

^CHj—CH3 

H3C—CHj—N /V.W-diethylethanamine 

\H2-CH3 


Practice 


1. Name each of the foiiowing compounds: 133 



CH3—CH2—CH —CH3 


(b) CH3CH2CH2CH2-N-CH2CH3 

I 

CH2CH3 


(e) CH3CH2CH-NH-CH2CH3 
CH 3 


(c) CH3CH2CH2—N —CH2CH2CH3 
CH3 

2 . Draw the structure of each of the foiiowing compounds: ds B 

(a) 2-methylpropan-1-amine 

(b) a primary amine with a 2-carbon alkyl group 


Properties of Amines 

Small amines are soluble in water. Since nitrogen is more electronegative than either 
carbon or hydrogen, the N—C bonds and any N—H bonds are polar. This polarity 
increases the strength of the van der Waals forces between molecules so more energy 
is needed to separate them. That means that amines have higher melting points and 
higher boiling points than corresponding hydrocarbon compounds. The series of 
amines in Figure 4 explains the effect that reducing the number of — NH groups has 
on the boiling points of amines of similar size. 


(a) CH3-CH2-CH2-NH2 (b) CH3-CH2-NH-CH3 


primary amine secondary amine 

b.p. 49 °C b.p. 37 °C 


(c) CH3-N-CH3 

I 

CH 3 

tertiary amine 
b.p. 3 °C 


Figure 4 Boiling points (b.p.) for three possible CH isomers of an amine, each wifh 3 carbon atoms. 
The primary amine, (a), can form two hydrogen bonds and hence has the highest boiling point. The 
tertiary amine, (c), cannot form hydrogen bonds af all and hence has the lowest boiling point. 
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Amides 

Amides are structurally similar to esters, except the two chains are joined hy a nitrogen 
atom next to a carbonyl group rather than by an oxygen atom (Figure 5). The amide 
functional group consists of a carbonyl group bonded to a nitrogen atom. 

0 0 

II II 

R—C—0—R' (Hor)R—C —N —R'(orH) 

R"(or H) 

ester amide 

Figure 5 General structures of esters and amides illustrate that the compounds include one or 
more alkyl groups. These groups, which might be the same or different, are represented in the 
diagrams by the symbols R, R', and R". 

Carboxylic acids react with alcohols to produce esters. Carboxylic acids react in 
a similar way with ammonia, primary amines, and secondary amines to produce 
amides. You will learn more about these reactions a little later in this section. 

Naming Amides 

Naming amides is similar to naming esters. The name of an amide has three parts: 
the first part from the amine; the second part from the acid; and the ending, which 
is always the sufHx -amide. For example, the reaction of methanamine and butanoic 
acid will produce an amide: N-methylbutanamide (Figure 6). 

0 H OH 

II I II I 

CH3CH2CH2C — OH + CH3NH — > CH3CH2CH2C — N —CH3 + HOH 

butanoic acid methanamine W-methylbutanamide water 

acid amine amide 

Figure 6 Note how to derive the name of the amide from the names of the amine and the 
carboxylic acid. 


Tutorial 2 Naming and Drawing Amides 


This tutorial will give you practice in naming and drawing amides. 


Sample Problem 1: Naming Amides from Their Structures 

Name each of the following amides: 

(a) 0 (c) 0 

II II 

CH3CH2CH2— C —NH — CH3 CH3C — N— CH2CH3 

(b) 0 CH2CH3 

CH3CH2CH2—C — NH — CH2CH2CH3 


Solution (a) 

The first part of the compound came from a carboxylic acid, with 4 carbon atoms: 
butanoic acid. The second part of the compound came from a primary amine with 
1 carbon atom: methanamine. The name of the amide is W-methylbutanamide. 


amide an organic compound that 
contains a carbonyl group bonded to a 
nitrogen atom 


1.7 Amines and Amides 




Solution (b) 

The carboxylic acid had a chain with 4 carbon atoms: butanoic acid. The amine was a primary 
amine with 3 carbon atoms: propanamine. The name of the amide is W-propylbutanamide. 

Solution (c) 

The carboxylic acid had 2 carbon atoms: ethanoic acid. The amine was a secondary amine: 
W-ethylethanamine. The name of the amide is W.W-diethylethanamide. 


Building Organic Molecular 
Models (page 69) 

This investigation gives you an 
opportunity to put into practice 
your knowledge of the names and 
properties of amines and amides. You 
will have the opportunity to build and 
explore models of these compounds. 


Sample Problem 2: Drawing Amides 

Draw the structure of W-ethylpropanamide. 

Solution 


The alkyl group bonded to the nitrogen atom (from the amine) 
is ethyl. It therefore has 2 carbon atoms. The carbonyl group 
from the carboxylic acid is attached to a propan- chain, so has 3 
carbon atoms. Therefore, the structure is as shown at right: 


CH3CH2C —N —CH2CH 
H 


Practice 

1. Name each of the following amides: BC] 
,a, 0 

CH3-CH2-CH2-C-N-H 

H 

(b) 0 

CH3C —NH 

I 

CH2CH2CH3 


(c) 


CH3-CH2-CH2 


0 

-C- 


N-CH3 

CH3 


2 . Draw the structure of each of the following amides: m B 
(a) W,/\/-diethylethanamide (b) W-methylbutanamide 


Properties of Amides 

The smaller amides are somewhat soluble in water. This can be explained by the mol¬ 
ecules’ structure: the -NH groups form hydrogen bonds with water molecules. As 
the length of the carbon chain increases, solubility decreases. Primary amides, with 
their nitrogen atoms each bonded to 2 hydrogen atoms, have higher melting points 
and boiling points than similar amides. This is likely due to more hydrogen bonding 
between primary amide molecules. 


Reactions Involving Amines and Amides 

An amine can generally be synthesized from an alkyl halide and ammonia. For example. 


CH 3 CH 2 —I -f H- 


■N—H - 

I 

H 


CH 3 CH 2 — N —H -f HI 

I 

H 

ethanamine 
1 ° amine 


Ethanamine is a primary amine. It reacts with additional iodoethane to form a 
secondary amine, N-ethylethanamine, and hydrogen iodide: 


CH3CH2 —I -f CH3CH2- 


-N —CH 2 CH 3 + HI 

I 

H 


/V-ethylethanamine 
2 ° amine 
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AT-ethylethanamine also reacts with iodoethane, this time forming a tertiary 
amine, JV,JV-diethylethanamine, along with hydrogen iodide. 


CH3CH2 —I + CH3CH2— N— CH2CH3 

I 

H 


CH3CH2 — N — CH2CH3 + HI 

I 

CH2CH3 


iodoethane /V-ethylethanamine 

2° amine 


/V.W-diethylethanamine 
3° amine 


Amides can he synthesized by the condensation reaction of a carboxylic acid with 
ammonia or primary or secondary amines (Figure 7). 


+ NH 3 —> R —C — NH 2 + H 2 O 

ammonia primary amide 
0 

+ R'— NH 2 — > R—C — N —R'+H20 


0 

II 

R—C— OH 


carboxylic 

acid 


primary amine secondary amide 

0 

II 

+ R'— N — R" —> R—C — N — R'+H20 

I I 

H R" 

secondary amine tertiary amide 


Figure 7 The structure of the amide product depends on whether the carboxylic acid reacts with 
ammonia, a primary amine, or a secondary amine. 


An example of the synthesis of an amide is the reaction of butanoic acid with 
methanamine to produce N-methylbutanamide plus water. 

The reactions above are reversible: Amides can be hydrolyzed in acidic or basic 
conditions to produce the carboxylic acid and the amine. 




Review 


Summary 


• Amines can be viewed as alkyl groups bonded to a nitrogen atom or an amino 
group bonded to an alkane. Primary amines have one alkyl group attached to 
the nitrogen atom; secondary amines have two; tertiary amines have three. 

• Amines are named by adding the suffix -amine to the root of the name of the 
longest alkyl group attached to the nitrogen atom. The prefix N- indicates that 
a second (and third) alkyl group is also attached to the nitrogen atom. 

• Amides are formed from the reaction of carboxylic acid and amines. Amides 
can be hydrolyzed to re-form the amine and carboxylic acid. 

• Amides are named with the root of the name of the carboxylic acid first, 
followed by the root of the name of the amine, and ending with -amide. 

Questions 


7 


1 . Name each of the following compounds: 
(a, O 

CH3CH2C—NH2 

(b) CH3CH2CH2—N—CH3 

CH 3 

(c) O 

II 

CH3CH2C—N—CH2CH3 

I 

CH 2 CH 3 

(d) Cl 

CH3CHCH2CHCH2CH2CH3 

I 

NH 2 

(e) NH2 

CH 3 CHCH 2 CHCH 2 CH=CH 2 


2 . Copy and complete Table 2 in your 
notebook. QQ D 


3. Draw the structural formulas for the isomers of 
C 3 H 9 N. Show at least one primary, one secondary, 
and one tertiary amine. QQ B 

4. Write a structural formula equation that represents 
the formation of N,N-diethylpropanamide. QID 

5. Identify the reaction type and write the structures 
and names for the products you would expect for 
each of the following reactions: CIS B 

(a) H 3 C —CH 2 —Br H 3 N—CH 2 —CH 3 

(b) H 3 C—CH 2 —Br -f H 3 C—NH—CH 2 —CH 3 


(c) ethanoic acid and propan- 1 -amine 
6 . Create a flow chart showing how you would 
synthesize N,]V-dimethylethanamide from an 
alkane, an alkene, a halogen, and ammonia. Draw 
and name each compound. B B 


7. 


Several amines are used in natural gas processing. 
Research how these amines reduce air pollution. 
Create a storyboard or diagram to communicate 
your findings. B B D 


Name 

Condensed structure 

Line diagram or structural formula 

Type of compound 

yv./V-dimethylbutanamide 





CH3CH2CH2NH2 





H 

1 

0 



CH3CH2CH2CH2CH2NHCH3 



yV-methylbutan -1 -amine 






H 

1 
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Investigations 


CONTROLLED EXPERiMENT 


Properties of Alcohols 

Chemical properties within a group of alcohols may follow 
a trend. In this investigation, you will use your knowledge 
of intermolecular forces and the structure of alcohol 
molecules to predict trends in the properties of alcohols. 
You will test one of your predictions experimentally. 

Testable Question 

What is the trend in melting points, boiling points, and 
solubility of the primary alcohols butan-l-ol, propan-l-ol, 
and ethanol? 


• Hypothesizing 

• Predicting 


• Planning • Analyzing 

• Controlling Variables • Evaluating 

• Performing • Communicating 

• Observing 


© Alcohols and cyclohexane are flammable. They should be 
used only in a well-ventilated area. There should be no open 
flames or other sources of ignition in the iaboratory. 

Procedure hand^k Is * 2 . 2 , a3.3 

1. Read through the MSDS and list the hazards of the 
chemicals you will be using. Include this information, 
and how to minimize the hazards, in your report. 


Hypothesis 

Use your understanding of the structures of alcohols to 
predict the trend of the melting points, boiling points, 
and solubility of primary alcohols. Give reasons for your 
predictions. 

Variables 

Identify all the major variables that will be measured 
and/or controlled in this experiment. Also identify the 
independent variable and the dependent variable. 


2. Put on your safety goggles and apron. 

3. Use the wax pencil to label the 3 test tubes. Using the 
pipette, place about 1 mL of ethanol in one test tube, 
1 mL of propan-l-ol in the second test tube, and 

1 mL of butan-l-ol in the third test tube. 

To each test tube, add 1 mL of cyclohexane. Record 
your observations. 

Follow your teacher s instructions for the disposal of 
the liquids and for cleaning the test tubes. 

Set up the test tubes as described in Step 3. Follow 
Step 4 but use distilled water in place of cyclohexane. 


Experimental Design 

Use reference sources to determine the melting points 
and boiling points of three alcohols. The solubility of each 
alcohol is determined by mixing the alcohol with a non¬ 
polar solvent, cyclohexane, and with a polar solvent, water. 


Observations 

Prepare a table in which to record your observations. In 
addition, record the melting point and boiling point data. B 

Analyze and Evaluate 


Equipment and Materials 

• chemical safety goggles 

• lab apron 

• MSDS for each chemical used 

• 3 test tubes 

• test-tube rack 

• wax pencil 

• 3 mL calibrated disposable pipette (or similar 
pipetting device) 

• small stoppered bottles containing 

- butan-l-ol ® 

- ethanol @ 

- propan- l-ol@ 

- cyclohexane (D 

• wash bottle containing distilled water 


(a) What variables were measured/recorded and/or 
manipulated in this investigation? What type of 
relationship was being tested? EBl 

(b) Did the evidence that you collected allow you to 
answer the testable question? If so, answer the 
question. If not, explain why not. DO 

(c) Compare your answer in (b) to your hypothesis. Did 
the evidence support your hypothesis? Explain. D 

(d) Evaluate your hypothesis. ESI 

Apply and Extend 

(e) Predict, in a qualitative way, the melting points, 
boiling points, and solubilities of larger primary 
alcohols. Include an explanation for your prediction, 
referring to the forces of attraction between 
molecules. D 


NEL 
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OBSERVATIONAL STUDY j 

SKILLS MENU 

Reactions of Three Isomers 
of Butanol 

• Questioning • Planning • Analyzing 

• Researching • Controlling Variables • Evaluating 

• Hypothesizing • Performing • Communicating 

• Predicting • Observing 


Alcohols that have different structures form different 
products. The location of the hydroxyl bond is particularly 
important. In this investigation, isomers of butanol are 
used as examples of primary (1°), secondary (2°), and 
tertiary (3°) alcohols. You will examine the relationship 
between structure and product formed. 

First, you will mix each of the three isomers of butanol 
with concentrated hydrochloric acid. The presence of 
an alkyl halide will be indicated by the cloudiness of the 
mixture because alkyl halides are only slightly soluble in 
water. 

Next, you will mix each alcohol with dilute potassium 
permanganate solution. This provides the conditions for 
controlled oxidation. Any colour change of the potassium 
permanganate solution is an indication that an oxidation 
reaction has taken place. 

Purpose 

To test the reactions of primary, secondary, and tertiary 
alcohols with acid and with an oxidizing agent 

Equipment and Materials 

• chemical safety goggles 

• lab apron 

• protective gloves 

• 3 test tubes 

• test-tube rack 

• eyedropper 

• dropper bottles containing 

- butan-l-ol@ 

- butan-2-ol@ 

- 2-methylpropan-2-ol @ 

- potassium permanganate solution, KMn 04 (aq) 
(0.01 mol/L) @ 

- concentrated hydrochloric acid, HCl(aq) (12 mol/L) 
(for teacher use only) @ 


Procedure HANDBOOK ^ * A1,A2.3,A5.1 

1. Put on your safety goggles, apron, and protective gloves. 

2. Put 3 test tubes in a test-tube rack. From the dropper 
bottles, place 2 drops of butan-l-ol in the first test tube, 
2 drops of butan- 2 -ol in the second test tube, and 2 
drops of 2 -methylpropan- 2 -ol in the third test tube. 

3. Under the fume hood, your teacher will add 10 drops 
of concentrated hydrochloric acid to each of your 3 test 
tubes. Gently shake the mixtures very carefully. Return 
to your lab bench with the test-tube rack and test 
tubes. Allow the tubes to stand for 1 min and observe 
for evidence of cloudiness. Record your observations. 

4. Follow your teachers instructions for the disposal of the 
contents of the test tubes and for cleaning the test tubes. 

5. Set up the 3 test tubes again, as described in the setup 
part of Step 2 . This time, use 4 drops of each alcohol. 

6 . To each test tube, carefully add about 20 drops of 
potassium permanganate solution. Shake the mixture 
carefully. 

7. Allow the tubes to stand for 5 min with occasional 
gentle shaking. Observe and record the colour of the 
solution in each tube. 

Analyze and Evaluate 

(a) What evidence of reactions did you observe? ESI 

(b) Write structural formula equations to represent 
each of the reactions that occurred. If there was no 
reaction, write NR. DD B 

(c) Does the evidence collected allow you to achieve the 
Purpose? Explain. DU 

(d) Summarize in a few sentences the halogenation and 
controlled oxidation reactions of primary, secondary, 
and tertiary alcohols. Em 

Apply and Extend 


@ 


Alcohols are flammable. They should be used only In a well- 
ventilated area. There should be no open flames or other 
sources of ignition in the laboratory. 


V Concentrated hydrochloric acid is very corrosive. It should only 
' be handled by the teacher in a fume hood or fume cupboard. 


Potassium permanganate solution is corrosive and may stain 
the skin. It you spill potassium permanganate on your skin, 
wash the affected area with lots of cool water and inform your 
teacher. 


(e) Research to find an application for at least two of the 
reactions that you observed. How does this reaction 
benefit society? Does it have any drawbacks? Combine 
your findings with those of four or five classmates and 
create a graphic organizer summarizing your findings. 
#EmBD 
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CON I ROLLED EXPERIMENT 



Properties of Carboxylic Acids 

Carboxylic acids are characterized by the presence of a 

• Questioning 

• Researching 

• Hypothesizing 

• Predicting 

• Planning 

• Controlling Variables 

• Performing 

• Observing 

• Analyzing 

• Evaluating 

• Communicating 


carboxyl group. The physical properties and reactivity 
of a carboxylic acid depend on the combination of its 
polar functional group and its non-polar hydrocarbon 
tail. In this investigation, you will compare the melting 
point, boiling point, solubility, acidity, and reaction with 
sodium hydrogen carbonate solution, NaHC 03 (aq), of two 
carboxylic acids. The acids you wiU investigate are ethanoic 
acid and octadecanoic acid. 


- dilute ethanoic acid (vinegar) 

- sodium hydrogen carbonate solution, NaHCOjCaq) 
(saturated) 

■ octadecanoic acid (stearic acid, solid) 

V Concentrated ethanoic acid (glacial acetic acid) is very 
' corrosive. It should only be handled by the teacher in a 
fume hood or fume cupboard. 


Testable Question 

Do the chemical and physical properties such as the 
melting and boiling points, solubility, acidity, and reaction 
with sodium hydrogen carbonate depend on the molecular 
mass of the carboxylic acid? 

Hypothesis 

Predict the trend you expect to observe in the melting 
points, boiling points, solubility, acidity, and reaction with 
sodium hydrogen carbonate as the mass of the carboxylic 
acid increases. Give reasons for your prediction. 

Variables 

Identify all the major variables that will be measured 
and/or controlled in this experiment. Also, identify the 
independent variable and the dependent variable(s). 

Experimental Design 


Procedure handmok L. ai. * 2 . 2 , A 2.5 

1 . Read through the MSDS and list the hazards of the 
chemicals you will be using. Include this information, 
and what you should do to minimize the hazards, in 
your report. 

2. Put on your safety goggles and lab apron. 

3. Add 5 mL of water to one test tube and the same 
volume of oil to a second test tube. In the fume hood, 
your teacher will add one drop of glacial acetic acid 
to each tube. Gently shake each tube to mix. Record 
your observations on the solubility of concentrated 
ethanoic acid in each solvent. 

4. Still working in the fume hood, use the pH meter or 
the universal indicator paper to determine the pH of 
each mixture. Record your observations. 


The melting points of ethanoic acid and octadecanoic 
acid are obtained from reference resources. The solubility 
of each carboxylic acid is determined by mixing it first 
with water and then with vegetable oil. The reactivity of 
the acids is assessed by combining each acid with sodium 
hydrogen carbonate. 


5. Follow your teachers instructions to dispose of the 
contents of each test tube and clean the test tubes. 

6 . Repeat Steps 3,4, and 5, using a small quantity of solid 
octadecanoic acid (enough to cover the tip of a toothpick) 
in place of the concentrated ethanoic acid. You do not 
need to work in the fume hood from this step on. 


Equipment and Materials 

• chemical safety goggles 

• lab apron 

• MSDS for the chemicals used 

• 10 mL graduated cylinder 

• 2 test tubes 

• test-tube holder 

• test-tube rack 

• test-tube brush 

• pH meter or universal indicator paper 

• wash bottle containing distilled water 

• vegetable oil in a beaker 

• dropper bottles containing 

- concentrated ethanoic acid (glacial acetic acid) 
(for teacher use only) @ 


7. Place 20 drops of sodium hydrogen carbonate 

solution from a dropper bottle into each of the 2 clean 
test tubes. Add 20 drops of dilute ethanoic acid to one 
test tube and a pea-sized piece of solid octadecanoic 
acid to the second test tube. Gently shake the test 
tubes to mix their contents. Watch for the formation 
of bubbles. Record all observations. 

Observations 

Prepare a table in which to record the observations made 
for each test. In addition, the data table needs a space for 
the melting point and boiling point data. 

Analyze and Evaluate 

(a) What variables were measured/recorded and/or 
manipulated in this investigation? What type of 
relationship was being tested? DO 
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(b) Compare the solubilities of octadecanoic acid and 
ethanoic acid in vegetable oil and in water. Explain 
any differences in solubility. EZD 

(c) Which acid, ethanoic or octadecanoic, seems to 
exhibit more acidic properties? Explain. Di 

(d) Answer the Testable Question using the evidence that 
you collected. E2i 

(e) Compare your answer to (d) with your Prediction. 
Explain any differences. ESI D 

(f) Did your previous knowledge abouf carboxylic acids 
allow you to correctly predict the chemical properties 
of these acids? Provide reasons. ESI B 


Apply and Extend 

(g) Write a balanced chemical equation for the reaction of 
ethanoic acid and sodium hydrogen carbonate. QID 

(h) Using what you discovered about trends in the 
properties of carboxylic acids, predict how methanoic 
acid and a carboxylic acid with 16 carbon atoms would 
compare to ethanoic acid and stearic acid. ESI D 

(i) Why is decanoic acid effective at hardening soaps 
made with vegetable oil? Research your answer. Write 
an explanation for a website designed for people who 
create handmade soaps. Include a diagram with your 
explanation. ESI B 


OBSERVATIONAL STUDY 


Synthesizing Esters 

Many esters are found in fruits. Esters typically have very 
pleasant odours. In the lab, esters can be synthesized from the 
condensation reaction between alcohols and carboxyhc acids. 

Purpose 

To produce several esters and observe their odours 

Equipment and Materials 

chemical safety goggles 
lab apron 
500 mL beaker 
utility stand and ring clamp 
hot plate 0 
wax pencil 
3 test tubes 
3 test-tube holders 
test-tube rack 
Petri dish 

dropper bottles containing 

- ethanol (D 

- propan-2-ol @ 

- pentan-l-ol (J) 

- concentrated ethanoic acid (glacial acetic acid), 
CH 3 C 00 H( 1 ) (for teacher use only) @ (S) 

- 2 mL concentrated sulfuric acid, H 2 S 04 (aq) 

(for teacher use only) 

wash bottle containing cold tap water 


Alcohols are flammable. They should be used only in a well- 
ventilated area. There should be no open flames or other 
sources of ignition in the laboratory. 


• Hypothesizing 

• Predicting 


• Planning • Anaiyzing 

• Controiiing Variabies • Evaluating 

• Performing • Communicating 

• Observing 


© 


@ The acids are corrosive and flammable. Avoid skin and eye 
contact. If you spill these chemicals on your skin, wash the 
affected area with a lot of cool water. 

Use caution around the hot plate. Avoid touching the heating 
surface with your hands. To unplug the hot plate, pull on the 
plug itself rather than the cord. 

Procedure handbook <' ai,a2.3 

1. Put on your safety goggles and lab apron. 

2. Read through the MSDS and list the hazards of the 
chemicals you will be using. Include this information, 
and what you should do to minimize the hazards, in 
your report. 

3. Prepare a water bath by filling a 500 mL beaker half¬ 
full with tap water. Dry the outside of the beaker 
and place it inside the ring that is secured to a utility 
stand so that the beaker rests on the hot plate. Heat 
the water until it comes to a boil. Turn the heat off 
when the water starts to boil. 

4. Using the wax pencil, number the 3 test tubes in a 
test-tube rack. Add 10 drops of ethanol to the first test 
tube, 10 drops of propan-2-ol to the second test tube, 
and 10 drops of pentan-l-ol to the third test tube. 

5. Under the fume hood, your teacher will carefully add 
10 drops of concentrated ethanoic acid and 5 drops of 
concentrated sulfuric acid to each of your 3 test tubes. 
Gently shake each test tube to mix. 
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6. Return to your lab bench with the test tubes and carefully 
place them in the hot-water bath. Make certain that the 
test tubes do not point at anyone. Leave the test tubes in 
the hot-water bath for 5 min and then, using a test-tuhe 
holder, move the test tubes back to the test-tube rack. 

7. Pour the contents of the first test tube into a Petri dish 
half-filled with cold water (approximately 10-20 mL). 
Smell the odour of the ester as instructed hy your teacher. 
Figure 1 illustrates proper technique for identifying the 
odour of the ester. Record your observations, paying 
close attention to the miscibihty of the contents. 

8. Repeat Step 7 for each ester. 

Analyze and Evaluate 

(a) Write a chemical equation to represent each 
reaction. QID 

(b) What is the odour of each ester produced? EH 

(c) Use your observations to write a statement about the 
solubility of esters in water. EH 

(d) What is the function of the concentrated sulfuric acid 
in the reactions? BID 



Figure 1 Use your hand to waft the smell of the ester toward you. 
Do not hold the substance directly under your face. 


Apply and Extend 

(e) Suggest a use for each of your products. D 

(f) What must be done before the esters are used as you 
suggested in (e)? D 


OBSERVATIONAL STUDY j 


SKILLS MENU 

Making Soap 
(Teacher Demonstration) 

• Questioning • Pianning • Analyzing 

• Researching • Controiiing Variabies • Evaluating 

• Hypothesizing • Performing • Communicating 

• Predicting • Observing 


To make soap, a reaction must occur between a strong 
base and a triglyceride (fat or oil). 

O 


CH^—O—C(CH2)i4CH3 


CH — O—-f 3NaOH 
I Q sodium hydroxide 

I II (or KOH, potassium hydroxide) 

CH 2 —O —C(CH2)i4CH3 


a fat 


saponification 


CHj—OH 

I 

CH — OH 

I 

CHj —OH 
giyceroi 


3 CH3(CH2)i4C02Na 

a crude soap 


Purpose 

To produce soap from the saponification of lard, vegetable 
shortening, or oils 

Equipment and Materials 

• chemical safety goggles 

• lab apron 

• protective gloves 

• wax pencil 

• two 100 mL beakers 

• 250 mL beaker 

• forceps 

• 50 mL graduated cylinder 

• 2 glass stirring rods 

• balance 

• utility stand with ring clamp 

• hotplate 

• beaker tongs 

• heat-resistant mat 
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• thermometer 

• filter funnel and paper 

• fats (lard or vegetable shortening) 

• oils (cooking oils such as corn oil, canola oil, oHve oil) 

• sodium hydroxide pellets, NaOH(s) (for teacher use 
only) 0 

• ethanol (J) 

• vinegar, CH 3 COOH(aq) 

• sodium chloride crystals, NaCl(s) 

• wash bottle containing distilled water 

• food colouring (optional) 

• perfume (optional) 

• paper towel 


V Sodium hydroxide peilets are extremeiy corrosive to eyes 
' and skin. They must only be bandied with forceps; gioves 
must be worn, if sodium hydroxide comes into contact with 
your skin, wash the affected area with a iot of cooi water. If 
sodium hydroxide contacts the eyes, it can cause biindness. 
Fiush the eyes with water at an eyewash station for at least 
10 min and seek medicai attention as soon as possibie. 


@ 


Ethanoi is flammable. It should be used only in a well- 
ventilated area. There should be no open flames or other 
sources of ignition in the laboratory. 


Procedure 


L 


Note that this Procedure should be performed only by a 
qualified teacher. 

1. Label a 100 mL beaker with the letter “A,” a 250 mL 
beaker with the letter “B,” and the second 100 mL 
beaker with the letter “C.” 

2. Measure about 10 mL of distilled water into beaker A. 

3. Put on your safety goggles, lab apron, and protective 
gloves. 

4. Using forceps, carefully add 18 pellets of solid sodium 
hydroxide, a few at a time, to beaker A. Do not allow 
the pellets to touch your skin. Carefully stir the 
sodium hydroxide pellets with a glass rod until they 
dissolve. The solution will get very hot as the sodium 
hydroxide dissolves. Set beaker A aside to cool. 

5. Use the balance to measure about 15 g of fat, such as 
lard or shortening, or oil, such as corn oil or olive oil, 
into beaker “B.” Add 15 mL of ethanol to the fat or oil. 

6. Put the beaker, supported by the ring clamp, on the hot 
plate. Warm the mixture very gently. Stir with a glass rod 
until the fat and ethanol are melted and thoroughly mixed. 
Turn the hot plate off. Use beaker tongs to remove beaker 
B and place it on a heat-resistant mat on the bench. 

7. Once the contents of beaker A have cooled, add them 
to beaker B. 

8. Replace beaker B, inside the ring clamp, on the hot 
plate. Heat it again very gently for 20 min, stirring 
continuously. Keep the temperature between 40 and 


45 °C for this time. If the mixture spatters or bubbles, 
it is too hot. Remove the beaker from the hot plate 
and let it cool to below 45 °C. Return it to the hot 
plate again. Record your observations. 

9. Continue heating the mixture until it has a 

consistency similar to pudding, then turn off the hot 
plate. Use tongs to move the beaker to the heat- 
resistant mat. Allow the contents to cool. To colour 
the soap, add a drop or two of food colouring. 

10. Use the balance to measure 4 g of sodium chloride 
crystals into beaker C. Add 20 mL of cold distilled 
water and stir until the salt is dissolved. 

11. Add the contents of beaker C to beaker B. Stir. 

12. Add 10 mL of vinegar. Record your observations. 

13. Carefully pour any excess liquid into the sink. Wash any 
excess vinegar off the soap with about 10 mL of distilled 
water. Once again, pour off excess liquid in the sink. 

14. Filter the soap mixture through a filter funnel and 
filter paper. Take care not to puncture the filter paper. 
A few drops of perfume or scent can be added. 

15. Dry the soap on the filter paper or remove the soap, 
shape it, and dry it on a paper towel. 

O Do not use this soap on your skin. It may contain unreacted 

sodium hydroxide. Wear protective gloves when handling the soap. 

Observations 

Observe the colour and texture of the soap. Compare it 
to those of common commercial soaps, and record your 
observations. 

Analyze and Evaluate 

(a) Write a word equation describing the reaction taking 
place in Steps 8 and 9. Classify the reaction. DU 

(b) What was the purpose of adding vinegar in Step 12? 
Write a balanced chemical equation describing the 
reaction taking place. (Note that the molecular formula 
for ethanoic acid can be written as either CH 3 COOH(aq) 
or HC 2 H 302 (aq).) Classify the reaction. E211 

(c) What other substances may be in the filtrate after the 
soap was filtered out? BIS 

Apply and Extend 

(d) Describe how saponification and esterification are 
related. BQ 

(e) Do you think soap molecules are polar or non-polar? 
How would this affect their ability to remove oils from 
greasy surfaces? EZID 

(f) Research how soap was made historically. How were 
the reactants obtained? What were the hazards of the 
process, and the benefits of the product? Present your 
findings in a format of your choice. Bn b d 

WEB LINK 
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ACTIVITY j 

SKILLS MENU 

Building Organic Molecular 

Models 

• Questioning • Planning • Analyzing 

• Researching • Controlling Variables • Evaluating 

• Hypothesizing • Performing • Communicating 

• Predicting • Observing 


Using molecular models of organic compounds, you will 
demonstrate a variety of chemical reactions. 

Purpose 

To help differentiate between the structures of the reactant 
and the product of a reaction using molecular models 

Equipment and Materials 

• molecular modelling kit 

Procedure hanSk b.3 

Part A 

1. In Table 1, the colunms specify the type of compound 
involved in the reaction, and the type of reaction. For 
example, for Reaction 1, the reactant is an alkane and it 
will undergo a substitution reaction. Copy Table 1 into 
your notebook, leaving space to write the names and 
structural formulas of reactant and product compounds. 


Table 1 Organic Reactions 


Reaction 

number 

Reactant 

Reaction type 

Product 

1 

alkane 

substitution 


2 

alkene 

addition 


3 

alcohol 


aldehyde 

4 



ether 

5 

aldehyde 

controlled 

oxidation 


6 



chlorobenzene 

7 


controlled 

oxidation 

ketone 

8 


esterification 


9 



amide 

10 

aromatic 

compound 


aromatic halide 


2. For each reaction listed, choose an appropriate 
reactant and make a model of this compound. Write 
its name and structural formula in your table. 

3. Manipulate the model as indicated to create a model 
of the product. Add its name and structural formula 
to your table. Compare the models of the reactants 
and products for structural changes. 

4. Supply the name of any missing reaction types in the 
table. 

Part B 

5. Draw a flow chart to show the synthesis of ethanoic 
acid from ethene. 

6. Build a molecular model of ethene and make changes 
to the model following the flow chart you created. 

Analyze and Evaluate 

(a) Create a concept map to summarize the various 
reaction types. Bi B 

(b) For which kinds of organic molecules are molecular 
modelling exercises most effective? Explain. DU 
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SUMMARY 


Summary Questions 

2. Look back at the Starting Points questions on page 6. 
Answer these questions using what you have learned 
in this chapter. Compare your latest answers with 
those that you wrote at the beginning of the chapter. 
Note how your answers have changed. 

Vocabulary 


1. Create a study guide for this chapter based on the 
Key Concepts on page 6. For each point, create three 
or four suh-points that provide further information, 
relevant examples, explanatory diagrams, or general 
equations. 


organic compound (p. 8) 
hydrocarbon (p. 8) 
saturated hydrocarbon (p. 8) 
alkane (p. 8) 
cyclic alkane (p. 9) 
alkyl group (p. 10) 
substituent group (p. 10) 
structural isomer (p. 10) 
complete combustion (p. 15) 
alkyl halide (p. 16) 
unsaturated hydrocarbon (p. 18) 
alkene (p. 18) 


alkyne (p. 18) 

aliphatic hydrocarbon (p. 18) 
stereoisomers (p. 22) 
cis isomer (p. 22) 
trans isomer (p. 22) 
functional group (p. 23) 
addition reaction (p. 23) 
Markovnikov’s rule (p. 25) 
aromatic hydrocarbon (p. 28) 
phenyl group (p. 28) 
alcohol (p. 32) 
primary alcohol (p. 32) 


secondary alcohol (p. 32) 
tertiary alcohol (p. 32) 
hydrogen bonding (p. 35) 
dehydration reaction (p. 35) 
ether (p. 37) 

condensation reaction (p. 37) 
thiol (p. 38) 
carbonyl group (p. 40) 
aldehyde (p. 40) 
ketone (p. 40) 
carboxylic acid (p. 47) 
carboxyl group (p. 47) 


ester (p. 49) 
esterification (p. 51) 
hydrolysis (p. 51) 
lipid (p. 53) 
fatty acid (p. 53) 
triglyceride (p. 53) 
saponification (p. 54) 
amine (p. 56) 
amide (p. 59) 


Grade 12 Chemistry can lead to a wide range of careers. Some require a college 
diploma or a B.Sc. degree. Others require specialized or postgraduate degrees. 

This graphic organizer shows a few pathways to careers mentioned in this chapter. 

1. Select two careers related to Organic Compounds that you find interesting. 
Research the educational pathways that you would need to follow to pursue these 
careers. What is involved in the required educational programs? Prepare a brief 
report of your findings. 

2. For one of the two careers that you chose above, describe 
the career, main duties and responsibilities, working 
conditions, and setting. Also outline 
how the career benefits society 
and the environment. 

12U Chemistry ^ 


IK lx *■ 


11U Chemistry ^ 



CAREER LINK 
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SELF-QUIZ 


QID Knowledge/Understanding Dl Thinking/Investigation 


Communication D Application 


For each question, select the best answer from the four 
alternatives. 

1. What is the correct name for the compound in Figure 1 ? 
(1.1) m 

CH3 

H3C—CH—CHj—CH2—CH3 
Figure 1 

(a) 2 -methylpentane 

(b) 2 -propylpropane 

(c) 1 , 1 -dimethylbutane 

(d) 1 -ethylbutane 

2. What is the major product of the reaction between 
hex-l-ene and hydrochloric acid? ( 1 . 2 ) QQ 

(a) 1 -chlorohexane 

(b) 2 -chlorohexane 

(c) 1 , 2 -dichlorohexene 

(d) 1 -hexachlorine 

3. Benzene, CgHg, and bromine, Br 2 , react to form 
bromobenzene, CgHjBr. Which reaction type below 
best describes the reaction? (1.3) 121 !] 

(a) addition 

(b) elimination 

(c) hydration 

(d) substitution 

4. What type of compound is shown in Figure 2? 

(1.1, 1.2, 1.4) m 

CH3 

CH3CH2CCH2CH2CH3 

OH 

Figure 2 

(a) alkane 

(b) alkene 

(c) secondary alcohol 

(d) tertiary alcohol 

5. Which of the following compounds is a structural 
isomer of butanone? (1.5) QQ 

(a) CH 3 CH 2 CH 2 CH 2 OH 

(b) CH 3 CH 2 CH 2 CHO 
(C) CH3CH2OCH2CH3 
(d) CH 3 CH 2 CH 2 COOH 


6 . The general formula in Figure 3 represents which 
type of organic compound? (1.5) QZD 

0 

R—C—R 

Figure 3 

(a) an aldehyde 

(b) an amide 

(c) an ester 

(d) a ketone 

7. Which of the following pairs of compounds may react 
to synthesize the ester shown in Figure 4? (1.6) QE] 

0 

II 

CH3CH2—c— 0 —CH2CH3 
Figure 4 

(a) ethanol and propanoic acid 

(b) ethanol and ethanoic acid 

(c) methanol and propanoic acid 

(d) propanol and ethanoic acid 

8 . Which of the following elements differentiates an 
amine from an alkane? (1.7) QQ 

(a) carbon 

(b) hydrogen 

(c) oxygen 

(d) nitrogen 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

9. Alkanes are unsaturated hydrocarbons. (1.1) QQ 

10. The names of alkenes include numbers to specify the 
location of the triple bond. ( 1 . 2 ) QQ 

11. Benzene is less reactive than the alkenes. (1.3) QQ 

12. Ethers may be synthesized by the addition reaction of 
two alcohols. (1.4) QQ 

13. Thiols contain the group —OH. (1.4) I3ia 

14. Aldehydes and ketones each have a carbonyl group 
but different chemical properties. (1.5) BIS 

15. An ester is formed by the condensation reaction of a 
carboxylic acid and alcohol. ( 1 . 6 ) BQl 

16. Amine and amide compounds always include a 
nitrogen atom. (1.7) BID 

I Go to Nelson Science for an online self-quiz. 
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REVIEW 


QIS Knowledge/Understanding ESI Thinking/Investigation 


Communication D Appiication 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. Gasoline contains many structural isomers of octane. 
Which of the following is NOT a structural isomer of 
octane? ( 1 . 1 ) QQ 

(a) 3-methylheptane 

(b) 4-ethylheptane 

(c) 2,2,4-trimethylpentane 

(d) 2,2,3,3-tetramethylbutane 

2. What is the major product of the hydration reaction 
ofbut-l-ene? ( 1 . 2 ) BQ 

(a) butan-l-al (c) butan- 2 -al 

(b) butan-l-ol (d) butan- 2 -ol 

3. Which of the following statements best describes an 
aromatic organic compound? (1.3) BQ 

(a) an aldehyde or a ketone with a distinctive odour 

(b) an unsaturated compound containing a 6 -carbon 
ring with 6 identical bonds 

(c) a compound containing a cyclic structure 

(d) a compound containing a cyclic structure with 
a double bond 

4. Which of the following compounds is an ether? 

(1.4) BID 

(a) O 
II 

CH 3 CCH 2 CH 3 

(b) O 

CH 3 CH 2 CH 2 CH 

(c) OH 
CH 3 CHCH 3 

(d) CH3CH2CH2OCH3 

5. Which of the following formulas represents 
propanone? (1.5) BQ 

(a) CH3CHO 

(b) CH3OCH3 
(C) CH3COCH3 
(d) CH3COOCH3 

6 . Which statement best describes the compound 

CH3(CH2)4CH = CHCH2CH = CH(CH2)7C00H? 

(1.6) BID 

(a) It is a saturated fatty acid. 

(b) It is soluble in a polar solvent. 

(c) It is a long-chain alcohol. 

(d) It contains a carboxyl group. 


7. Which of the following compounds has the highest 
solubility in water? (1.6) BID 

(a) CH 3 CH 2 CH = CHCH 3 

(b) O 

CH 3 CCHCH 3 

CH 3 

(c) CH 3 CH 2 CH 2 CH 2 C —OH 

O 

(d) CH 3 CH 2 CH 2 CH 2 CH 2 OH 

8 . Choose the statement that best describes the 
compound in Figure 1. (1.6) BID 

0 

CH3(CH2)7CH = CH(CH2)7C — OCH 2 

0 I 

CH3(CH2)7CH = CH(CH2)7C-0CH 

0 I 

CH3(CH2)7CH = CH(CH2)7C — OCH2 
Figure 1 

(a) an amide 

(b) a product of a saponification reaction 

(c) a saturated fatty acid 

(d) a triglyceride 

9. Predict which of the following compounds has the 
highest boiling point. (Assume that all have similar 
molecular masses.) (1.6) BID 

(a) aldehyde 

(b) ketone 

(c) carboxylic acid 

(d) ester 

10. Name the compound illustrated in Figure 2. (1.7) C 

H 

I 

CH3CH2—N—CH2CH2CH3 
Figure 2 

(a) 2 -aminopentane 

(b) 2 -nitropentane 

(c) ethylpropylamide 

(d) N-ethylpropan-l-amine 
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11. Which two reactants could form the compound 
illustrated in Figure 3? (1.7) □!]] 


0 

II 

CH3—C—N—CH2CH3 
CH3CHCH3 


Figure 3 

(a) ethanoic acid and a secondary amine 

(b) ethanoic acid and a primary amine 

(c) ethanoic acid and a tertiary amine 

(d) methanoic acid and a secondary amine 


Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

12. Unsaturated hydrocarbons must contain at least one 
carbon-carbon double or triple bond. (1.1) m 

13. But-l-ene and but-2-ene are structural isomers of 
each other (1.1, 1.2) QQ 

14. Markovnikov’s rule states that, in an addition reaction 
involving a hydrogen atom, the hydrogen atom will 
usually bond to the carbon atom with the fewest 
hydrogen atoms attached. (1.2) BID 

15. Aromatic compounds usually undergo addition 
reactions. (1.3) BID 

16. A compound that is a benzene ring with a hydroxyl 
group on one of the carbon atoms is called phenyl. 
(1.4) BID 

17. An ester is formed from the reaction of two 
alcohols. BID 

18. Aldehydes contain a carbonyl group on the terminal 
carbon atom. (1.5) BID 

19. A ketone can be oxidized to produce a primary 
alcohol. (1.5) BID 

20. Carboxylic acid molecules are much less polar than 
the corresponding alkane molecules. (1.6) 


Match each condensed chemical formula on the left with the 
most appropriate term on the right. 


21 - (a) CH 3 CH = CHj 

(b) CH3COOCH3 

(c) CH3CH2CHO 

(d) CH3CH2COOH 

(e) CH3CHOHCH3 

(f) CH3CH2CH2OH 

(g) CH3COCH3 

(h) CH3CH2OCH3 


(i) 

a ketone 

(ii) 

an ester 

(hi) 

propan-2-ol 

(iv) 

propanal 

(v) 

an ether 

(vi) 

propan-l-ol 

(vii) 

propene 

(viii) 

propanoic acid 


(1.2, 1.4, 1.5, 1.6) m 


Write a short answer to each question. 

22. Write a balanced chemical equation to represent each 
of the following reactions. Use structural formulas 

or line diagrams in your equations. Classify each 
reaction as addition or substitution. 

(1.1, 1.2, 1.3) m 

(a) bromine reacting with pent-2-ene 

(b) bromine reacting with cyclopentene 

(c) bromine reacting with benzene 

23. Draw a structural formula to represent each of the 
following organic compounds: 

(1.1, 1.3, 1.4, 1.5, 1.6) ma 

(a) ethan-l,2-diol 

(b) 1,3-dimethylbenzene 

(c) cyclohexanol 

(d) 1,2-dichloropropane 

(e) 2,2-dichloropropane 

(f) 2-methylbutanal 

(g) hexan-3-one 

(h) 2-ethoxypropane 

(i) aminoethanoic acid 

(j) 3,5-dimethylhexan-3-ol 

24. List the non-alkyl functional groups in each of the 
compounds represented below. 

(1.1, 1.2, 1.3, 1.7) BID 




ibuprofen (pain reliever) 


(c) 

amphetamine (stimulant) 



Chapter 1 Review 


73 



25. Organic compounds are classified by their functional 
groups. For each of the compounds listed below, 
identify the functional group (s), determine the type 
of compound, and write the correct lUPAC name. 
(1.4, 1.5, 1.6, 1.7) ma 

(a) CH 3 CH 2 CH 2 OH 

(b) CH3CH2COOH 

(C) CH3CH2CH2CH2CH2CHO 

(d) CH 3 CH 2 OCH 2 CH 2 CH 3 

(e) CH 3 NH 2 

(f) CH 3 COCH 2 CH 2 CH 3 

(g) O 

II 

CH3COCH2CH2CH3 

(h) CH3CH2CONHCH3 

(i) CH3CHCCH2CH3 

O 

(j) H-C = 0 

OH 

26. Draw structural formulas for each of the following 
organic compounds. Circle the non-alkyl functional 
group(s). (1.4, 1.5, 1.6, 1.7) QID D 

(a) hexan- 2 -one 

(b) 2 -methylpentanal 

(c) pentane-l,3-diol 

(d) buta-l,3-diene 

(e) 1 -propoxybutane 

(f) 2 -propoxybutane 

(g) ethyl ethanoate 

27. Draw structural formulas (or line diagrams) and 
write names for the following isomers: 

(1.5, 1.6, 1.7) QIDB 

(a) three ketones with the molecular formula CjHiqO 

(b) two esters with the formula C 3 Hg 02 

(c) a primary, a secondary, and a tertiary amine, with 
the formula C 5 H 13 N 

Understanding 

28. Can CH 2 CF 2 exhibit hydrogen bonding? Explain. 

(1.1) m 

29. If you were presented with the structural formulas 
for a variety of hydrocarbons, what features of 
the molecules would you look at to rank the 
hydrocarbons in order of increasing boiling point? 
Explain your answer. (1.1, 1.2) BEl 


30. Draw a chemical equation to represent a reaction 
that could produce each of the following types of 
compounds. Use condensed structures in your 
equations. Name all reactants and products. 

(1.1, 1.2, 1.3) m 

(a) alkane 

(b) monohalogenated alkane 

(c) dihalogenated alkane 

(d) tetrahalogenated alkane 

(e) halogenated benzene 

(f) alkene 

31. Starting with propane, list the sequence of reactions 
needed to produce propanone. (1.5) 121 !] 

32. The following compounds all have similar molecular 
masses: ethanoic acid; ethanol; ethanal; ethane 
Order the compounds by increasing boiling point. 
Explain your decision. (1.1, 1.4, 1.5, 1.6) B 

33. Explain why the following compounds do not exist: 
(1.2, 1.3, 1.4, 1.5, 1.6) laSDa 

(a) 2 -chloro- 2 -butyne 

(b) 2 -methyl- 2 -propanone 

(c) 1 , 1 -dimethylbenzene 

(d) 2 -pentanal 

(e) 3-hexanoic acid 

(f) 5,5-dibromo-l-cyclobutanol 

34. Name and draw the structural formula for 
each of the following compounds: (1.2, 1.3, 1.4, 

1.5, 1.6) mB 

(a) a secondary alcohol with the formula C 4 H 10 O 

(b) a tertiary alcohol with the formula C 4 H 10 O 

(c) an ether with the formula C 4 H 1 QO 

(d) a ketone with the formula C 4 H 8 O 

(e) an aromatic compound with the formula CyHg 

(f) an alkene with the formula CgHjg 

(g) an aldehyde with the formula C 4 H 8 O 

(h) a carboxylic acid with the formula C 2 H 4 O 2 

(i) an ester with the formula C 2 H 4 O 2 

35. Write a chemical equation for each of the following 
reactions. Use condensed formulas. Classify each 
reaction by type. (1.2, 1.4, 1.5, 1.6) BQ 

(a) ethene from ethanol 

(b) ethoxyethane from ethanol 

(c) propanal from an alcohol 

(d) a secondary pentanol from an alkene 

(e) ethanoic acid from an alcohol 

(f) ethyl methanoate from an acid and an alcohol 
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36. Copy and complete Table 1 in your notebook. 
(1.1, 1.2, 1.3, 1.4, 1.5, 1.6, 1.7) DIB 

Table 1 


Name 

Condensed structure 

Line diagram or structural formula 

Type of compound 

1-methoxy butane 




methanal 




1,4-dichloropent-2-ene 






CH3 - CH - CH2 - CH - NH - CH2 - CH3 

1 1 

CH3 CH2-CH3 


propanamide 





CHaCHjCHjCHjCHiOHlCHjCHs 







3-methylhexanoic acid 






OH 

1 

CH3 - CH2 - CH - CH2 - CH - CH3 

1 

CH3 


2-methylbutane 





CHgCHgCHlCHjlCHjCHj 









OH 


methyl pentanoate 
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37. Predict which of the following pairs of compounds is 
more soluble in water. Give reasons for your answers. 
(1.3, 1.4, 1.5, 1.6) mEBI 
(a) 




(b) CH3COOH and CH3COOCH3 

(c) ethanol and decanol 

(d) 2-butanol and butanone 


38. Predict which compound in each of the following 
pairs has the higher boiling point. Provide a reason 
for each answer. (1.4, 1.5, 1.6) QID 
(a) 

CH3CH2—O —CH2CH3 and CH3CH2 —C —CH2CH3 


II II 

CH3CH and CH3COH 

(c) CH3CH2OH and CH3CH2CH2CH2CH2OH 

39. Give an example of a reaction that would yield the 
following products. For each reaction, name the 
organic reactant(s) and product(s). Remember to use 
(O) for oxidation reactions. (1.4, 1.5, 1.6) ED 

(a) primary alcohol (e) ketone 

(b) secondary alcohol (f) carboxylic acid 

(c) tertiary alcohol (g) ester 

(d) aldehyde 

40. Classify each reaction and name all the reactants and 
products. (Note that the equations are not balanced.) 
(1.1, 1.2, 1.3, 1.4, 1.5, 1.6, 1.7) m 

light 

(a) CH3CH3 -f Br2-^CHjCHjBr -F HBr 

(b) CH3CHCH2 + CI2-FCH3CHCICH2CI 

(c) CgHg -F l2'-^C6H5l -F HI 

(d) CH3CH2CH2CH2CI + OH“ ^ 

CH3CH2CH2CH2OH -F cr 

(e) CH3CH2COOH + CH3OH ^ 

C2H5COOCH3+ H2O 

(f) CH3CH2OH ^ CH2CH2 + H2O 

(g) C6H5CH3 + 02^ CO2 + H2O 

(h) CH3CHO + [0]^CH3C00H 

(i) NH3 -F C4H9COOH ^ C4HgCONH2 + H2O 

(j) CH3I -F NH3 ^ CH3NH2 + HI 


41. For each of the descriptions, write a balanced 
chemical equation using condensed formulas. 

(1.1, 1.2, 1.3, 1.4, 1.5, 1.6, 1.7) QID 

(a) a substitution reaction of propane involving 
chlorine 

(b) a halogenation reaction of benzene involving fluorine 

(c) the complete combustion of ethanol 

(d) a dehydration reaction of butan- 2 -ol 

(e) the controlled oxidation of butanal 

(f) the preparation of pentan- 2 -one from an alcohol 

(g) the preparation of hexyl ethanoate from an acid 
and an alcohol 

(h) the hydrolysis of methyl pentanoate 

(i) the controlled oxidation of propan-l-ol 

(j) an addition reaction of an alkene to produce an 
alcohol 

(k) a condensation reaction of an amine 

Analysis and Application 

42. Describe a procedure that could be used to separate 
a mixture of alcohols containing methanol, ethanol, 
and hexan-l-ol? Explain why this procedure would 
work. (1.4) D 

43. Analysis of an unknown organic compound gives 
the empirical formula G 5 H 12 O. It is only slightly 
soluble in water. When this compound is oxidized 
in a controlled way with potassium permanganate, 
KMn 04 (aq), it is converted into a compound that 
has the empirical formula C 5 H 10 O. This second 
compound has the properties of a ketone. Based 
on the information provided, write the condensed 
formulas and names for all possible isomers of the 
unknown compound. If possible, give reasons why 
one or more of the isomers is more or less likely to be 
the unknown organic compound. (1.5) BD 

44. Draw a flow chart outlining a procedure to synthesize 
the ester ethyl ethanoate, starting from ethene. 

45. Greate a table with the following headings: Type 
of organic compound; Functional group; Physical 
properties; Chemical reactions; Important uses. 
Complete your table summarizing all you have 
learned about the organic compounds discussed in 
this chapter. (1.1, 1.2, 1.3, 1.4, 1.5, 1.6, 1.7) mOB 

46. Create a graphic organizer to show how organic 
compounds are related and what reactions convert one 
to another. (1.1,1.2, 1.3, 1.4, 1.5,1.6,1.7) QID B B 
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Evaluation 

47. Figure 4 shows the structural formulas of glucose, 
propane-1,2,3-triol (glycerol), and ethane-1,2-diol 
(ethylene glycol). All three compounds have a sweet 
taste. (1.4) D 



H 

I 

H—C—OH 

I 

H-C-OH 

I 

H-C-OH 

I 

H 


glucose propane-1,2,3-triol (glycerol) 


H H 

I I 

HO —C—C—OH 

I I 

H H 

ethane-1,2-cliol (ethylene glycol) 

Figure 4 


(a) Predict their relative melting points and boiling 
points. Give reasons for your answer. 

(h) Predict the solubility of each of these compounds in 
water and in gasoline. Give reasons for your answer. 

(c) Ethane- 1,2-diol (ethylene glycol) is toxic and is used 
as antifreeze in automobile radiators. Suggest an 
explanation for the toxicity of antifreeze. 

(d) A hypothesis has been proposed that taste 
receptors respond to functional groups in the 
compounds that make up our food. Do the 
structures of these three compounds support that 
hypothesis? Explain. 

48. Natural products are made by the cells of living 
organisms. Synthetic products are made by a 
laboratory process. The product may be exactly the 
same compound, but a distinction is made based on 
the source. For example, when bananas are dissolved 
in a solvent and the flavouring extracted, the pentyl 
ethanoate obtained is labelled “natural flavour.” When 
pentyl ethanoate is synthesized by esterification of 
ethanoic acid and pentanol, it is labelled “artificial 
flavour.” (1.6) BO D 

(a) Are substances such as artificial vanilla flavouring 
and vanilla extracted from a vanilla bean 
identical? Why or why not? 

(b) In your opinion, should food companies be 
required to distinguish between a "natural” 
flavouring and an “artificial” flavouring on a food 
product label? Explain your position. 


(c) Design a method for determining whether people 
can teU the difference between synthetic vanilla and 
natural vanilla and, if they can, which they prefer. 


Reflect on Your Learning 

49. Write a summary of what you have learned about 
organic chemistry in Ghapter 1. B!!] D 

50. What are some typical errors made when naming 
organic compounds? How can you avoid those 
errors? BCID 

51. What concepts in this chapter did you struggle the 
most with? Describe three ways you can help improve 
your understanding of these concepts. Bd Dl 

52. How would you explain to a friend why it is 
important to understand organic chemistry to make 
informed decisions in everyday life? D 


Research 

53. Acetylsalicylic acid (ASA), better known as Aspirin, 
is a common pain reliever. Research the following 
topics and summarize your findings into a short 
paper, a concept map, or some other method of 
communication; Bi D D 

• Explore the chemical reactions associated with the 
synthesis of ASA. Determine the type of reaction 
that occurs, and the class of organic compounds 
involved. 

• Research the historical connection between willow 
bark and ASA. What advantages does ASA have 
over the compound extracted from willow bark? 
How were these advantages achieved? 

54. Organic compounds are present in a huge variety 
of everyday substances. Examine the ingredient 
lists for some foods, beverages, or other products 
you use daily. Identify at least five examples of 
compounds whose names indicate that they 

are organic compounds. Research the chemical 
structures of these compounds, how they are 
produced, and what their functions are in the 
products you chose. Share your findings in a poster 
or electronic slide show. BQ B D 


55. Gasoline is a mixture of many organic compounds. 
Research the structures of at least 4 of these 
compounds. Find out what the “octane rating” 
of gasoline means. Why do car manufacturers 
recommend using fuel with different octane ratings 
for different vehicles? What might happen if you 
use the wrong kind? Summarize your findings into 
an infomercial or poster to be displayed at a gas 
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Polymers 



KEY CONCEPTS 

After completing this chapter you will 
be able to 

• assess the impact of natural 
and synthetic polymers on 
human health, society, and the 
environment 

• propose a personal course 
of action to reduce the use 
of polymers that are harmful 
to human health and the 
environment 

• use appropriate terminology 
related to polymer chemistry 

• relate the properties of polymers 
to their structures 

• explain the difference between 
addition polymerization reactions 
and condensation polymerization 
reactions, and analyze and 
predict the products of these 
reactions 

• safely perform laboratory 
Investigations, Including 
analyzing polymerization 
reactions 

• demonstrate an understanding 
of the processes by which 
synthetic polymers are 
developed 


i 


How Do We Use Polymers in Our Daily Lives? 

A hockey puck travelling at 150 km/h can he dangerous if it strays into the 
stands. Fortunately, stray pucks are rare thanks to a clear “glass” safety wall that 
surrounds the ice and shields the spectators. This wall is usually not glass. More 
often it is constructed of very strong, thin, transparent, glass-like panels. They are 
made of a polymer known by the trade names Plexiglas, Lucite, or Perspex. This 
material is as clear as a glass window but is far less likely to shatter when a player 
collides with it. Much of the gear used during a hockey game—pucks, helmets, 
skates, pads, jerseys, gloves, and sticks—is made of various polymers. 

Consider the objects that you have used today. How many of these items 
are made of plastic, at least in part? Alarm clocks, phones, TVs, bicycles, com¬ 
puters, shoes, clothes, toothbrushes, and milk bags all contain plastic. Could 
we use other materials to make a product, for example a food container? Glass, 
cardboard, or metal could be used. However, glass is heavy and breakable, and 
cardboard does not keep air out or moisture in. Metal is heavy and cannot be 
used in a microwave oven. Plastics make things lighter, stronger, more flexible, 
and cheaper. It is no surprise that plastics are used to manufacture so many 
things, from medical devices to parts of the International Space Station. 

Along with the benefits of plastics, however, there are some major draw¬ 
backs. Most plastics are made from petrochemicals—a non-renewable 
resource. The process of extracting petrochemicals from the ground con¬ 
sumes energy, generates waste, and damages local ecosystems. The manufac¬ 
turing process has similar problems. 

One of the major benefits of plastics is that they tend to be very stable. They 
can be used for years without deteriorating. Unfortunately, this property can 
also cause problems. Plastic objects that have been discarded do not break 
down naturally. Instead, they remain in a landfill, along the roadside, or in the 
ocean for years, centuries, or even longer. 

To reduce the environmental impacts, we need to cut back on our non- 
essential use of plastics. Recycling plastic products is an important step in 
reducing disposal problems, but many types of plastic cannot be recycled. We 
need to develop plastics that degrade naturally and find alternative products 
that are less harmful to the environment. 

Plastics are synthetic polymers. Other polymers occur naturally. Silk, spider¬ 
webs, hair, muscle, cotton, and wood are all composed of polymers made by 
living organisms. Polymer chemists have designed many synthetic polymers 
that have similar properties to natural polymers. 


Answer the following questions using your current 
knowledge. You will have a chance to revisit these questions 
later, applying concepts and skills from the chapter. 

1. What is the difference between polymers and plastics? 

2. What advantages do products made with polymers offer 
over products made with other materials? 


3. Why are natural polymers put into the same category as 
plastics? 

4. How are polymers made, and what are they made from? 

5. What are some potential issues related to society’s use 
of plastics? 
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Mini Investigation 


Making Polymer Worms 

Skills: Predicting, Performing, Observing, Evaiuating, Communicating 

Alginate is a natural polymer that is extracted from seaweed. 
Food manufacturers use alginate to thicken many food 
products, including ice cream. In this investigation, you 
will convert a solution of a soluble sodium alginate into an 
insoluble substance. Only when it is insoluble will you be 
able to see it. Squirting the dissolved sodium alginate into 
a solution of calcium chloride results in a chemical reaction 
that produces insoluble calcium aiginate. The calcium alginate 
precipitates, forming iong “worms.” 

Equipment and Materials: chemical safety goggles; lab apron; 
beaker or small bowl; tongs or spoon; approximately 250 ml of 
1 % solution of calcium chloride; dropper bottie containing 
5-10 ml of 2 % solution of sodium alginate; paper towel 

1. Put on your safety goggles and lab apron. 

2. Pour the calcium chloride into the beaker or bowl. 

3. Squeeze about 5 ml of the sodium alginate solution into 
the calcium chioride solution as two or three continuous 
strands, and then squeeze several drops Into the 
solution. 


HANDBOOK C. 

4. Remove the “worms” and drops from the solution and 
place them on the paper towel. Record your observations. 

5. Place one of the “worms” and one of the drops back Into 
the solution, leave them for 5 min, and remove them 
again. Observe the differences between the group 

left longer in the solution and the group left out of the 
solution. Record your observations. 

6. Follow your teacher’s instructions for safe disposal of the 
material. 

A. Describe the “worms” that you removed from the solution 
in Step 4. ESi 

B. Describe the differences between the group left longer in 
the solution and the group left out of the solution, ezi 
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Introducing Polymers 

For thousands of years, people have prized silk fabric for its luxurious qualities. Silk is 
made of fibres produced by silkworms (Figure 1). For many centuries, the Chinese royal 
family kept secret the process of producing silk. During that time, silk was the founda¬ 
tion of the Chinese export economy, bringing great wealth from Asia and Europe. 

Each silkworm (which is actually a caterpillar) produces a cocoon made of a single 
fibre hundreds of metres long. A silk fibre is thinner than a human hair, but much 
stronger and lighter in weight than a similar-sized steel wire. The silk workers get hold 
of a fibre from each of several cocoons and reel these fibres fogefher to make a thread. 
This thread can then be woven into fabric or used for sewing or embroidery. Silk 
fabric is desirable because of its unique combination of properties, such as strength, 
light weight, soft texture, shiny appearance, and flexibility or “drape.” Among other 
uses, silk’s applications include packaging, medical devices, parachutes, and clothing. 
Silk fibres are examples of a remarkable group of compounds—polymers. 



Figure 1 (a) Silk is a natural fibre produced when caterpillars of Bombyx mori moths make their 
cocoons, (b) Many countries now produce silk, harvesting the silk fibres from the cocoons. 


The General Structure of Polymers 


polymer a large, usually chain-like 
molecule that is built from small molecules 

monomer one of the repeating small 
molecules that make up polymers 


homopolymer a polymer of a single type 
of monomer 


A polymer is a very large molecule that is built from monomers. A monomer is one 
of the repeating units that make up a polymer. Many biological molecules, such as 
silk, are natural polymers that are built inside living organisms. In the last couple 
of centuries, humans began manufacturing synthetic polymers for a wide range of 
applications, including textile fibres, rubber, and plastics. The polymer industry is 
now critically important to our economy and standard of living. 

Figure 2 illustrates one of the simplest reactions to form a synthetic polymer. In 
this addition reaction, the double bond in each monomer is converted into a single 
bond, freeing up two electrons that form carbon-carbon single bonds with other 
monomers. Polyethene (more commonly known as polyethylene) is an example of 
a homopolymer: a polymer formed by reactions involving a single type of monomer. 


H H 

I I 

C=C 


HHHHHHHH HHHHHHHHHHHH 

I I I I I I I I I I I I I I I I I I I I 

c=c c=c c=c c=c ^ -c-c-c-c-c-c-c-c-c-c-c-c- 

I I I I I I I I I I I I I I I I I I I I 

HHHHHHHH HHHHHHHHHHHH 


ethene monomers polyethene (polyethylene) polymer 

Figure 2 Polymerization of ethene molecules produces polyethene (polyethylene). 


Substituents on the chain of carbon atoms give the polymer different properties. 
Other polymers that form by addition reactions include polypropene (polypropylene) 
and polystyrene (Figure 3). 
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-c-c-c-c-c-c- 
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H CH3 H CH3 H CH3 


(a) propene monomers 


polypropene (polypropylene) 


HHHHHH HHHHHH 

I I I I I I I I I I I I 

c=c + c=c + c=c+ ^ -c-c-c-c-c-c- 

(b) styrene monomers polystyrene 

Figure 3 Homopolymers formed by addition reactions: (a) polypropene from propene monomers 
and (b) polystyrene from styrene monomers 

Other polymers are chains of two or more types of monomers. A copolymer has 
different types of monomers combined to form the polymer chain. They may join in 
an addition reaction or in a condensation reaction, in which a molecule of water is 
eliminated as each new bond forms. Figure 4 shows the chemical equation for the 
condensation reaction of three different amino acids to form part of a silk polymer. 
(Amino acids are the monomers in silk.) This reaction happens millions of times in 
the formation of a strand of silk. 



Figure 4 Silk is a protein: a natural polymer. Amino acids are the monomers of proteins. They join into 
chains in a condensation reaction. A molecule of water is released when two amino acids connect. 


Natural and Synthetic Polymers 

Natural polymers are made by all living things, from bacteria to mammals. Those 
manufactured in the cells of plants include starch and cellulose, which are homopoly¬ 
mers of the monomer glucose. Other natural polymers include the molecules RNA 
and DNA (Figure 5) that are produced within cell nuclei. You will learn more about 
natural polymers in Section 2.6. 

Scientists developing new synthetic polymers often look to natural polymers, such 
as silk, for desirable properties. Synthetic polymers are usually made from monomers 
sourced from plants or from petrochemicals. Examples of synthetic polymers include 
polyester and polyamide fabrics, containers made of polyethene or polypropene 
(Figures 2 and 3), fluoropolymers used as non-stick coatings on cookware, the rubber 
of automobile tires, and the super-strong Kevlar fibres used in body armour. 


copolymer a polymer made of two 
or more different types of monomers 
combined 


H3C /CH3 
CH 
I 

H CH2 

I I 

C-N-C-COOH + 2H2O 
0 H 



Figure 5 DNA is a polymer. The 
monomers, called nucleotides, are each 
made up of a base, phosphate, and 
a sugar. There are billions of unique 
strands of DNA. 
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A Short History of Synthetic Polymers 

The first commonly used polymers were naturally occurring materials, such as 
bitumen, amber, waxes, rubber, and animal horns. These products were moulded 
or shaped with tools to create objects, or used as coatings. Then, chemists began to 
modify natural polymers to make products with different properties. (# web link 
Sometimes polymers with useful properties are created by accident. In 1968, 
organic chemist Spencer Silver created an adhesive that did not appear to have a 
useful function because it did not stick very well. In 1974, another scientist, Arthur 
Fry, suggested using the adhesive to make small, sticky pieces of notepaper that could 
be easily removed. The adhesive was applied to paper squares and the squares were 
pressed onto other surfaces. The adhesive was sticky enough that the squares stayed 
in place, but not so sticky that they could not be easily removed. 


‘S’ 


1839: Vulcanized rubber was 
developed by American Charles 
Goodyear to make natural rubber 
stronger. Natural rubber is a 
polymer produced from the liquid 
sap of rubber trees. Natural rubber 
tends to be brittle when cold and 
soft when warm. Heating natural 
rubber with sulfur—vulcanizing— 
made the product harder and raised 
its melting point. Vulcanized rubber 
was used for battery boxes, pumps, 
dental plates, fountain pens, and, 
eventually, automobile tires.-1 


r 


1909: Bakelite, invented by Leo 
Hendrik Baekeland, was the first 
fully synthetic polymer. It was widely 
used to replace wood, ivory, and 
ebony (thereby reducing the 
pressure on some endangered 
species). A lightweight plastic, it 
was non-conductive, heat and 
moisture resistant, chemically 
unreactive, and could be coloured. It 
revolutionized the design of 
consumer and industrial products. 
Many things made of Bakelite, such 
as jewellery, dishes, telephones, and 
toys, are collectables today, -i 


1929: Vinyl (PVC), invented by Waldo 
Semon, came to be used worldwide 
in products such as flooring, shower 
curtains, and plumbing pipes. It was 
the first durable material that was 
use d to record and play back music.-| 


% 


1935: Nylon, invented by Wallace 
Carothers to replace silk in 
parachutes and stockings, became 
widely used in many consumer 


1830 1840 1850 1860 1870 1880 1890 1900 1910 1920 1930 1940 1950 1960 1970 1980 1990 2000 2010 


J , 


J 


L1868: Celluloid was invented to 
replace ivory in billiard balls. In the 
form of celluloid film, this polymer 
played a central role in the 
development of the movie industry 


-1910: Formica was invented for use 
as an electrical insulator. The 
polymer was modified during the 
1930s to make it more durable. 
Formica is widely used as a laminate 
on household surfaces, such as 
kitchen or bathroom counters. 


-1933: Saran was invented by 
Ralph Whiley. It was originally 
used as a coating: sprayed onto 
fighter planes to protect the 
surfaces against corrosion from 
sea salt. It was eventually 
approved for use 
in food packaging. 


8: The existence of the Great 
Pacific Garbage Patch was predicted 
and confirmed. In an attempt to reduce 


poly velop 



As the chemistry of polymerization was better understood, scientists were able to 
design many more synthetic polymers with specific, desired properties. Some more 
familiar trade names of some of these polymers are Lycra, Dacron, Styrofoam, and 
Kevlar. Developments of these and other polymers have had a significant impact on 
the environment and society. # career link 

The development and use of so many polymer products have brought drawbacks, 
however. There are concerns regarding the breakdown of some polymers during use, 
releasing potentially carcinogenic compounds. Some people are particularly wor¬ 
ried about this possibility in products used to transport, store, or cook food, such 
as plastic water bottles and non-stick cookware surfaces. There is also the issue of 
disposing of the vast volumes of synthetic products at the end of their useful lives. 
Unlike materials such as wood, paper, cotton, and leather, synthetic compounds do 
not break down quickly. They can remain unchanged for decades or centuries. 
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Review 


Summary 

• Polymers are very large molecules—natural or synthetic—made up of many 
monomers linked together. 

• Monomers are small molecules with functional groups that allow them to link 
together to form polymers. 

• Homopolymers are polymers made of only a single type of monomer. 
Copolymers are polymers made of two or more types of monomers. 

• Polymers may form in addition reactions or condensation reactions. 

• Synthetic polymers bring both benefits and drawbacks. 


7 


Questions 


1. Classify each of the following substances as a natural 
or a synthetic polymer. Explain. 013 

(a) DNA 

(b) polyethene 

(c) celluloid 

(d) cellulose 

(e) protein 

(f) rubber 

(g) Kevlar 

(h) bitumen 

2. Explain the difference between the terms in each 
pair. QQ 

(a) monomers and polymers 

(b) homopolymers and copolymers 

3. What do the three different monomers shown in 
Figures 2, 3, and 4 have in common? Explain how 
this feature allows them to form polymers. QID EQ 

4. Figure 6 shows the structure of a polymer called 
cellulose. Draw a diagram of the monomer that 
makes up this polymer. QQ D 



5. Use a graphic organizer to describe the similarities 
and the differences between natural and synthetic 
polymers. Include an example of each. 1313 B 

6 . Suggest properties that might make polymers useful 
additions to paint, auto, or wood finishes. B 

7. The rubber tree produces a resin, called latex, 
that is the raw material for making natural 
rubber. Research the developments that led to 
the process of making synthetic rubber and the 
social and environmental circumstances that 
occurred around the time this process was invented. 
Communicate your findings in a format of your 
choice. # ESI B B 

8 . Research the Great Pacific Garbage Patch. What is 
it? Why is it so hard to track and map? What impact 
does it have on the marine ecosystem? What is being 
done to clean it up? Present your findings in an 
illustrated report for inclusion in an environmental 
magazine or on a web page. 0 EZD B D 

9. The monomer 2,2-bis(4-hydroxyphenol)propane, 
better known as BPA, is used in the production 
of hard plastics. In recent years there has been 
some concern that it could leach out of plastics 
and have negative health effects. According to 
Health Ganada, "the current dietary exposure to 
BPA through food packaging uses is not expected 
to pose a health risk to the general population, 
including newborns and infants.” Research the pros 
and cons of BPA, summarizing your research in a 
table or similar graphic organizer. Bi B B 

10. Research two types of plastic, other than those 
illustrated in the timeline, and prepare a short 
illustrated history for each one. # EZD B B 

( 1 ^) 
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addition polymer a very long organic 
molecule formed as the result of addition 
reactions between monomers with 
unsaturated carbon-carbon bonds 


Synthetic Addition Polymers 

If you have ever stuffed used sports clothing in a plastic bag, or cooked eggs in a 
non-stick pan, you have handled an addition polymer. An addition polymer is the result 
of the reaction between monomers with unsaturated carbon-carbon bonds, similar 
to the addition reactions previously discussed for alkenes. Many plastic bags are 
made of polyethene, a very common addition polymer. (See Section 2.1, Figure 2.) 
Similarly, when tetrafluoroethene is the monomer, the resulting polymer is polytet- 
rafluoroethene, PTFE (Figure 1). The brand name of this compound is Teflon: the 
slippery surface that prevents eggs from sticking to the pan. 
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tetrafluoroethene polytetrafluoroethene 

Figure 1 The formation of polytetrafluoroethene (PTFE) 



Shorthand for Polymers 

Polymers might be thousands of 
carbon atoms long. So far, we have 
represented polymer molecules 
as long chains of repeating units 
that end in a line at each end. This 
implies that the molecule continues 
indefinitely in each direction. We 
can show the structure of a polymer 
In a condensed form by writing the 
repeating monomer in parentheses 
with an “/?” subscript to indicate the 
number of repeating units. 


The discovery of Teflon illustrates the role of chance in chemical research. In 
1938, DuPont chemist Roy Plunkett was studying the chemistry of gaseous tetra¬ 
fluoroethene. He synthesized about 50 kg of the chemical and stored it in steel cylin¬ 
ders. When the valve on one of the cylinders was opened to release some of the gas 
for testing, nothing happened. Rather than assuming that the cylinder was empty 
and discarding it, Plunkett decided to cut the cylinder open. Inside, he found a white 
powder: a polymer of tetrafluoroethene. This substance was eventually developed 
into Teflon. Why is Teflon such an inert, tough, non-flammable material? These prop¬ 
erties are the result of the strong C-F bonds of the polymer molecule. These bonds 
are very resistant to chemical change. Because of its lack of chemical reactivity. Teflon 
is widely used for electrical insulation, non-stick coatings on cooking utensils, and 
low-friction surface coatings. # career link 

Other addition polymers can be made from monomers containing chloro-, 
methyl-, cyano-, and phenyl- substituents (Table 1). In each case, the carbon- 
carbon double bond in the substituted ethene monomer becomes a single bond in 
the polymer. The variety of substituent groups leads to a wide range of properties. 

The reaction to form polypropene is very similar to the reaction that forms poly¬ 
ethene. You could think of propene molecules as ethene molecules with a methyl 
group as a substituent. The polymer formed from propene looks just like that of 
polyethene, except that it contains methyl groups on every other carbon atom in 
the long chain: one per monomer (Figure 2). These methyl groups give the polymer 
added strength. 
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Figure 2 The polymerization of propene produces polypropene. Note how the structures of the 
reactant molecules are drawn so that their carbon-carbon double bonds are all aligned but the 
single bonds are above and below. 
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Table 1 Familiar Addition Polymers 


Monomer 

Polymer 

Name 

Formula 

Name 

Uses 

ethene 

H2C = CH2 

polyethene 

(polyethylene) 

plastic bottles and pipes, insulation on 
electric wires, toys 

propene 

H 

1 

H2C=C 

CHs 

polypropene 

(polypropylene) 

rope, packaging film, 

carpet fibres, toys jS 

I 

chloroethene 
(vinyl chloride) 

H2 C=c( 

Cl 

polyvinyl chloride (PVC) 

pipes, construction 
materials, floor tile, ^ 

clothing, reusable iSr " ' 

bags 


cyanoethene 

(acrylonitrile) 

H2C=C^ 

^CN 

polyacrylonitrile (PAN) 

carpet fibres, synthetic fabrics 

tetrafluoroethene 

F2C=CF2 

polytetrafluoroethene 

(Teflon) 

non-stick cookware, electrical insulation, 
ball bearings 

vinylbenzene 

(styrene) 

H2C=C 

b 

polystyrene 

food and beverage ZSKSI IT I 
containers, insulation, % 

toys ' 

r 


butane-1,3-diene 
(butadiene) 

H 

1 

H2C = C—C=CH2 

H 

polybutadiene 

tires, industrial coatings 

vinylbenzene 
(styrene) and 
butane-1,3-diene 
(butadiene) 

/H T 

H,C^C H,C=C-C=CH, 

O " 

styrene-butadiene 
rubber (a copolymer) 

synthetic rubber 


Just as propene is similar to ethene with a methyl substituent group, other mono¬ 
mers are also similar to ethene with other substituents. These substituents could be 
chlorine, an alkyl group, or a benzene ring. These compounds also can undergo addi¬ 
tion polymerization to produce a range of polymers, as Table 1 shows. 
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For example, polyvinyl chloride (PVC) is a polymer of the chloroethene monomer 
(also called vinyl chloride) (Figure 3). 


H H H H H H 

I I I I I I 

c=c+c=c+c=c+ 
I I I I I I 

Cl H Cl H Cl H 


H H H H H H 

I I I I I I 

— c—c—c—c—c—c— or 
I I I I I I 

Cl H Cl H Cl H 


H H 

I I 

—c-c— 


vinyl chloride monomers polyvinyl chloride (PVC) 

Figure 3 The formation of polyvinyi chloride (PVC) 


If the substituent in ethene is a benzene ring, the compound is ethylbenzene (also 
known as styrene). The addition reaction of ethylbenzene molecules produces the 
polymer polystyrene (Figure 4). Polystyrene is used to make heat-resistant disposable 
drinking cups and it is used in many plastic toys. 

HHHHHH HHHHHH 

I I I I I I I I I I I I 

C=C-f C=C-f C=C-f —> —c—c—c—c—c—c— or 

6‘6W 6W6‘ 

styrene monomers poiystyrene 

Figure 4 Styrene monomers react to produce polystyrene, which is the polymer in familiar 
Styrofoam products. 



Tutorial 1 Drawing Addition Polymers and Their Monomers 


In this tutorial you will learn how to draw an addition polymer given the name of its 
monomer, and how to draw the monomer given the structure of the polymer. 

Sample Problem 1: Drawing a Polymer 

Draw a structural diagram showing three repeating units of the addition polymer formed 
from cis-but-2-ene. 

Solution 

First, draw three structural diagrams of cis-but-2-ene, CH3CH=CHCH3. Show each molecule 
with the double-bonded carbon atoms all in a line, and place other atoms below or above 
that line. 


H H 

I I 

C=C 

■ I 


H H 

I I 

C=C 

I I 


CH3 CH3 CH3 CH3 CH3 CH3 


Next, connect the monomers with single bonds to form a chain. Remove the double 
bonds within the monomer, replacing them with single bonds so that each carbon atom 
has exactly four bonds. Add lines at each end to indicate that this is just one segment of 
the longer polymer molecule. 


HHHHHH 

I I I I I I 

-c-c-c-c-c-c- 

I I I I I I 

CH3 CH3 CH3 CH3 CH3 CH3 
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Sample Problem 2: Drawing a Monomer from a Polymer Structure 

Draw a structural diagram of the monomer used to make Saran, shown below. Name the 

monomer. 


H Cl H Cl H 

I I I I I 

-c-c-c-c-c- 

I I I I I 

H Cl H Cl H 


Cl 

I 

c- 

I 

Cl 


Solution 

First, identify the repeating unit. In this case, the repeating unit in the polymer Is 
CH2-CCI2, circled below. (Note that it would also be correct to identify the repeating 
unit as CCI2-CH2.) 


I I I 

H Cl H 

Next, draw the monomer, replacing the single bond between the 2 carbon atoms 
with a double bond. (Remember that, during an addition reaction, double bonds between 
carbon atoms in a monomer become single bonds between carbon atoms in the polymer.) 



H 

I 

C= 

I 

H 


Cl 

I 

C 

I 

Cl 


The name of this compound is 1,1-dichloroethene. 


Practice 

1. Draw and name the polymers that would be produced from each of the following 
monomers. Circle the repeating unit, m b 


H H 

I I 

(a) C=C 

Br Br 

(b) CH3-CH2-CH=CH-CH2-CH3 

(c) CHCI=CH—CH3 

2. Draw a section of the addition polymer polyacrylonitrile, showing 3 monomers. 
(SeeTablet), ma 

3. Draw and name the monomer used to produce the following polymer: qq b 


H H H H H H 

I I I I I I 

-c-c-c-c-c-c- 

I I I I I I 

H Br H Br H Br 
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plastic a synthetic substance that can be 
moulded (often under heat and pressure) 
and that then retains its given shape 


Plastics 


A plastic is a synthetic polymer that can be moulded into shape (often under heat 
and pressure) and will then retain its shape when cooled. There are many kinds of 
plastics, including polymers of substituted ethene monomers: polystyrene, polyvinyl 
chloride, nylon, polyesters, rubber, polyethene, and polypropene. We see products 
made from plastics all around us: tires, DVDs, automobile trim, packaging materials, 
and eyeglass lenses. Plastics are usually manufactured from petrochemicals. Not all 
polymers are plastic, but all plastics are polymers. 


Research This 


Paying with Plastic 

Skills: Researching, Analyzing, Evaluating, Communicating handbook *^.1 

In 2011, Canada joined the small number of countries that manufacture banknotes from 
synthetic polymers (Figure 5). The polymer is a biaxially oriented polypropene (BOPP) 
and is replacing the traditional cotton fibre. BOPP is made by stretching polypropene 
uniformly in two directions. The resulting synthetic polymer makes the bills more durable, 
more resistant to dirt and water, and more difficult to counterfeit. The new $100 bill feels 
smoother than the traditional paper bill, but the size remains unchanged. The Bank of 
Canada plans to replace all bills with polymer bills. 



Figure 5 The new $100 bill has two see-through sections and a smooth surface. 


Research anti-counterfeit technology that is incorporated into Canadian polymer 
bills. Choose one type and explore how successful this technology is at preventing 
counterfeiting. 

Research to find out what properties of BOPP influenced the Bank of Canada to 
choose it as a material for making notes. 

Research the advantages and disadvantages of using polymer-based bills compared to 
traditional cotton-paper bills. 

List the advantages and disadvantages of using polymer-based bills and cotton-paper 
bills. 


B. How are the polymer bills designed to foil counterfeiters? oi a 

C. How successful are anti-counterfeiting technologies? Do you think this technology 
could be applied to coins? Di d 
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Properties of Plastics 

Most plastics are chemically unreactive. This can he explained by their structure: they 
are held together by stable single bonds. Because these single carbon-carbon bonds 
are very strong and less reactive than double bonds, the resulting polymer molecules 
tend to be very stable chemically. The fact that plastics resist breakage makes them a 
good replacement for glass in containers for food, water-based liquids, some solvents, 
and many other chemicals. Some plastics, however, are weakened or even dissolved 
by non-polar organic solvents. Not all plastics are suitable for all uses. 

Plastics are moulded to give them the required shape. Many plastics, such as those 
used in plastic bags and upholstery foam, are flexible and can be bent and folded. Others, 
such as those used in car fenders and plastic water bottles, retain their shapes during 
normal use. What holds the polymer chains together so effectively? Polymer molecules, 
like all molecules, are attracted to one another by van der Waals forces. Although these 
intermolecular forces are generally weak on an individual basis, polymer chains are 
often thousands of carbon atoms long and the attractive forces are additive. Certain 
substituent groups may also cause electrostatic attractions between molecules. 

Most plastics become softer and more flexible when they are heated because heat 
increases molecular motion. This motion disrupts the intermolecular forces briefly. 
The polymer chains slide past each other and the plastic becomes stretchy and flexible 
(Figure 6). This allows heated plastics to be shaped. 

-c-c-c-c-c-c- 

-cyd/cyd/c/cy- 

---c-c-c-c-c-c--- 

Figure 6 Weak forces between carbon atoms allow the plastic to flex and stretch. 


UNIT TASK BOOKMARK 


In the Unit Task, described on page 
116, you will consider how solvents 
interact with other materials. 


Polyethene plastics are classified according to their density. The most common 
forms are low-density polyethene (LDPE) and high-density polyethene (HDPE). 
LDPE is made by adding a small amount of compounds, such as butadiene, that have 
two or more double bonds. The butadiene results in branches in the polymer chains. 
These branches prevent the molecules from packing as tightly as those in HDPE, 
which consist of mostly straight-chain molecules. The branched polymer therefore 
has a lower density. 

LDPE is mostly used for packaging materials (Figure 7(a)). The major use of 
HDPE is for blow-moulded products. These are products in which a bubble of molten 
HDPE is blown into a mould of the desired shape. Examples of blow-moulded prod¬ 
ucts are milk jugs and bottles for consumer products (Figure 7(b)). 

Because polypropene has more carbon atoms per monomer than polyethene, it 
tends to be harder and less flexible. Much of the polypropene that is produced is 
used for moulded parts, such as bottle caps, parts for appliances and electronics, and 
plastic toys. The strength of polypropene fibres also makes them useful for manufac¬ 
turing rope, twine, and carpeting. 

Polystyrene flows easily when it is hot, but becomes hard when it cools. Pure poly¬ 
styrene is hard and colourless, so it is used to make disposable cutlery, DVD cases, 
and plastic models. When air or nitrogen is injected into the molten polystyrene, it 
expands into a light, foamy plastic. Expanded polystyrene is used to make cups for 
hot drinks and building insulation. 

Polyvinyl chloride (PVC) also becomes hard when it is cooled. Because it is strong 
and relatively inexpensive, PVC is widely used in building construction. Door and 
window frames, water and sewage pipes, and siding are examples of products formed 
from PVC. Additives make PVC softer and more flexible, so that it can be used as 
insulation for electrical wires, a waterproof coating for shoes and clothes, and even 
imitation leather upholstery. PVC is a somewhat controversial material. During its 



4il 

(b) 

Figure 7 (a) Plastic bags are generally 
made from LDPE. (b) Plastic bottles with 
the recycling code “2” are made from 
HDPE. 
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Figure 8 The more paper clips running 
between the vertical rows, the stronger 
the structure will be. These are just like 
cross-links in a polymer. 


use, and especially during incineration after the useful life of an object is over, PVC 
may release persistent toxic compounds into the environment. These compounds 
may be harmful to humans and other organisms. 

Since having a high molecular mass is associated with a very strong, durable 
plastic, one might think that polymer chemists’ goal would be to produce polymers 
with chains that are as long as possible. However, this is not necessarily the case. 
Polymers become much more difficult to process as the molecular mass increases. 
Molten polymer must be able to flow through pipes as it is processed. As the chain 
lengths increase, viscosity also increases. The flow requirements of the manufacturing 
process usually set the upper limit of molecular weight. 

Plasticizers 

In addition to the polymer itself, many plastic products include plasticizers. Plasticizers 
are substances added to increase flexibility, making the plastics easier to produce and 
shape into useful objects. Plasticizer molecules are inserted between polymer chains, 
keeping the chains spaced apart. This slightly weakens the forces that hold the mol¬ 
ecules rigidly in place. However, some plasticizers, such as phthalates, have been 
linked to negative health effects. You will learn more about phthalates in Section 2.3. 


Polymer Cross-Linking 

All of the polymers illustrated above form long chains by joining monomers. 
Depending on other functional groups attached to the monomers, individual chains 
of some polymers can link together. Chemical bonds can form between separate 
polymer strands in a process called cross-linking. Cross-linking binds multiple 
polymer chains together to form networks (Figure 8). These networks may be two- 
dimensional or three-dimensional structures. 

The properties of a polymer depend on a number of factors including the func¬ 
tional groups present, the number of monomers in the polymer molecule, and 
the degree of cross-linking that occurs. In general, the more cross-links there are, 
the more tightly the chains are held together and the more rigid and inflexible the 
polymer (Figure 9). 



SH SH SH 


SH SH SH 



i 



Figure 9 Two polymers with -SH groups can form sulfur-sulfur cross-links. 

Dienes are alkenes with two carbon-carbon double bonds. Incorporated into 
polymer molecules, dienes form strong cross-links from one chain to another. The 
more dienes that are added to a polymer chain, the more cross-linking will occur. The 
number of diene monomers added controls the rigidity of the polymer. As cross-links 
are added, the density of the polymer increases as well. Plastics can be made soft or 
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hard depending on the degree of cross-linking. A hard, dense, inflexible garbage bag 
would not be that useful nor would a soft, flexible fencepost. 

A diene used for cross-linking polymers is 1,4-diethenylbenzene, also called 
divinylbenzene or DVB. Incorporated into polystyrene, 1,4-diethenylbenzene makes 
the resulting plastic stronger (Figure 10). 


CH = CH2 + CH=CH2 — CH—CH2— CH—CHj- 


O O - O CQ 


CH2 = CH CH —CH2— CH2—ch— 


styrene cross-linking I f ) 1 linked 

monomer monomer 

1,4-diethenylbenzene 
(p-divinylbenzene) 



Figure 10 The addition of 1,4-diethylbenzene to polystyrene allows cross-links to form between 
adjacent polymer chains. 


Some cross-linking agents are inorganic. As Figure 9 shows, sulfur is able to form 
two covalent bonds to connect two different polymer chains. Natural latex from 
rubber trees is very soft and gooey. The diene monomer in latex, 2-methylbutadiene, 
forms partially unsaturated polymer chains. This polymerization results in a soft, 
reactive rubber (Figure 11(a)). When sulfur is added to latex and the mixture is 
heated, the sulfur forms cross-links that make the polymer much tougher and stiffer 
(Figure 11(b)). This process was named “vulcanization” for Vulcan, the Roman god 
of fire. The cross-links bring the polymer chains back to their original position after 
the rubber is stretched. The elasticity of rubber makes it suitable for tires, providing 
a comfortable, bump-less car ride. 



Figure 11 (a) Rubber monomers undergo addition reactions to form a soft rubber polymer, 
(b) Vulcanization adds sulfur cross-links to the rubber polymer. 


Some plastics can withstand more heat than others. This heat tolerance deter¬ 
mines how products made from the plastics can be manufactured and used. Some 
plastics will melt or soften when heated and hold their shape when cooled. These 
plastics are called thermoplastics and they can be moulded. Thermoplastic polymers 
do not contain many cross-links. Highly cross-linked plastics will not soften at high 
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temperatures because the cross-links, which are strong covalent bonds, are not over¬ 
come by heating. These plastics are called thermoset polymers. 

Elastomers are as they sound—elastic. They are polymers with a limited amount 
of cross-linking, which allows them to stretch and then snap back to their original 
shape. The polymer chains in an elastomer at rest are condensed and tightly wound 
up but, when stretched, the chains straighten out. Most elastomers are carbon-based, 
such as neoprene and rubber. Silly Putty is a type of silicone-based elastomer. It is 
bouncy and stretchy, and it floats. 


Mini Investigation 


Guar Gum Slime 

Skills: Performing, Observing, Analyzing handbook 

Guar gum is a natural substance produced by the guar plant. When guar gum is heated in 
water, it forms polymers that cause the solution to become more solid. Many processed 
foods include guar gum as a thickener, much like soluble cornstarch that thickens gravy. 
Oil drillers also mix guar gum into the slurry that they pump into oil wells. 

Sodium borate (borax) is a cleaning agent often used for laundry. It is a hydrated ionic 
compound made up of sodium and polyatomic borate ions: Na2B407-10 HjOis). In 
solution the borate ions react with certain organic compounds to form cross-linked 
polymers. In this investigation, the borate ions link with -OH groups in the guar gum 
molecules to form a cross-linked substance with interesting physical properties. 
Equipment and Materials; lab apron; chemical safety goggles; 250 ml beaker; wooden 
stir stick; 100 ml measuring cylinder; electronic balance; 100 ml beaker; aluminum pie 
plate; 110 ml warm distilled water; food colouring (optional); 1.0 g guar gum powder; 

0.4 g sodium borate, Na2B407(s) @ O 

Sodium borate is an irritant. Avoid skin and eye contact. If the solution splashes 
onto your skin or Into your eyes, wash the affected area for 15 min with plenty of 
cool water and Inform your teacher. Wash your hands at the end of the Investigation. 

(D Do not consume anything in the laboratory or remove anything from the laboratory 
to consume later. 

1. Put on your lab apron and chemical safety goggles. 

2. Add 100 ml of warm water to the 250 ml beaker. Add food colouring (optional). Slowly 
add the guar gum powder, stirring constantly with the stir stick to dissolve the powder. 

3. Add 10 ml of warm water to the 100 ml beaker. Add the sodium borate crystals to 
the water. 

4. Add the sodium borate solution to the guar gum solution, immediately begin stirring 
the mixture with the stir stick. Within a couple of minutes, a slimy substance will form. 

5. Lift some of the “slime” out with the stir stick and place it on the aluminum pie plate. 
The mixture is safe to touch. Use your hands to manipulate the slime. Try stretching, 
poking, and slapping it. Move it quickly and slowly. Record your observations. 

A. What happened when you first started stirring the mixture? bq bo 

B. What happened after stirring for a few minutes? BCi bo 

C. Describe the appearance and properties of the slime. Are the properties constant, or 
do they vary? qisebi 

D. Describe how cross-linking gives this mixture its properties, bq eb 

E. How might the use of guar gum by the oil-driiling industry affect the price of food? 
Comment on the impiications of this. D 




Review 


7 


Summary 

• Addition polymers form when monomers link during addition reactions. 

• The properties of addition polymers can be varied by selecting monomers 
with certain substituent atoms or groups, particularly by adding substances 
that can form cross-links between polymer chains. 

• Plastics are synthetic substances that can be moulded, often under heat and pressure. 
Plastics that can be heated and formed in moulds are called thermoplastics. Those 
that carmot be heated and formed are called thermoset polymers. Elastomers are 
flexible polymers that return to their original shape after being stretched. 

Questions 


1. Kel-F is a polymer with the structure 


F F 

I I 
-c-c- 
I I 

Cl F 


F F 


Name and draw the monomer for Kel-F. I 


2. Write the name and formula of the monomer that 
could be used to produce each of the following 
polymers; QQia 


(a) 


^CH—CHj—CH —CH 2 —CH —CH2^ 
Lf F F 


(b) 


Cl Cl 

I I 

— CH—CH—CH —CH 

I I 

Br Br 


Cl 

I 

—CH—CH — 

I 

Br 



3. “Super glue” contains methyl cyanoacrylate. 


NC. 


/C=CH2 

o< 


'O-CH3 


When it is exposed to water or alcohols (for 
example, on two surfaces to be bonded), ethyl 
cyanoacrylate quickly polymerizes. Draw the 
structure of the polymer formed by methyl 
cyanoacrylate, ma 


4. Explain how cross-linking occurs and what effects it 
has on the properties of a polymer. QQl Di 

5. Polystyrene can be made more rigid by copolymerizing 
styrene with p-divinylbenzene. QQ B 

(a) Draw the structure, and write the lUPAC name, 
of p-divinylbenzene. 

(b) How does p-divinylbenzene make the 
copolymer more rigid? 

6 . Scientists have developed polymers that can “heal” 
from scratches, much as skin heals. Research how 
these polymers repair themselves and where they 
might be used. Prepare an illustrated presentation 
or blog post to share your information with 
salespeople in the plastics industry. 0 Di B D 

7. Recycling programs are in place in most parts of 
Ontario, but not all types of plastic can be 
recycled. # B B B 

(a) What are the different classes of plastic? 
Summarize your findings in a table. 

(b) Find out what types of plastic cannot be 
recycled in your region, and why. 

(c) How long does it take for plastic garbage bags 
to decompose in a landfill site? 

(d) What can you do, personally, to reduce the 
environmental impact of plastics? 


8 . Polystyrene is a popular packaging material. 


(a) What properties of polystyrene make it 
particularly useful for packaging? 

(b) What biodegradable materials can be used as a 
alternative packaging material? 

(c) In a graphic organizer, compare polystyrene 
and the alternative materials. 

(d) Decide which you feel is the better choice. 
Defend your decision. 
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Explore an Issue in Polymer Technology 


SKILLS MENU 

• Defining the 

• Analyzing 

Issue 

• Defending a 

• Researching 

Decision 

• Identifying 

• Communicating 

Alternatives 

• Evaluating 



PVC 


Figure 1 Look for the PVC symbol on 
the plastic products that you use every 
day. 


Plasticizers and Human Health 

Plasticizers are compounds that increase the flexibility of otherwise brittle synthetic 
polymers such as PVC (Figure 1). Phthalates, which are long esters of polycarboxylic 
acids, are very effective plasticizers. They are not covalently bonded to the polymers 
to which they are added. 

Accumulated research has connected phthalates to severe negative health effects, 
including kidney and liver failure. Phthalates may also disrupt the human reproductive 
system, especially if the exposure occurs during childhood. In 2011, Health Canada 
placed restrictions on the use of some phthalates in children’s products. Industry 
chemists are now working to develop non-phthalate plasticizers. # web link 

The Issue 

Phthalate plasticizers are not easily replaced. Other plasticizers do not have the same 
chemical properties as phthalates and, so far, are not as effective. 

ROLE 

You are a chemist presenting a paper to a government panel on the use of plasticizers. 


AUDIENCE 

Your audience includes your Member of Parliament, representatives from the Recy¬ 
cling Council of Ontario and plastics industry associations, and concerned citizens. 


Goal 

To determine whether phthalates should be replaced by other plasticizers. 

Research handboo^--■ 

Investigate non-phthalate plasticizers. How do these products compare to phthalates 
in terms of (i) usefulness in the plastics industry and (ii) health and/or environmental 
concerns? Compare the advantages and disadvantages of each. Consider costs and 
benefits, including effectiveness, availability, health effects, lifespan, and recyclability. 


Possible Solutions 

Consider possible actions that could be taken to address this issue. The following 
suggestions may start your list: 

• Ban the use of phthalates in some products or in all products. 

• Educate the public about appropriate uses of plastics made with phthalates. 

• Fund additional research to replace phthalates. # career link 


Decision 

Summarize your findings. Draw a conclusion about the need to replace phthalates 
with other plasticizers. Justify your conclusion with evidence from your research. 

Communicate 

Select the most appropriate method to communicate your findings. 


Plan for Action 


Do you currently use plastics containing phthalates? Will you 
continue to do so? List several criteria to help you decide. 
Select three or four common products (either commercially 


available or homemade) that perform the same function as 
phthalate-containing plastics. Rank the alternatives according to 
your criteria. Which one is best? 
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Synthetic Condensation Polymers 

A firefighter entering a burning building must be protected from intense heat. 
Imagine a fabric that could withstand the extreme temperatures of an industrial fire. 
That fabric is likely to be knitted with Nomex fibres. Nomex is a polymer made from 
amide monomers. It is used to make flame-resistant clothing, electrical insulation, 
industrial filters, and aircraft parts. Race-car drivers, firefighters, fighter pilots, and 
astronauts all wear clothing that incorporates this polymer (Figure 1). Nomex is a 
condensation polymer, formed when two monomers bond together with the elimina¬ 
tion of a small molecule. 

Producing Condensation Polymers 

In Section 2.2, you studied polymers that were made by addition reactions of unsatu¬ 
rated monomers. There are many molecules without carbon-carbon double bonds 
that can also react to form polymers. What type of reaction can join these monomers 
together? 

Recall what you know about reactions that take place between two organic com¬ 
pounds, resulting in the formation of a larger compound and a small molecule such as 
water. This type of reaction is called a condensation reaction (Section 1.4). For example, 
an alcohol reacts in a condensation reaction with a carboxyhc acid to form an ester. 

O O 

CH.CH.C— fO—H -f HI — OCH, — > CH 3 CH 2 C — OCH 3 -f H —O— H 
carboxylic acid alcohol ester water 

Condensation reactions can also be used to produce condensation polymers. A 
condensation polymer, like an addition polymer, is composed of repeating groups of 
monomers. These monomers, unlike those in addition polymers, have two reactive 
functional groups involved in the polymerization reaction. They do not necessarily 
have any carbon double bonds. 

The two most common types of condensation polymers have either ester linkages 
or amide linkages. Esters have a carboxyl functional group joining the monomers 
(R-COOR'); amides have a carbonyl group, -C= 0 , connected to a nitrogen atom, 
-N-, joining the monomers (R-CONR'). Let us look at these two types of polymers 
in more detail. 



Figure 1 (a) Nomex is a flame-resistant 
material that can be formed into fine 
thread. This thread is then woven or 
knitted into safety clothing, (b) Race-car 
drivers wear balaclavas made of Nomex. 

condensation polymer a very long 
organic molecule formed as a result 
of condensation reactions between 
monomers with two functional groups 


Polyesters 

A polyester is a polymer formed by a series of esterification reactions between polyester a polymer formed by a 
monomers. Monomers with two functional groups, an -OH (hydroxyl) group and condensation reaction that results in ester 
a -COOH (carboxyl) group, form chains by undergoing condensation reactions at linkages between monomers 
both ends. As each monomer molecule is added to the chain, the condensation reac¬ 
tion produces a small by-product molecule, such as water. 


carboxyl group hydroxyl group 

0/ / O 

II ,_II 

HO — CH.CH,CH.C — — CH.CH.CH.C — OH - 


O O 

HO — CH2CH2CH2C — O —CH2CH2CH2C —OH -f H —O — H 
ester linkage water 
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Figure 2 Clothes that are made of 
polyester are washable and durable. 


To form a polymer chain, a monomer must attach to one end of the chain, either 
with its carboxyl group reacting with the hydroxyl group on the chain, or with its 
hydroxyl group reacting with the carboxyl group on the chain. Either way, it forms 
an ester linkage and eliminates a water molecule. Each end of the growing chain can 
then react with another monomer, and this process continues until a long polyester 
polymer is formed. Synthetic condensation polymers are widely used in consumer 
and industrial textiles (Figure 2). 

The general reaction equation for the formation of a polyester is 

o o o 

HORC— Sirm ORC— bH + HI ORC— OH —> 

O O O 

II II II 

— ORC—ORC—ORC— O— + water 
a polyester 


Polyesters can also be formed from two different monomers. One monomer 
must have two hydroxyl groups (a diol) and the other must have two carboxylic acid 
groups (a dicarboxylic acid). In this case, the polyester is a copolymer formed with 
alternating monomers diol and dicarboxylic acid. # career link 


Dacron 

Dacron is the brand name for polyethene terephthalate (PET). It is a condensation 
copolymer formed by the reaction of ethane-l,2-diol (ethene glycol) and benzene- 
1,4-dicarboxylic acid (terephthalic acid). Ester linkages join the monomers together. 


O 

Hoi! 




o o 

C lOH + HI OCH.CH^O FTHb C 


benzene-1,4-dicarboxylic acid 
(terephthalic acid) 


ethane-1,2-diol benzene-1,4-dicarboxylic acid 

(ethene glycol) (terephthalic acid) 


O 

-oc 




o o 

COCH2CH20C 


dicarboxy 
halic acic 


C lOH -f H| OCH,CH,OH 


ethane-1,2-diol 
(ethene glycol) 


polyethene terephthalate 
(PEI) 


The repeating unit of Dacron is 


D I 


COCH2CH,— 


Polyamides 

Recall from Section 1.7 that, in the formation of an amide, a carboxylic acid reacts 
with ammonia or with a primary or secondary amine. The resulting functional group 
is an amide group consisting of a carbonyl group, -C-O, in which the carbon atom 
is bonded to a nitrogen atom. 

polyamide a polymer formed by A polyamide is a polymer formed by a condensation reaction resulting in amide 

condensation reactions resulting in amide linkages between monomers. Amide linkages are formed by a condensation reac- 

linkages between monomers tion between an amine and a carboxylic acid (just as ester linkages are formed by 
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a condensation reaction between an alcohol and a carboxylic acid). The second 
product of the amide reaction is usually water. (In some polyamide reactions a 
dicarbonyl chloride is used in place of a dicarboxylic acid. In this case, a molecule of 
hydrogen chloride is eliminated.) 

The carboxyl groups allow many hydrogen bonds to form between polymer 
chains. Together, these hydrogen bonds make polyamides exceptionally strong. Poly¬ 
amides are also resistant to damage from insects and heat. Kevlar is a polyamide used 
in body armour (Figure 3). Nomex, described above, is valued for its heat resistance. 

Nylon 6,6 

Perhaps the most famihar condensation polymer is nylon. Nylon is a copolymer, with two 
different types of monomers. One common form of nylon is produced when hexane-1,6- 
diamine (hexamethylenediamine) and hexanedioyl dichloride (adipoyl chloride) react, 
resulting in the formation of a C-N bond and a hydrogen chloride molecule: 


? J?) ? 

Cl—c —CH2CH2CH2CH\^ -f (g^CH2CH2CH2CH2CH2CH2—NH —> 
hexanedioyl dichloride hexane-1,6-diamine 


0 

0 H 

H ' 

1 

— c— CH,CH,CH,CH. 

.C-N. 

- CH,CH,CH,CH,CH,CH,—N - - 

amide linkage 


nylon-6,6 


-f(H^ 


As the polymer grows, both ends are free to react with another monomer. Repeti¬ 
tion of this process leads to a long chain of the units shown in square brackets. 

There are several types of nylon, depending on the particular diamine and dicar¬ 
boxylic acid or dicarbonyl chloride used. The reaction to form nylon occurs quite 
readily under laboratory conditions (Figure 4). 


Tutorial 1 Drawing Condensation Polymers 


In this tutorial, you will learn how to draw condensation polymers given the names of the 
monomers, and how to draw and classify monomers given the structure of the polymer. 


Sample Problem 1: Drawing Polymers from Monomers 

Draw a condensed structural diagram of the polymer made from repeating units of a 

4-carbon diamine and a 6-carbon dicarboxylic acid. 


Solution 

The first monomer is butane-1,4-diamine. The second monomer is 
hexane-1,6-dicarboxylic acid. These monomers are typical of nylon. 
Draw the structure of each monomer. 


NHj—CH2CH2CH2CH2—NH2 


HO—CCH2CH2CH2CH2C—OH 

0 


Combine the structures so that an amide linkage is formed between the two 
molecules. A molecule of water will be produced during the reaction. 





Figure 3 Hydrogen bonds between 
polymer chains give Kevlar its amazing 
strength. 



Figure 4 The reaction to form nylon 
occurs at the interface of two liquid 
layers in a beaker. The bottom layer 
is hexanedioyl dichloride dissolved in 
carbon tetrachloride, CCI4. The top layer 
is hexane-1,6-diamine dissolved in 
water. A molecule of hydrogen chloride 
is produced as each C-N bond forms. 
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stereochemical Formulas 

To represent three-dimensional 
shapes on paper, we need to be 
able to show which bonds, and 
hence atoms, are closer to us and 
which are farther away. Diagrams 
called stereochemical formulas were 
developed to do this. They use the 
following conventions: a solid line — 
is a bond in the plane of the page, 
and a wedged line —is a bond 
to an atom in front of the plane of the 
page (toward the viewer). 


Show that the polymer is continuous by adding bond iines at each end, drawing square 
brackets around the structure, and writing the subscript n to indicate many repeats. 

o’ 

II 

—NH—CH 2 CH 2 CH 2 CH 2 —NH—CCH 2 CH 2 CH 2 CH 2 C— + H 2 O 
0 


Sample Problem 2: Drawing and Classifying Monomers from a Polymer 
starch is a polymer formed in a condensation reaction in which moiecules of water are 
eliminated from the new bonds. Draw the monomer that makes up starch. 



H OH H OH H OH 


Preparation of a Poiyester 
(page 106) 

You have learned about properties 
of polyesters, polyamides, and 
condensation reactions. In this 
observational study, you will perform 
a condensation reaction and explore 
the characteristics of the resulting 
polymer. 


Solution 

There is only one repeating unit, so starch is a homopolymer. The repeating units are 
based on ring structures. Adding the components of a water molecule to either end of 
each monomer gives the following structure: 



H OH 


Practice 

1 . Draw a structural diagram of the polymer formed by the reaction of 

(a) propane-1,3-diol and pentanedioic acid 

(b) butanedioic acid and a 5-carbon diamine 

(c) hexanedioic acid and a 3-carbon diamine bq b 


Unwanted Plastic 

As the quantity of plastics and other polymers used hy people around the world grows, 
disposal of unwanted materials has become a major problem. Polymers in landfills do 
not degrade and are expected to remain unchanged for centuries—and perhaps even 
longer. Polyethene and polystyrene packaging materials are particularly long-lived 
and widely used. In one vast region of the Pacific Ocean, the water near the surface is 
clogged with floating or partially submerged plastic garbage. This waste is hazardous 
to marine organisms. Because each addition polymer is essentially a massive alkane 
molecule, the plastic garbage is very stable chemically: it does not degrade. 

Condensation polymers, unlike addition polymers, can be made biodegradable. 
Certain bacteria can hydrolyze the amide or ester linkages between monomers, chop¬ 
ping up the polymer chain into smaller pieces. Micro-organisms can then consume and 
digest many of the resulting fragments. Although biodegradable polymers are prefer¬ 
able to plastics that do not break down, they are not a perfect solution to the garbage 
problem. The most effective solution is to reduce the production of plastics in the first 
place. We can do this by reducing, reusing, recycling, and using alternative materials. 
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Review 

Summary 

• Condensation polymers are polymers formed when monomers join during 
condensation reactions. A small molecule, such as water or hydrogen chloride, 
is also produced during the reaction. 

• Polyesters are formed by condensation reactions between carboxylic acids and 
alcohols that result in ester linkages. Polyamides are formed by condensation 
reactions between carboxylic acids and amines that result in amide linkages. 

• Plastic garbage is a serious environmental problem. The most effective 
solution is to reduce the quantity of waste produced. 



Questions 


1. Draw the structure of the monomer that forms this 
homopolymer by condensation: QBl D 

OHHOHHOHHOHH 

II I I II I I II I I II I I 

-O—C-C-N-C-C-N-C—C-N-C—C-N- 


2. Draw the structures of the monomers that react to 
form this polyester copolymer: QID D 



3. A condensation polymer can be formed between 
propane-1,3-diol and 1,4-diaminobutane. dDB 

(a) Draw the structures of both reactants, circling 
the functional groups that are involved with the 
polymerization. 

(b) Draw the structure of the polymer that is 
produced. 

4. Describe the similarities and differences between 
polyesters and polyamides. Provide examples. QQ 

5. Ethanedioic (oxalic) acid is found in certain 
vegetables, such as spinach. Ethane-1,2-diol is a 
toxic synthetic compound better known as ethylene 
glycol. 


O O 


OH OH 

■ I 


TO—C—C—OH HC —CH 

ethanedioic acid ethane-1,2-dioi 


Draw three units of the polymer made from 
ethanedioic acid and ethane-l,2-diol. QID B 


6. Write the names and draw the structural formulas 
for the reactants that form this polyamide: EBl B 

0 0 

II I I I I II I I I I 

-C-C-C-C-C-C-N-C-C-C-C-N 

I I I I I I I I I I 


Sodium polymethacrylate can absorb many times 
its own mass in water. This property makes the 
polymer ideal for use in hygiene products and baby 
diapers. What else do you think this polymer would 
be suitable for? DU D 

Many monomers can form long polymer chains, 
but some can also form bonds with neighbouring 
polymer chains, resulting in cross-linking, qq EH B 

(a) What properties or structure would such a 
monomer need? 

(b) Draw an example of a monomer that may be 
able to form cross-links. Circle any functional 
groups. 

(c) Draw the resulting polymer before cross- 
linking has taken place. Circle any functional 
groups that could be involved in cross-linking. 

(d) Draw the resulting polymer after cross-linking 
has taken place. 

You have invented two polymers for use as potting- 
soil supplement material for plants. DD B B 

(a) What properties would the polymers need to 
have? 

(b) Plan an investigation to compare two polymers 
for the characteristics you listed in (a). Briefly 
describe the materials, equipment, and 
procedure, as well as how you could interpret 
the data. 
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Chemistry JOURNAL 


The Invention of Nylon 

ABSTRACT handbook ■ ’ 

Wallace H. Carothers was a brilliant American scientist known for developing nylon 
and neoprene. His colleagues respected and valued his contributions as one of the 
pioneers of polymer chemistry. 


The Early Years 

Wallace H. Carothers was born in 1896 in Burlington, Iowa. 
As a child, he was fascinated by tools and mechanical devices. 

After graduating from Tarldo College in Missouri with 
a degree in Chemistry, Carothers completed his doctorate 
at the University of Illinois. His first job was teaching at 
Harvard University, but after only two years he signed on 
with DuPont to head the organic chemistry division where 
Carothers laid the foundations of polymer chemistry. He 
was the first industrial chemist elected to the prestigious 
National Academy of Sciences. 

The Discovery of “Macromolecules” 

Carothers’s work on polymers built on that of Hermann 
Staudinger, a German chemist who first proposed the idea of 
polymers in the 1920s. At the time, all chemical compounds 
were thought to have relatively low molecular mass. Any 
evidence of substances having higher molecular mass was 
attributed to aggregation (sticking together). Staudinger pub¬ 
lished papers presenting evidence of compounds with high 
molecular mass that formed when many smaher molecules 
hnked together. Polymers were, Staudinger said, “macromol¬ 
ecules.” Most chemists did not agree with Staudinger s theory 
at the time but, as new analytical techniques were developed, 
Staudinger built a good case for the existence of polymers. 

Carothers’s work at DuPont added more evidence that 
such compounds existed. He learned that smaU organic 
molecules with reactive functional groups at both ends 
could form longer chains. In one of his earliest projects, 
Carothers developed neoprene, the first synthetic rubber. 


The Impetus for Innovation 

In 1931, international relations between the United States 
and Japan deteriorated. Since Japan was the main source of 
silk for the United States, silk became scarce. DuPont saw an 
opportunity to create a synthetic fibre that could replace silk. 
Carothers switched his focus to polyamides. He reviewed 
81 polyamides, but focused on one that he called “the 6,6 
polymer” because its monomers were hexane-1,6-diamine 
(hexamethylene diamine) and hexanedioic acid (adipic acid). 
Each molecule contributed 6 carbons to the polymer chain. 

In 1938, the US. government granted a patent for “nylon-6,6” 
to DuPont. One of the earliest uses for nylon was as a 
replacement for silk in womens stockings. During World 
War II, the use of synthetic polymers, including nylon and 
neoprene, increased rapidly. Because imports had slowed to 
a trickle due to the war, the U.S.A. needed these materials 
as replacements for scarce natural materials. Nylon fabric 
became widely used for parachutes and clothing. Carothers’s 
groundbreaking work on neoprene, polyester, and nylon led 
to the “synthetic polymer” era. 

Further Readings 

Adams, R. (1939). Biographical memoir of Wallace Hume 
Carothers. The National Academy of Sciences Biograph¬ 
ical Memoirs, 20(12), 293-309. 

Hermes, M.E. (1996). Enough for one lifetime: Wallace 
Carothers, inventor of nylon. Philadelphia: Chemical 
Heritage Eoundation. 



Questions 


1. What factors contributed to the early success of 
nylon and neoprene? QID D 

2. Polymer research is expensive and often does not 
result in a successful product. What is the benefit to 
companies (like DuPont) doing this research? What 
are the risks? EZD D 

3. How did Staudinger s work affect Carothers? CIS 

4. Nylon is a synthetic polymer, but the chemical bond 
between the monomer units is the same type of 
bond that links the monomer units in silk, hair, and 


wool. These natural polymers are proteins made by 
joining amino acid monomers together. In amino 
acids, both the acid and amino groups are on the 
same molecule. How might having the two reacting 
groups on completely different molecules avoid 
complications for a synthetic chemist? BIl 

5. Polymers are often made from compounds extracted 
from petrochemicals. What are the environmental 
impacts of using these compounds? iZl D 
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Natural Polymers 

Cellulose is a natural polymer that provides structure to plant tissues. Wood is pri¬ 
marily cellulose. Although humans cannot digest cellulose, it does provide dietary 
fibre. Some animals, such as cattle, can digest it, so the cellulose parts of plants grown 
to produce human food are frequently used as animal food. Even so, growing plants 
for human consumption produces a lot of waste cellulose. Some companies are using 
this waste to produce hiofuels such as cellulosic ethanol (Figure 1). Biofuels provide 
a source of renewable energy and may reduce our dependence on non-renewable 
petroleum. 


Polysaccharides 

Although humans cannot digest cellulose, other natural polymers are important 
components of our food. Carbohydrates, for example, serve as a food source for most 
organisms and as a structural material for plants. A carbohydrate, such as starch or 
cellulose, is a polymer of monosaccharides, or simple sugars. A monosaccharide is a 
ketone or aldehyde with many additional hydroxyl substituents. For example, glucose 
has a hexagonal structure with five hydroxyl groups (Figure 2). Monosaccharides 
are often drawn as a ring with multiple hydroxyl groups rather than a straight-chain 
structure. Either form is correct because both molecular shapes exist. 



Figure 1 Biomass pellets are primarily 
cellulose and are made from municipal 
or agricultural waste. The pellets can 
be burned directly for fuel or further 
processed into cellulosic ethanol. 

carbohydrate a polymer food source 
and structural material for plants with the 
empirical formula C;,(H 20 )j, 


0 H OH H H OH 

II I I I I I 

C1-C2-C3-C-C-C-H 
|1 |2 |3 |4 |5 |6 

H OH H OH OH H 



Figure 2 Three ways to draw the structure of glucose 



monosaccharide an aldehyde or ketone 
with 5 or 6 carbon atoms and many 
hydroxyl groups; a simple sugar that is the 
monomer of a carbohydrate 


If you are a runner, or participate in other endurance sports, you might know the 
feeling of “hitting the wall.” You run out of energy to keep moving. The energy source 
that you have depleted is your body’s supply of glycogen. Glycogen, like cellulose, is a 
polysaccharide. When monosaccharide rings join together, they form large polymers 

consisting of many monosaccharide units. Such a polymer is called a polysaccharide. polysaccharide a large polymer 

The third important polysaccharide, along with cellulose and glycogen, is starch consisting of many monosaccharides; can 

(Figure 3). form when each ring forms two glycosidic 

bonds 



cellulose starch glycogen 

Figure 3 Three polymers of glucose 
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Figure 4 Tortoiseshell contains a 
natural polymer. The shell of the 
hawksbill turtle was once in high 
demand. 

amino acid a compound with a carboxyl 
group and an amino group attached to the 
same carbon atom; the building blocks of 
all protein 


H 



Figure 5 Amino acids all have the same 
amino group (on the left) and carboxyl 
group (at the top), but they all have 
different R groups. 

peptide two or more amino acids linked 
together 


All the compounds in Figure 3 are polymers of glucose, differing from each other 
in the type of bond, the degree of branching, and molecular mass. Cellulose is a linear 
polymer. It is the most common organic compound on Earth and it is found in the 
cell walls of plants. Glycogen is a branched polymer that stores energy in animal cells. 
Starch, produced by plants, is usually a mixture of linear and branched forms. 


Peptides and Proteins 

During the eighteenth and nineteenth centuries, the shell of the hawksbill turtle was 
highly prized (Figure 4). “Tortoiseshell” was used to make decorative items such as 
tea caddies, hair combs, and jewellery. Tortoiseshell contains proteins, a class of mol¬ 
ecules that are natural polymers. The popularity of tortoiseshell drove the hawksbill 
turtle almost to extinction. As their shells became more rare and expensive, scientists 
worked to develop synthetic polymers to replace them. Bakelite was one of the early 
synthetic polymers. Today, the Convention on International Trade in Endangered 
Species of Wild Fauna and Flora (CITES) makes it illegal to capture hawksbill turtles 
or to sell products made from their shell. Unfortunately, tortoiseshell products 
remain so popular that illegal hunting continues. 

All proteins are made of amino acids. An amino acid is an organic molecule that 
contains a carboxyl group (-COOH), an amino group (-NH 2 ), and a hydrogen atom 
all attached to the same carbon atom (Figure 5). The fourth bond on that carbon 
atom links to an additional group or chain of atoms, generically designated as R. The 
nature of this group gives each amino acid its distinct properties. The 20 amino acids 
most commonly found in proteins are shown in Figure 6. 

The amino acids are grouped into polar and non-polar classes depending on 
their side chains. Non-polar side chains contain mostly carbon and hydrogen atoms, 
whereas polar side chains also contain nitrogen, sulfur, or oxygen atoms. Polar side 
chains are hydrophilic (water-loving), but non-polar side chains are hydrophobic 
(water-fearing). Interactions between side chains of the protein molecule determine 
the three-dimensional structure of the protein. 

A protein polymer is built by condensation reactions between amino acids. A 
peptide is two or more amino acids linked together through a condensation reaction 
between the amine and acid groups. Biochemists call the resulting linkage a peptide 
bond, but it is identical to an amide linkage. Additional condensation reactions 
lengthen the chain to produce a polypeptide, eventually yielding a protein. 

The 20 amino acids can be assembled in any order, so there is essentially an infinite 
number of possible protein structures. This flexibility allows an organism to tailor 
proteins for the many types of functions that must be carried out. # career link 

Protein Structure 

The sequence of amino acids in the protein chain is called the primary structure. Bio¬ 
chemists use the convention that the terminal carboxyl group is on the right and 
the terminal amino group is on the left. For example, one possible sequence for a 
tripeptide (a chain of three amino acids joined by peptide bonds) containing lysine, 
alanine, and leucine is 
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Negatively Charged R Groups 

aspartate (asp) 

glutamate (glu) 

COO 

COO 

H 3 N-C-H 

H 3 N-C-H 

CH 2 

CH 2 

COO 

CH 2 


COO 



Polar, Uncharged R Groups 


serine (ser) 

threonine (thr) 

cysteine (cys) 

COO 

COO 

COO 

H3N-C-H 

H3N-C-H 

H3N-C-H 
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H-C-OH 
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CH3 
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methionine (met) asparagine (asn) 
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Non-polar, Aliphatic R Groups 

glycine (gly) 

alanine (ala) 

valine (val) 

COO 

COO 

COO 

+ I 

+ I 

+ I 

H3N-C-H 

H3N-C-H 
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I 
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CH 
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I 
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Figure 6 The 20 amino acids all have different side chains (R groups), shown here in red. 


Thousands of amino acids may join together to form very long polypeptide chains 
that twist and fold into very complicated structures. The secondary structure of a 
polypeptide chain is determined to a large extent by hydrogen bonding between an 
oxygen atom in the carbonyl group of an amino acid and a hydrogen atom attached 
to a nitrogen atom of another amino acid (Figure 7). 

The overall shape of a protein molecule can be long and narrow, sheet-like, or 
globular. The three-dimensional shape is important to how the protein functions. 
This shape is maintained by several different types of interactions: hydrogen bonding, 
van der Waals forces, ionic bonds, and covalent bonds. 


Q carbon ^ 


^ nitrogen 


Figure 7 Hydrogen bonding within a 
protein chain can cause it to form a 
stabie heiicai structure. 
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Nucleic Acids 


DNA deoxyribonucleic acid; a polymer in 
the cell nucleus that stores and transmits 
genetic information 

RNA ribonucleic acid; a polymer in the 
cell cytoplasm that stores and transmits 
genetic information 

nucleic acid the polymer molecules that 
make up DNA and RNA 



guanine (G) 
NHj 



cytosine (C) 

Figure 9 The bases that form DNA 

nucleotide an ester created when 
the DNA or RNA base combines with 
phosphoric acid 


Life is possible only because each and every cell, when it divides, is able to transmit 
vital information about how it works to the next generation. Scientists have known 
since the early twentieth century that this process involves chromosomes in the cell 
nucleus. Only since 1953, however, have scientists understood the molecular basis of 
this intriguing cellular “talent.” 

The substance that stores and transmits the genetic information is a polymer 
called deoxyribonucleic acid (DNA): a huge molecule with a molecular mass as high 
as several billion grams per mole. Together with other similar nucleic acids called the 
ribonucleic acids (RNA), DNA is responsible for the synthesis of the various proteins 
needed to carry out all cell functions. RNA molecules, which are found in the cyto¬ 
plasm outside the nucleus, are much smaller than DNA polymers, with molecular 
masses of only 20 000 to 40 000 g/mol. Nucleic acids are the polymer molecules that 
make up DNA and RNA. 

The monomers of the nucleic acids, called nucleotides, are composed of three 
distinct parts: 

1. a 5-carbon sugar: deoxyribose in DNA and ribose in RNA (Figure 8 ) 

2. a nitrogen-containing organic base (Figure 9) 

3. a phosphoric acid molecule, H 3 PO 4 



(a) (b) 

Figure 8 The 5-carbon sugars that make up (a) deoxyribose (b) ribose 


The base and the sugar combine to form a unit that in turn reacts with phosphoric 
acid to create the nucleotide, which is an ester. The nucleotides link together through 
condensation reactions that eliminate water to give a polymer. Such a polymer can 
contain a billion nucleotides. 

The key to DNA’s functioning is its double-helical structure with complementary 
bases on the two strands. The bases form hydrogen bonds with each other. The struc¬ 
tures of cytosine and guanine make them perfect partners for hydrogen bonding, and 
they are always found opposite each other on the two strands of DNA. Thymine and 
adenine form similar hydrogen-bonding pairs. 

Evidence suggests that the two strands of DNA unwind during cell division and 
that new complementary strands are constructed on the unravelled strands. Because 
the bases on the strands always pair in the same way—cytosine with guanine and 
thymine with adenine—each unravelled strand serves as a template for attaching the 
complementary bases (along with the rest of the nucleotide). This process results in 
two double-helix DNA structures that are identical to the original one. Each new 
double strand contains one strand from the original DNA double helix and one newly 
synthesized strand. This replication of DNA allows for the transmission of genetic 
information as the cells divide. 

A major function of DNA is protein synthesis. A given segment of the DNA, 
called a gene, contains the code for a specific protein. These codes transmit the 
primary structure of the protein (the sequence of amino acids) to the construction 
“machinery” of the cell. There is a specific code for each amino acid in the protein, 
which ensures that the correct amino acid will be inserted as the protein chain 
grows. ^ CAREER LINK 
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Summary 

• Carbohydrate polymers, which serve as a food source and structural material 
for plants, have the empirical formula C;f(H 20 )^. 

• A monosaccharide is one monomer of a carbohydrate polymer. 

• Polysaccharides are large condensation polymers consisting of many 
monosaccharides. 

• Starch, cellulose, and glycogen are polymers of glucose. 

• Proteins and nucleic acids are condensation polymers. 

• The primary structure of proteins results from the sequence of amino 
acids in the polymer chain. The shape of a protein molecule depends on 
intermolecular and intramolecular forces. 

• DNA stores information for amino acid sequences, enabling the cell to 
assemble proteins. 

Questions 


1. Outline the similarities and differences between 
starch and cellulose. Support your answer with a 
diagram. OQB 

2. Draw the ring structure of glucose. Use this 
structure to explain why glucose can form 

a straight-chain polymer like cellulose and 
branched-chain polymers such as glycogen and 
starch, qo E2I1B 

3. In plants, glucose molecules are joined together to 
form the polymer cellulose. QQ B 

(a) Draw a structural diagram illustrating this reaction. 

(b) What type of polymerization reaction is 
occurring? Explain how you can tell. 

4. When a plain, unseasoned, carbohydrate-rich food 
(such as rice or crackers) is chewed and begins to 
dissolve in the mouth, it tastes bland at first and 
then starts to taste sweet. Propose a reason for this 
change in taste. B B 

5. A biochemist forms a tripeptide compound 
using glycine (gly), serine (ser), and phenylalanine 
(phe). QID Em B 

(a) How many unique tripeptides could be made 
from these three amino acids? Use the three- 
letter codes to list them all. 

(b) Draw the structural formula of one possible 
tripeptide that could be produced. 

(c) Explain why so many possible proteins can be 
made from only 20 amino acids. 

6. Examine the structures of the following amino acids 
in Figure 6. Predict whether each one is hydrophilic 
or hydrophobic. Em 

(a) phenylalanine (c) leucine 

(b) serine (d) arginine 


7. DNA and RNA each contain a sugar. QQ B 

(a) Draw the structural diagram of each sugar. 

(b) Discuss the similarities and differences of the sugars. 

8. Consumers have many natural and synthetic 
materials to choose from these days: paper or reusable 
plastic shopping bags, wood or plastic chairs, cotton 
or polyester clothes. Choose one such consumer 
product, identify the natural and synthetic materials 
from which it could be made, and research the 
advantages and disadvantages of the two alternatives. 
Create a graphic organizer or use some other format 
to communicate your findings. 0 Em B D 

9. If you have ever had your hair permed, you have 
experienced disulfide bonds. Hair is made mostly of 
protein. When sulfur atoms on one polymer chain 
bond to sulfur atoms on another polymer chain, 
the resulting cross-links are called disulfide bonds. 
Research the chemistry behind perms, including any 
health or environmental concerns, and present your 
findings in a brochure or blog that could be read by 
people thinking of getting a perm. (10? Em B B 

10. DNA is one of the largest known natural polymers. 
DNA molecules can be artificially modified to 
change the order of amino acids. Use Internet 
resources to research the uses of recombinant DNA 
technology. Create an informational web page or 
poster describing two of these applications. Include 
information on the benefits and drawbacks of each 
application. 0 Em B B 

11. Research three proteins to determine their functions 
and the number of amino acids in each. Present your 
findings in a table or graphic organizer, (ill Em B 

( 1 ^) 
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Investigations 



OBSERVATIONAL STUDY 


Preparation of a Polyester 

Condensation polymerization reactions produce small 
molecules, such as water, as the monomers react. When 
an organic acid containing two or more carboxyl groups 
reacts with an alcohol with two or more hydroxyl groups, 
the resulting polymer is a polyester (Figure 1). 


0 

C-OH 


OH OH OH 

I I I 

+ CH2-CH-CH2 


Figure 1 Benzene-1,2-dicarboxylic acid (phthalic acid) and propane- 
1,2,3-triol (glycerol) can undergo a condensation reaction to form a 
polyester polymer. 

Many paints and enamels are based on alkyd resins, 
which are polyester polymers modified with other 
ingredients. (Figure 2). 



• Questioning 

• Researching 

• Hypothesizing 

• Predicting 


• Planning 

• Controlling Variables 

• Performing 

• Observing 


* Analyzing 

* Evaluating 

* Communicating 



Figure 2 Alkyd paints have a non-polar organic solvent in which the 
other components are dissolved. 


In a condensation polymerization, the reaction proceeds 
faster if the reaction mixture is heated. Heating tends to 
drive the reaction by causing water molecules to evaporate 
as they are produced. In some reactions, an alternative 
monomer can be used to decrease the amount of water 
produced. For example, 2-benzofuran-l,3-dione (phthalic 
anhydride), shown in Figure 3, produces half as much 
water as benzene- 1 , 2 -dicarboxylic acid when it reacts with 
alcohols. Since less energy is required to evaporate off the 
water, this reactant is often used in place of benzene- 1 , 2 - 
dicarboxylic acid in polymerization reactions. 


Figure 3 2-benzofuran-1,3-dione (phthalic anhydride) 

Purpose 

• To synthesize the alkyd resin, glyptal, from 
2-benzofuran-l,3-dione and propane-1,2,3-triol 

• To investigate some of the properties of glyptal 

Equipment and Materials 

• chemical safety goggles 

• laboratory apron 

• protective gloves 

• two 100 ml beakers 

• glass stirring rod 

• hot plate O 

• utility stand with ring clamp 

• watch glass to fit beakers 

• beaker tongs 

• shallow metal container 

• paper towel 

• small covered beakers containing 

- 3 g 2-benzofuran-l,3-dione (phthalic anhydride 
powder) ® @ 

- 2 g propane-l,2,3-triol (glycerol) (?) 

- 5 mL paint thinner or nail polish remover @ 


o 

© 


@ 


Use caution around the hot plate. Avoid touching the heating 
surface with your hands. To unplug the hot plate, pull on the 
plug itself rather than the cord. 

Phthalic anhydride is toxic, a skin irritant, and can cause 
blindness. Handle with care, and wear gloves, eye 
protection, and a lab apron. Avoid skin contact and wash 
your hands before leaving the laboratory. 

Paint thinner and nail polish remover are flammable. They 
should be used only in a well-ventilated area. There should 
be no open flames or other sources of ignition in the 
laboratory. 
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Procedure 


HANDBOOK ii A1,A2.3 

1. Put on your safety goggles, lab apron, and protective 
gloves. 

2. Place the phthalic anhydride powder and glycerol in a 
100 ml beaker and mix with the stirring rod. 

3. Secure the beaker on the hot plate using a ring holder 
attached to a utility stand. Heat the mixture and stir 
gently to dissolve the solid. 

4. Cover the beaker with the watch glass and continue 
heating until the mixture comes to a boil. Boil for 

5 min. 

5. CarefuUy pour the hot mixture into a metal container. 
Let it cool completely at room temperature. 

6. Observe the plastic formed and record its properties. 

7. Break off a piece of the plastic and place it in the 
second beaker. Add about 5 mL of water to the beaker 
and try to dissolve the plastic in the water. Record 
your observations. 

8. Retrieve the piece of plastic and pour the water down 
the sink. Dry the beaker with the paper towel. 

9. Break off anofher piece of plasfic and place it in the 
dry beaker. Add 5 mL of paint thinner or nail polish 
remover to the beaker and try to dissolve the plastic 
in the solvent. Record your observations. 

10. Place the heaker containing the solvent in the fume 
hood. Allow the solvent to evaporate. Observe the 
remaining residue. 

11. Dispose of the materials as instructed by your teacher. 


Analyze and Evaluate 

(a) Organize your observations into a table. B 

(b) Describe the product and its observed 
properties. Dl 

(c) Evaluate the procedure. Do you feel that each step 
was necessary? For example, was it necessary to 
heat the mixture? Was it appropriate to put the 
hot mixture into a metal container? Explain. EZD 

(d) Evaluate this polymer as an ingredient to use in 
paint. KHa 

Apply and Extend 

(e) Use the structural formulas in Figures 1 and 3, 
and your knowledge of intermolecular forces to 
explain the observed properties of the polymer. 
Include diagrams in your explanation. Em B D 

(f) Suppose you repeated this investigation using 
1,2-ethanediol instead of glycerol. Predict the 
reaction that would occur. Illustrate your answer 
using structural formulas or line diagrams. 

Predict the properties of the resulting 
polymer. EmB 


UNIT TASK BOOKMARK 


Your observations regarding the 
solubility of polymers in polar and 
non-polar solvents may be relevant as 
you work on the Unit Task described on 
page 116. 
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SUMMARY 


Summary Questions 


1. Create a study guide for this chapter based on the 
Key Concepts on page 78. For each point, create three 
or four sub-points that provide further information, 
relevant examples, explanatory diagrams, or general 
equations. 

2. Look back at the Starting Points questions on page 78. 
Answer these questions using what you have learned 
in this chapter. Compare your latest answers with 
those that you wrote at the beginning of the chapter. 
Note how your answers have changed. 


3. Create a concept map to summarize what you 
have learned in this chapter. Starting with the term 
“polymer,” add branches to include various kinds of 
polymers, how they are formed, their properties, and 
examples. 

4. Create a quiz based on the summary at the end of each 
section. Your quiz could be online or on index cards. 
Write a question for each summary point, and then 
devise a way to present the correct answer. 


Vocabulary 


polymer (p. 80) 
monomer (p. 80) 
tiomopolymer (p. 80) 
copolymer (p. 81) 
addition poiymer (p. 84) 


piastic (p. 88) monosaccharide (p. 101) 

condensation polymer (p. 95) polysaccharide (p. 101) 

polyester (p. 95) amino acid (p. 102) 

polyamide (p. 96) peptide (p. 102) 

carbohydrate (p. 101) 


DNA (p.104) 

RNA (p.104) 
nucieic acid (p. 104) 
nucieotide (p.104) 


Grade 12 Chemistry can lead to a wide range of careers. Some require a college 
diploma or a B.Sc. degree. Others require specialized or postgraduate degrees. 
This graphic organizer shows a few pathways to careers mentioned in this chapter. 

1. Select two careers related to Polymers that you find interesting. Research the 
educational pathways that you would need to follow to 
pursue these careers. What is involved in the required 
educational programs? Prepare a brief report of your 
findings. 

2. For one of the two careers that you chose above, describe 
the career, main duties and responsibilities, working 
conditions, and setting. Also outline how the career 
benefits society and the environment. 


12U Chemistry 

OSSD — 
/ 

11U Chemistry 
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SELF-QUIZ 


QID Knowledge/Understanding Dl Thinking/Investigation 


Communication D Application 


For each question, select the best answer from the four 
alternatives. 

1. The individual units that make up all polymers are 
called 

(a) monomers (c) plastics 

(b) alkanes (d) esters ( 2 . 1 ) BE] 

2. Polymers that are made from many identical units are 
called 

(a) bipolymers 

(b) copolymers 

(c) homopolymers 

(d) elastomers (2.1) BE) 

3. Bonds can form between polymer chains, creating 
sheets of polymers. One of these bonds is called a(n) 

(a) atomic link 

(b) cross-link 

(c) molecular link 

(d) peptide link (2.1, 2.2) BEl 

4. What kind of carbon-carbon bonds are involved in 
the formation of addition polymers? (2.2) BE] 

(a) hydrogenated 

(b) cross-linked 

(c) saturated 

(d) double 

5. Vulcanization of rubber involves heating a mixture of 
natural latex and 

(a) carbon 

(b) hydrogen 

(c) oxygen 

(d) sulfur (2.2) BE] 

6 . Phthalate is commonly added as a plasticizer in the 
manufacture of many polymers. However, phthalates 
are easily released into the environment because 

(a) they are gaseous 

(b) they are held within the polymer chains 

(c) they are not covalently bonded to the polymers to 
which they are added 

(d) they are immiscible with the polymerized 
monomers (2.3) BE] 

7. What kind of polymer is formed when water is one 
of the products during the polymerization reaction? 
(2.4) BE] 

(a) an addition polymer 

(b) a condensation polymer 

(c) a hydropolymer 

(d) a copolymer 


8 . What functional groups must the monomers have, to 
form a polyester? (2.4) BE] 

(a) two carboxyl ( —COOH) groups 

(b) a hydroxyl ( — OH) group and a carbonyl 
(- 0 = 0 ) group 

(c) a hydroxyl group and a carboxyl group 

(d) a carboxyl group and a carbonyl group 

9. What type of polymer is produced by the reaction of 
the two compounds in Figure 1? (2.4) BE] 


NHj—CH2CH2CH2—NH2 


HO—CCH2CH2CH2C—OH 
0 


Figure 1 


(a) a monopolymer 

(b) an addition polymer 

(c) a polyester 

(d) a polyamide 

10. The polyamide linkages in nylon also occur in 

(a) amino acids 

(b) plasticizers 

(c) polyethene 

(d) proteins (2.4) BE] 


Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

11. Polymers tend to be very strong because they are held 
together by ionic bonds. (2.1) BE] 

12. The two polyethene polymers, LDPE and HDPE, 
have different properties because they have different 
degrees of branching within their chains. (2.2) BID 

13. All plastics are polymers, but not all polymers are 
plastics. (2.2) BE] 

14. Plasticizers are chemicals added to a polymer to 
decrease its flexibility. (2.3) BE] 

15. The two most common types of bonds between 
monomers in condensation polymers are hydrogen 
bonds and disulfide bonds. (2.4) BID 

16. Wallace H. Carothers’s work on nylon inspired 
Hermann Staudinger’s research. (2.5) BID 

17. Glucose, a product of photosynthesis, has a 
pentagonal structure with 5 hydroxyl groups. (2.6) BID 

18. Proteins are polymers made up of many amino acid 
monomers. (2.6) BID 

I Go to Nelson Science for an online self-quiz. 

WEB LINK 
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REVIEW 


QIS Knowledge/Understanding ESI Thinking/Investigation 


Communication D Appiication 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. What do all polymers have in common? (2.1) Qa 

(a) They contain double bonds. 

(b) They contain cross-links. 

(c) They contain long chains of repeating units. 

(d) All of the above 

2. Which of the following substances is a natural 
polymer? (2.1) QCl 

(a) polyester (c) Kevlar 

(b) silk (d) polypropene 

3. Which of the following is a property of Teflon? 

( 2 . 2 ) QQ 

(a) a good conductor of electricity 

(b) flammable 

(c) inert 

(d) sticky 

4. No atoms are lost from starting material in making 
which kind of polymer? (2.2) CIS 

(a) addition polymer 

(b) branched polymer 

(c) condensation polymer 

(d) polyester polymer 

5. Which of the following terms describes materials that 
recover their shape after being deformed? (2.2) QQ 

(a) elastomers 

(b) inhibitors 

(c) plasticizers 

(d) thermoplastic polymers 

6. What gives polyethene polymers their strength and 
toughness? (2.2) QQ 

(a) the presence of oxygen atoms in the polymer 
chains 

(b) disulfide bonds that form cross-links between 
chains 

(c) the large numbers of London dispersion forces 
between long chains 

(d) many short chains stabilized by strong hydrogen 
bonding 

7. Which of the following statements is true about 
plastics? (2.2) QID 

(a) All plastics are polymers. 

(b) Plastics are generally made from materials 
derived from petrochemicals. 

(c) Plastics are synthetic, not natural, materials. 

(d) All of the above 


8 . Which of the following conditions can cause a 
plasticizer to be released from a plastic? (2.3) QQI 

(a) exposure to visible light 

(b) scratching the surface 

(c) heating at high temperatures 

(d) exposure to arid conditions 

9. When an alcohol reacts with a carboxylic acid, what 
type of bond is formed? 1213 

(a) peptide bond 

(b) amide linkage 

(c) carboxyl bond 

(d) ester linkage 

10. The carboxyl groups on a polyamide allow many 
hydrogen bonds to form between polymer chains. 
Together, these hydrogen bonds make polyamides 

(a) form loops 

(b) form sheets 

(c) soluble in water 

(d) exceptionally strong (2.4) QQ 

11. Which of the following polymers is not based on a 
substituted ethene monomer? (2.2, 2.4, 2.5) 013 

(a) nylon 

(b) polypropene (polypropylene) 

(c) polystyrene 

(d) polyvinylchloride 

12. What type of reaction results in the formation of 
nylon? (2.4, 2.5) 013 

(a) the addition polymerization reaction of 
unsaturated hydrocarbons 

(b) the addition polymerization reaction of a styrene 
with a carboxylic acid 

(c) the condensation polymerization reaction of a 
dicarboxylic acid with a diol (di-alcohol) 

(d) the condensation polymerization reaction of a 
dicarboxylic acid with a diamine 

13. Nylon is an example of a 

(a) copolymer 

(b) monomer 

(c) homopolymer 

(d) monopolymer (2.4) 013 ESI 

14. What natural polymer was difficult for the United 
States to obtain from Japan in the early 1930s, 
motivating research to ftnd a synthetic replacement? 
(2.5) 133 

(a) silk 

(b) wool 

(c) cellulose 

(d) cotton 
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15. Which of the following compounds is not a polymer 
of glucose? (2.6) QID 

(a) cellulose 

(b) glycogen 

(c) an amino acid 

(d) a polysaccharide 

16. What are the building blocks of proteins? (2.6) QQ 

(a) amino acids 

(b) esters 

(c) lipids 

(d) nucleotides 

17. What type of bond is responsible for DNA’s double- 
helix structure? (2.6) QID 

(a) hydrogen bonds 

(b) amide linkages 

(c) London dispersion forces 

(d) disulfide bonds 

Indicate whether each statement is true or faise. If you think 
the statement is false, rewrite it to make it true. 

18. Polymers are large, chain-like molecules built from 
small molecules called homomers. (2.1) QlD 

19. A copolymer is produced from the reaction between 
two or more different types of monomers. (2.1) QID 


Match each term on the left with the most appropriate 
description on the right. 


26. (a) 

amino acid 

(i) 

natural protein polymer 

(b) 

amide 

(ii) 

type of reaction between 

(c) 

starch 


unsaturated monomers 

(d) 

PVC 

(iii) 

monomer of proteins 

(e) 

silk 

(iv) 

component of monomers 

(f) 

ethene 


that can affect the properties 

(g) 

addition 


of their polymers 

(h) 

condensation 

(v) 

polymer designed to replace 

(i) 

nylon 


silk 

(j) 

vulcanization 

(vi) 

type of linkage within 

(k) 

substituent 


proteins 



(vii) 

addition polymer 
containing chlorine 



(viii) 

process that makes rubber 
more heat resistant 



(ix) 

typical monomer of 
synthetic polymers 



(x) 

type of reaction releasing 
a small molecule as a 




by-product 



(xi) 

polymer produced by plants 


(2.1,2.2, 2.4, 2.5, 2.6) QID 


20. Addition polymers are produced from the reaction of 
unsaturated hydrocarbons. (2.2) QID 

21. Most plastics are chemically reactive and virtually 
indestructible. (2.2) QID 

22. A plasticizer is a chemical added to any substance to 
improve its flexibility. (2.3) QID 

23. Condensation polymers are composed of repeating 
groups of monomers containing two different reactive 
functional groups. (2.4) QID 

24. Polyamides are polymers formed by condensation 
reactions resulting in ester linkages between 
monomers. (2.4) QID 

25. Examples of synthetic polymers are carbohydrates, 
silk, and DNA. (2.6) QID 


Write a short answer to each question. 

27. Define the term “polymer.” (2.1) QID 

28. Differentiate between the terms “copolymer” and 
“homopolymer.” (2.1) QID 

29. (a) Name the compound shown in Figure 1. 

Cl 

I 

Br —C—CH = CH2 
H 

Figure 1 

(b) Draw the polymer that could be formed from this 
monomer. (2.2) Em D 

30. The properties of polymers are affected by the 
monomers that compose them. Which feature 
increases the rigidity of a polymer? (2.2) QID 

31. List at least four synthetic polymers and an example 
of an application of each one. (2.2) QID 

32. Teflon is a synthetic polymer of the monomer 
tetrafluoroethene. (2.2) QID B D 

(a) Draw the structure of the monomer. 

(b) Explain how Teflon’s structure allows it to 
perform its functions. 
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33. Health Canada has restricted the use of phthalates in 
certain products made from polymers. 

(a) Why are phthalates mixed with some polymers? 

(b) From what products has Health Canada banned 
the use of phthalates? (2.3) QQ 

34. Nylon is a copolymer. (2.1, 2.4, 2.5) QQ D 

(a) What is a copolymer? 

(b) What type of polymerization reaction occurs to 
produce nylon? 

(c) Draw diagrams to show the polymerization 
reaction that produces nylon-6,6. 

(d) What types of bonds form between the 
monomers during the reaction? 

35. Many workers in hazardous environments—including 
race-car drivers—wear protective clothing made from 
a polymer called Nomex. Nomex is synthesized using 
the two monomers shown in Figure 2. (2.4) BO B 



1,3-phenylene diamine isophthaloyl dichloride 

Figure 2 


(a) What type of polymerization reaction must occur 
to form Nomex? 

(b) Will there be a by-product of the polymerization 
reaction? If so, what is the by-product? 

(c) Draw a structural diagram showing a portion of 
the polymer product. 

36. Why is Dacron classified as a polyester? (2.4) QID 

37. What by-product is commonly released during 
condensation polymerization? (2.4) QQ 

38. To form amide linkages in a polyamide, which two 
types of organic molecules must react? (2.4) m 

39. Oxirane (ethylene oxide) is an important industrial 
chemical. It is a cyclic ether (Figure 3). Although 
most ethers are unreactive, oxirane is quite reactive. 

It can undergo addition polymerization reactions at 
one of the C-O bonds. Draw the structure of this 
polymer. (2.4) BO B 


CH2—CH, 

Figure 3 Oxirane (ethylene oxide) 

40. Wallace H. Carothers developed several synthetic 
polymers in the 1930s. Name one, and the natural 
product it was designed to replace. (2.5) QQ 


41. Define the following terms: (2.6) QQ 

(a) monosaccharide 

(b) polysaccharide 

(c) carbohydrate 

42. Which natural polymer is produced by 

(a) animals to store energy? 

(b) plants to provide structure? 

(c) many organisms to pass on genetic information? 

(2.6) Qd 

43. Why are the cellulose-rich parts of food plants often 
used as animal food? ( 2 . 6 ) Bd D 

44. Define each of the following terms: (2.6) Bd 

(a) protein 

(b) peptide bond 

(c) DNA 

45. (a) List the component parts of nucleotides. 

(b) What class of organic compounds includes 
nucleotides? 

(c) Cytosine and guanine pair up in DNA. What 
forces hold these two nucleotides together? 

(d) What functional groups in the nucleotides enable 
these forces to occur? (2.6) Bd B 

Understanding 

46. Spider silk is a very strong, flexible polymer. Why 
might an organic chemist want to determine its 
chemical structure? (2.1) Bd 

47. Use a Venn diagram to summarize the differences 
between synthetic and natural polymers. (2.1) Bd B 

48. In 1868, celluloid was invented to replace ivory in 
the manufacture of billiard balls. Since then, many 
synthetic polymers have been developed to replace 
natural polymers. Why? (2.1) Bd 

49. Vulcanization converts natural rubber, which 
becomes soft and sticky when heated, into a form 
that maintains its solid form at high temperatures. 

The process was discovered by Charles Goodyear, 
who found that heating a mixture of rubber and 
sulfur improved the rubber’s properties. How did the 
addition of sulfur change rubber’s structure to make it 
more rigid at high temperatures? (2.1, 2.2) EB D 

50. Make a table listing three common addition 
polymers. For each polymer, 

(a) write its name 

(b) draw a structural formula of the monomer 

(c) draw a structural formula of the polymer 

(d) give an example of a common use (2.2) Bd B D 
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51. For each polymer shown, draw the monomer used in 
its synthesis. (2.2) EZD B 

(a) CHj CH 3 CH 3 

I I I 

— CH2— CH— CHj— CH— CH^ CH— 


56. Using a graphic organizer, describe the similarities 
and differences between addition and condensation 
polymers. (2.2, 2.4) CIS B 

57. Molecules of lactic acid can be used as monomers in 
a condensation polymerization reaction 

(Figure 5). The main product is polylactic acid 
(PLA), a biodegradable plastic. (2.4) Em B B 


(b) 


- CH2— CH— CH2— CH— CH^ CH- 

I I I 







CH3 CH3 CH3 

I I I 

- CHj— C—CH2— C—CH2— C — 

I I I 

Cl Cl Cl 


52. Why does the addition of divinylbenzene (Figure 4) 
make polystyrene more rigid? ( 2 . 2 ) QQ im 


Figure 4 Divinylbenzene is sometimes added to styrene 
when producing polystyrene. 


53. The use of plasticizers has become a concern for the 
average citizen. (2.3) 013 B 

(a) What are plasticizers and why are they used? 

(b) Why is their use causing concern? 

54. A classmate is having problems determining the 
monomer by looking at a polymer. To help your 
classmate, explain in point form 

(a) how to tell a polymer produced during an 
addition reaction from a polymer produced 
during a condensation reaction 

(b) how to predict the monomer from an addition 
polymer 

(c) how to predict the monomer from a condensation 
polymer (2.2, 2.4) bq im B 

55. Given the following monomer(s), predict the structure 
of the polymer produced. Draw the structural formula 
of each polymer. (2.2, 2.4) Big Em B 

(a) pent- 2 -ene 

(b) 1,5-diaminopentane and propane-l,3-diol 

(c) l,5-dichlorohex-2-ene 



OH 


Figure 5 Lactic acid 

(a) Predict the structure of polylactic acid. 

(b) Is any other product formed? If so, what is it? 

(c) Predict any forces or bonds that might occur 
between PLA chains. 

(d) PLA is used to make packaging for food. 

What properties must the plastic have for this 
application? 

58. Use a graphic organizer to compare and contrast 
polyesters and polyamides. (2.4) ™ 

59. (a) Describe the factors that make synthetic polymers 

so useful in our world. 

(b) Why can these factors also cause problems? 

(2.1, 2.2, 2.3, 2.4, 2.5) EmD 

60. Simple sugars are aldehydes or ketones with 5 or 
6 carbon atoms per molecule. Figure 6 shows an 
example of a simple sugar molecule. (2.4, 2.6) Em B 



I 

H-C-OH 


I 

H-C-OH 

I 

H-C-OH 

I 

CH2OH 

Figure 6 A simple sugar 

(a) Is this sugar an aldehyde or a ketone? 

(b) This sugar can form a ring structure. Look at the 
functional groups and predict what type of reaction 
occurs when it rearranges to form a ring structure. 

(c) Draw the ring structure produced. 

61. Monosaccharides can be classified by the number of 

carbon atoms in each molecule. ( 2 . 6 ) BC] 

(a) How many carbon atoms would a molecule of 
hexose contain? 

(b) What would a monosaccharide with 5 carbon 
atoms be called? 
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Analysis and Application 

62. Plastics can be used in a variety of materials, from 
plastic wrap used for covering foods to support 
structures on the International Space Station. 

(2.1, 2.2) DID 

(a) Describe the desirable qualities of a plastic used 
to wrap food. 

(b) Describe the desirable qualities of a plastic used 
to build the International Space Station. 

(c) Why can there be so many different types of 
plastics with so many different properties? 

63. Summarize the differences between thermoplastics 
and thermoset polymers. Based on these differences, 
which would be easier to recycle? Explain. (2.2) DD D 

64. (a) For each copolymer shown in Figure 7, draw the 

monomers used in its synthesis. 

(b) Predict which of these two copolymers would 
have more hydrogen bonding between its chains. 
How would this affect its heat stability? Explain 
your prediction. (2.4) ED B 


(i) 


0 0 



0 —CH2—CH2— 


(ii) 



H 

N —CH 2 —CH 2 — 


Figure 7 Two copolymers 


65. (a) Suggest how condensation polymers might be 

made biodegradable. 

(b) What problems might still occur even though 
these plastics can be made biodegradable? 

(2.4) EDD 

66. Hair is mostly protein. The protein polymer chains 
are held together by cross-links involving sulfur. Use 
what you know about chemical bonds to explain how 
hair perms (permanent wave treatments) can change 
the texture of hair from straight to curly. 

67. Figure 8 shows the hydrogen bonds that form 
between adenine and thymine (A-T) and between 
guanine and cytosine (G-C) in DNA. When DNA is 
heated, the hydrogen bonds holding together the two 
strands break, resulting in two single strands. Would 
you expect to have to use more heat to separate a 
strand composed mostly of G-C pairs or a strand 
composed mostly of A-T pairs? Explain. (2.6) ED D 




guanine (G) cytosine (C) 

Figure 8 

68. When you eat food containing starch, your mouth 
produces saliva. An enzyme in the saliva immediately 
starts to break down the starch into its monomer 
molecules. (2.6) ED B D 

(a) Draw a structural diagram representing starch. 

(b) Draw a structural diagram representing the 
monomer of starch. Name this monomer. 

(c) How could you test the hypothesis that starch is 
broken down to form this monomer? {Hint: Your 
test could involve eating plain, unsalted crackers.) 
Predict the evidence that would support the 
hypothesis. 

Evaluation 

69. (a) For each polymer shown in Figure 9, draw the 

monomer used in its synthesis. 

(b) Which of these two polymers would be more 
rigid? Would either of them be appropriate for 
manufacturing structural building components? 
Explain. (2.4) ED B 



0 0 0 

II II II 

(ii) -C-0-(CH2)6-C-0-(CH2 )b-C- 


Figure 9 Two homopolymers 
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70. In your opinion, is it more important that plastics 
be durable and long-lasting, or that they be 
biodegradable? Defend your position. (2.4) D 

71. A chemistry class is studying condensation 
polymerization reactions. They learn that benzene- 
1,2-dicarboxylic acid (phthalic acid) and propane- 
1,2,3-triol (glycerol) react to produce a polyester 
polymer. When they prepare to carry out the reaction 
in the lab, they are given phthalic acid but there is 

no glycerol in stock. Two possible substitutes are 
available: butan-l,4-diol and propan-l-ol. Which 
of these compounds should they use in their 
polymerization reaction? Support your answer with 
equations. (2.4) QZD EZD 

72. When the research department of a petrochemical 
company is developing a new polymer, there are 
many factors to consider. (2.1, 2.2, 2.3, 2.4, 2.5) DD D 

(a) Suggest at least six factors that the company 
might consider, regarding the new polymer. 

(b) How might the company rank the importance of 
these factors? 

(c) How would you rank the importance of these 
factors? 

(d) Comment on any differences in your two 
rankings. 

Reflect on Your Learning 

73. Before you began studying polymers, were you 
aware of the existence of both synthetic and natural 
polymers? Did you know that the characteristics of 
each polymer depend on its chemical structure? Write 
a paragraph explaining how your understanding of 
the polymers you use every day has changed or been 
confirmed as a result of your studies. 013 D 

74. How has your thinking about the recycling of plastics 
changed as a result of your studying this chapter? Do 
you think more research should be done to develop 
plastics that can be easily broken down into their 
monomers for later re-use? Why or why not? Write a 
paragraph explaining your thoughts. BO D 

Research web link 

75. Research the methods being used to recycle 
carpeting. Are these processes in place in your 
region? Prepare a poster that can be displayed in a 
public place such as a library or shopping mall, or a 
web page, to inform the general public about these 
methods. Include information about why recycling 
is important as well as information about how it is 
carried out. f# DD B D 


76. Look for news articles or press releases describing at 
least four new polymers being developed for different 
purposes. Record notes on each polymer and then use 
your notes to create a fictional scenario set 50 years in 
the future when these polymers are used in everyday 
life. Your fictional scenario may be constructed as a 
visual art piece with labels describing each polymer 
and its function, or it may be constructed as a 

short story that incorporates the polymers into the 
story. # B B 

77. Find information about new biodegradable polymers 
being developed for medical purposes. Prepare a 
news report suitable for your local newspaper or 
online news site that explains the concept to readers 
and provides a few examples. Be sure to include 
information that readers would want to know about 
the effectiveness and safety of these devices, (ill B B 

78. The fashion industry is always searching for new 
fabrics with special properties or unique sources. 

One such fabric is made from milk protein. 

Research the starting materials, manufacturing 
process, cost, and environmental impact of this 
fabric. From the information you collect, decide 
whether you would choose to wear a garment made 
from milk. Explain your reasons in a poster, blog, or 
cartoon. (10) B B D 

79. Spider silk is extraordinarily strong. A Dutch 
team has used this property to grow a remarkable 
substance that incorporates human skin cells. 

The resulting material is strong enough to stop a 
bullet. Research bulletproof skin. Do you think 
this is a useful avenue of scientific discovery? 

Present your point of view using a medium of your 
choice. # ED B D 

80. Vitamin A is a group of organic compounds, one of 
which is an alcohol called retinol. Health workers 
in some developing countries administer doses of 
vitamin A to children who may be suffering from 
malnutrition. There is hope that this treatment might 
limit blindness caused by vitamin A deficiency. 
Conduct research to learn whether vitamin A can 
help with vision. Summarize your findings in a blog 
post or web page that could be linked to the website 
of an international aid organization. 
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UNIT 1 UNIT TASK 


r 


Using Safer Solvents 


Volatile organic compounds (VOCs) are chemical 
compounds that evaporate into the air, generally from 
liquid solvents. Since the middle of the nineteenth 
century, solvents derived from petroleum have been a 
part of many everyday products that people use in homes 
and businesses. For example, from the 1800s until fairly 
recently, most commercially available paints were based on 
oil. Paintbrushes had to be cleaned using organic solvents 
such as mineral spirits (distilled from petroleum) or 
turpentine (distilled from pine resin). 

Many other products that you use regularly contain 
organic solvents. These include cleaning supplies, glues, 
cosmetics, aerosol sprays, and even air fresheners 
(Figure 1). Some of the VOCs in these products are, like 
mineral spirits, derived from petroleum. Others, such as 
methanol and propan-2-one (acetone), are manufactured 
in chemical plants. Volatile organic compounds are 
often used in products from which they are expected to 
evaporate, such as paint, floor wax, or adhesives. Even the 
highlighting pen you use when you take notes needs some 
sort of solvent for its ink. 



Figure 1 Droplets of aerosol spray evaporate, filling the air with 
volatile organic compounds. 


Unfortunately, many VOCs are extremely toxic and 
easily absorbed into the human body through the skin 
or lungs. When people use the products, particularly 
indoors, they expose themselves to the vapours of the 
organic compound as it evaporates. Regulatory agencies 
have identified indoor air pollution as a major health 
hazard. Exposure to VOCs can cause irritation to the eyes, 
nose, and throat, as well as headaches and nausea. Severe 
symptoms from frequent exposure or exposure to high 


concentrations of VOCs can even cause damage to the 
kidneys, liver, and central nervous system. In addition to 
health concerns, VOCs can cause environmental damage, 
polluting air and water resources. 

For several decades, as the hazards of VOCs have 
become better understood, government and industry 
researchers have worked to develop alternatives to using 
VOCs in home and office products. Because they are so 
widely used indoors, paints were one of the first products 
to be addressed (Figure 2). Paint forms a polymer coating 
on a wall that is embedded with inorganic particles and 
dyes. By switching to compounds that are soluble in water, 
manufacturers have designed paint products that do not 
release organic vapours as they dry. Almost all indoor 
paints and most outdoor paints for home use are now 
water-based solutions of latex or alkyd resins. As the paint 
dries, only harmless water vapour evaporates. 



Figure 2 Low-VOC paints are available in every colour that you can 
imagine. These paints do not use organic solvents, so they release 
only water vapour into the room. 

For some household applications, the VOC has a 
different purpose. Many cleaning products, particularly 
those designed for removing grease and oil, are organic 
compounds. Switching to a low-VOC cleaner will reduce 
your exposure to volatile toxins. Many “green” products 
substitute non-volatile natural oils or their derivatives 
for more volatile ingredients. Less volatile compounds 
evaporate less readily, so are less likely to be inhaled. 

One challenge in creating low-VOC products is that the 
replacement must meet the same performance requirements 
as existing products. For example, customers expect a 
water-based paint to be as durable as an oil-based paint. 
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In this task, you will act as a delegate to an International 
Conference on Green Alternatives. You will work in a 
group to explore a household product that emits VOCs. 
Possibilities include household cleaners, cosmetics, room 
deodorizers, printer inks, and adhesives. Each group 
will research their household product and investigate 
alternatives that reduce VOC emissions. The group will 
present their findings and include scientific, economic, 
social, and environmental advantages and disadvantages 
for the selected alternative compared with a more 
traditional product. 

The Issue handbook 

You will investigate a household product that can be 
identified as a source of VOCs and try to recommend the 
best low-VOC alternative. 

Role 

Your group will inform the attendees of the International 
Conference on Green Alternatives about an alternative (if 
you can find one) that could replace a familiar product 
that contains VOCs. Your task is to advise the attendees 
about your “green alternative” and its benefits. 

Audience 

Your audience will include the attendees of the 
International Conference on Green Alternatives 
(represented by your peers at school). 

Goal 

Your goal is to research and suggest alternatives to 
products used in everyday applications that emit VOCs 
into the indoor environment. Some additional benefits 
could include the reduction of waste, lower costs, and 
decreased risk of pollution during disposal of unused 
products. 

Research and Identify Solutions 

Conduct research to find alternatives to fossil fuel-based 
products. Use resources at your library, on the Internet, 
or at retail stores to identify more environmentally 
friendly products that could be substituted for high-VOC 
products. # WEB LINK 

Make a Decision 

Apply what you have learned about VOCs in household 
products, their alternatives, and their relative impacts 
on the indoor environment in order to establish criteria 


by which to evaluate the “green” products. Using these 
criteria, which of the alternatives appears to be the best 
replacement for the conventional product? Identify 
the ways your alternative could be used and develop a 
preliminary implementation strategy. 

Communicate 

Present your findings to the attendees of the International 
Conference on Green Alternatives. You may use any 
combination of tools to present your findings, such as a 
photo slideshow, multimedia presentation, poster board, 
audio clip, video recording, or handouts. Engaging your 
audience is an important presentation skill and your 
presentation could include audience participation. 



Your completed Unit Task will be assessed according to 

the following criteria: 

Knowledge/Understanding 

/ Identify a commonly used household product and its 
intended uses. 

/ Describe ways that the use of the product exposes 
consumers to volatile organic compounds (VOCs). 

Thinking/Investigation 

/ Investigate the advantages and disadvantages of iow-VOC 
household products. 

/ Research alternatives to VOCs in household products, and 
their benefits and drawbacks. 

/ Establish criteria for evaluating comparabie iow-VOC 
products. 

/ Compare the properties of iow-VOC products to those of a 
traditional high-VOC product. 

Communication 

/ Present findings and comparisons in a visual or 
audiovisual format. 

/ Defend the feasibility of replacing oil-based products with 
low-VOC products. 

Application 

/ Propose a course of action for replacing a specific high-VOC 
household product. 
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UNIT 1 SELF-QUIZ 


Knowledge/Understanding 


Thmking/lnvestigaiion 


Communication 


Appiication 



Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. What is the main product of the halogenation of an 
alkane? (1.1) [2IS 

(a) an alkene 

(b) an alkyne 

(c) an alkyl halide 

(d) a halogen 

2. Which of the following is a structural isomer of 

C^Hig? (1.1) m 

(a) 3,3-dimethylpentane 

(b) 3-methylhexane 

(c) heptane 

(d) all of the above 

3. How many carbon atoms does the formula for 
3-ethylhexane contain? (1.1) BID 

(a) 4 

(b) 6 

(c) 8 

(d) 12 

4. What is the name of the compound with the 
condensed formula CH 3 CH 2 CH 2 CH 2 CH 3 ? ( 1 . 1 ) m 

(a) hydropentane 

(b) pentane 

(c) hexane 

(d) methylbutane 

5. Which of the following compounds is a saturated 
hydrocarbon? ( 1 . 1 , 1 . 2 ) QZ] 

(a) ethene 

(b) benzene 

(c) 2 , 2 -dimethylhexane 

(d) butane-1,4-diene 

6 . Stereoisomers have 

(a) the same number of atoms 

(b) the same types of atoms 

(c) the same molecular formula 

(d) all of the above (1.2) BID 

7. Which of the following is a property of aromatic 
hydrocarbons? (1.3) BQ 

(a) They are solids at room temperature. 

(b) They are insoluble in water. 

(c) They have a sweet odour. 

(d) none of the above 


8 . What is the product of the hydration of a 
hydrocarbon? (1.2, 1.4) BID 

(a) an alkyl halide 

(b) a cyclic alkene 

(c) an alcohol 

(d) benzene 

9. Which of the following elements is present in all 
alcohols? (1.4) m 

(a) chlorine 

(b) sulfur 

(c) oxygen 

(d) nitrogen 

10. What functional group is present in a propan-2-one 
(acetone) molecule? (1.5) BID 

(a) hydroxyl 

(b) carboxyl 

(c) carbonyl 

(d) none of the above 

11. What is the lUPAC name of formaldehyde? (1.5) BID 

(a) methanol 

(b) methanal 

(c) formic acid 

(d) methanoic acid 

12 . The boiling points of aldehydes and ketones 

(a) are the same as alcohols of similar mass 

(b) are higher than alcohols of similar mass 

(c) are lower than alkanes of similar mass 

(d) are higher than alkanes of similar mass (1.5) BID 

13. What is the product of the oxidation of an aldehyde? 

(1.5) m 

(a) a ketone 

(b) an organic (carboxylic) acid 

(c) a primary alcohol 

(d) a secondary alcohol 

14. What are the reactants in an esterification reaction? 

(1.6) m 

(a) alcohol and water 

(b) an ester and a carboxylic acid 

(c) an alcohol and a carboxylic acid 

(d) an ester and water 

15. Lipids are esters of 

(a) glycerol and fatty acids 

(b) an alcohol and a phosphate group 

(c) a salt and a carboxylic acid 

(d) glycerol and a base (1.6) BID 
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16. Which type of compound contains a carbonyl group? 
(1.7) QQ 

(a) amine 

(b) ether 

(c) alcohol 

(d) amide 

17. Which of the following compounds is a natural 
polymer? (2.1) BE] 

(a) cellulose 

(b) glucose 

(c) polyethene 

(d) all of the above 

18. What are copolymers? (2.1) BEl 

(a) compounds that contain two functional groups 

(b) compounds made up of two or more different 
monomers 

(c) two identical monomers bonded together 

(d) compounds with the same molecular formulas 
but different structural formulas 

19. An addition polymerization reaction always involves 

(a) at least two different compounds 

(b) a water molecule 

(c) a multiple bond 

(d) cross-linking (2.2) BE] 

20. Which of the following compounds is not a polymer 
of glucose? (2.6) BEl 

(a) glycogen 

(b) cellulose 

(c) starch 

(d) DNA 

21. What are the monomers of proteins? (2.6) BE] 

(a) lipids 

(b) amino acids 

(c) simple sugars 

(d) nucleic acids 

22. DNA and RNA are 

(a) made up of amino acids 

(b) polymers that store and transmit genetic 
information 

(c) catalysts for biochemical reactions 

(d) monomers that make up proteins (2.6) BEl 

Indicate whether each statement is true or faise. If you think 
the statement is false, rewrite it to make it true. 

23. Ethane is the simplest alkane. (1.1) BE] 

24. Carbon dioxide gas is produced when carbon-based 
fuels are burned. (1.1) BE] 


25. Cycloalkanes are named by adding cyclo- as a prefix 
to the name of the alkane. (1.1) BE] 

26. The general chemical formula for an alkene is 

C„H2„+2- (1-2) ™ 

27. A cis isomer has both groups of interest located on 
the same side of the double bond. (1.2) BE] 

28. The formula of benzene is C 6 H 12 . (1.3) BE] 

29. The structure of aromatic hydrocarbons is based on a 
6-carbon ring with six identical carbon-carbon bonds. 
(1.3) m 

30. A secondary alcohol is an alcohol in which the 
hydroxyl group is bonded to a carbon with three alkyl 
groups bonded to it. (1.4) BE] 

31. The compound 2-butanone is an alcohol. (1.4, 1.5) 

32. A ketone contains an oxygen atom between two 
alkane groups. (1.4, 1.5) BE] 

33. Aldehydes and ketones are non-polar. (1.5) BID 

34. Aldehydes have lower boiling points than alcohols of 
similar mass. (1.5) BQ 

35. Carboxylic acids contain at least one carboxyl group. 

(1.6) m 

36. A fatty acid is a long-chain carboxylic acid. (1.6) BE] 

37. Oils have a higher melting point than fats. (1.6) 

38. Soap is the sodium salt of an ester. (1.6) BE] 

39. Diethylamine is a primary amine. (1.7) BE] 

40. Polymers are large molecules that are built from 
smaller units called alkanes. (2.1) BE] 

41. Addition polymers are the only product formed 
when smaller molecules are linked during addition 
reactions. (2.2) BID 

42. Addition polymers are made from unsaturated 
organic compounds. (2.2) BE] 

43. Nylon is formed in an addition polymerization 
reaction. (2.4) BID 

44. Nylon was invented to replace natural rubber. (2.5) 

45. The structure of a protein depends on its amino acid 
sequence. (2.6) BID 

46. Nucleic acids are the molecules that make up DNA 
and RNA. (2.6) BID 
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S Knowledge/Understanding Di Thinking/Investigation 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. Which of the following compounds is an alkane? 

(1.1) QQ 

(a) methyl butanoate 

(b) ethene 

(c) ethylbenzene 

(d) ethane 

2. How many isomers have the formula C 6 Hi 4 ? (1.1) QQ 

(a) 2 (c) 5 

(b) 3 (d) 6 

3. Which of the following compounds is unsaturated? 

(1.2) m 

(a) methylchloride 

(b) 2-chloroprop-l-ene 

(c) 1,1-dimethylcyclopropane 

(d) heptane 

4. Which of the following compounds is an alkene with 
the molecular formula C 4 H 8 ? ( 1 . 2 ) QQ 

(a) methylpropene 

(b) but- 2 -ene 

(c) but-l-ene 

(d) all of the above 

5. Which of the following compounds can exhibit 
ds-trans isomerism? ( 1 . 2 ) QID 

(a) 2 -methylhex- 2 -ene 

(b) 2 -methylbut-l-ene 

(c) 5-methylhex-2-ene 

(d) methylpropene 

6 . Which of the following compounds could be a product 
of the dehydration of 4-methylhexan-2-ol? (1.4) lai!] 

(a) 3-methylhexane 

(b) 4-methylhex-2-ene 

(c) 4-methylhex-2-yne 

(d) hex- 2 -ene 

7. How are alcohols classified? (1.4) QID 

(a) by the number of carbon substituents bonded to 
the hydroxyl-bearing carbon 

(b) by the number of alkyl groups attached to the 
hydroxyl group 

(c) by the number of hydroxyl groups attached to the 
longest continuous chain of carbon atoms 

(d) by the number of organic groups bonded to the 
nitrogen atom 


8. A carboxylic acid contains 

(a) a carbonyl group and a hydroxyl group bonded to 
the same carbon atom 

(b) a hydroxyl group bonded to an alkyl group 

(c) an oxygen atom bonded to two alkyl groups 

(d) a carbonyl group at the end of a carbon chain 

( 1 . 6 ) m 

9. Which of the following compounds is a carboxylic 
acid? (1.6) QIS 

(a) acetone (c) phosphoric acid 

(b) ethanoic acid (d) propanal 

10. Which of the following compounds is an ester? 

(1.6) QID 

(a) ethanamide 

(b) propan-2-one 

(c) ethanoic acid 

(d) methyl ethanoate 

11. Which of the following is a property of all amines? 

(1.7) QID 

(a) They have distinctive odours. 

(b) They are insoluble in water. 

(c) They have higher boiling points than alcohols. 

(d) They have extremely low melting points. 

12. Which of the following is a synthetic polymer? (2.1) QID 

(a) DNA (c) polyester 

(b) silk (d) cellulose 

13. What is the process that results in bonds between 
polymer chains? (2.2) QID 

(a) condensation 

(b) addition 

(c) cross-linking 

(d) dehydration 

14. Which of the following phrases is always true of the 
formation of a condensation polymer? (2.4) QID 

(a) Each monomer molecule has two different 
functional groups. 

(b) Water is a by-product. 

(c) The functional group on one monomer reacts 
with the functional group on another monomer. 

(d) One of the reactants is a carboxylic acid. 

15. Which of the following is a component of DNA? 

(2.6) QID 

(a) pentose sugar 

(b) phosphate group 

(c) nitrogen-containing base 

(d) all of the above 
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Indicate whether each statement is true or faise. If you think 
the statement is false, rewrite it to make it true. 

16. Hydrocarbons contain only carbon and hydrogen. 

(1.1) m 

17. Alkanes are unsaturated hydrocarbons. (1.1) QID 

18. In methane, each carbon atom is connected to 3 
hydrogen atoms. (1.1) QIS 

19. Butane molecules contain 2 carhon atoms. (1.1) QQ 

20. Alkanes can be solids, liquids, or gases depending on 
the number of carbon atoms. (1.1) QID 

21. Alkyl groups are named by replacing the -ane ending 
of the parent alkane with -ol. (1.1) QQ 

22. In the trans isomer, the two matching alkyl groups are 
on the same side of the double bond. (1.2) QID 

23. Alkenes have at least one triple bond between 
adjacent carbon atoms. (1.2) QQ 

24. The compound illustrated in Figure 1 is a tertiary 
alcohol. (1.4) QQ 

CH3—CH—CHj—CH3 
OH 

Figure 1 

25. Ethers are formed hy the condensation reaction of 
two alcohols. (1.4) QQ 

26. Aldehydes and ketones are polar due to the presence 
of the carbonyl group. (1.5) 1219 

27. A carbonyl group consists of a carbon atom double- 
bonded to an oxygen atom and single-bonded to a 
hydroxyl group. (1.6) 1219 

28. Most carboxylic acids are strong acids. (1.6) 1219 

29. Cellulose is a polymer made up of glucose. (2.1) 12a 

30. Addition polymers are the result of the reaction 
between monomers with unsaturated carbon-carbon 
bonds. (2.2) 019 

31. Thermoplastics are plastics that can be heated and 
formed in moulds. (2.2) 019 

32. Bonds form between monomers by either addition 
reactions or condensation reactions. (2.2, 2.4) 1219 

33. To undergo condensation polymerization, a 
compound must have at least one functional group. 
(2.4) 1219 

34. Monosaccharides may be aldehydes or ketones and 
may have chain or ring structures. (2.6) 1219 

35. Proteins are polymers built from amino acids. (2.6) 019 

36. The repeating units in nucleic acids are called 
monosaccharides. (2.6) 1219 


Match each term on the left with the most appropriate 
description on the right. 


37. (a) 

saturated 

(i) 

a synthetic compound 


hydrocarbon 


incorporating many 

(b) 

unsaturated 


—N—C=0 groups 


hydrocarbon 

(ii) 

formed by breaking 

(c) 

alcohol 


C=C bonds 

(d) 

ether 

(iii) 

named by adding -al to 

(e) 

aldehyde 


the root of the alkane name 

(f) 

carboxylic 

(iv) 

a compound containing 


acid 


only carbon atoms and the 

(g) 

amine 


maximum possible number 

(h) 

addition 


of hydrogen atoms 


polymer 

(v) 

a compound that can be 

(i) 

polyester 


produced by combining 

(j) 

polyamide 


two alcohols 

(k) 

polysaccharide 

(vi) 

made up of many simple 
sugar molecules 



(vii) 

a compound containing 
double or triple carbon- 
carbon bonds 



(viii) 

a natural compound that 
includes nitrogen 



(ix) 

produced by the 
condensation reaction 




of a diol and a dicarboxylic 
acid 



(x) 

named by adding -ol to 
the root of the alkane name 



(xi) 

an organic compound 


that releases hydrogen 
ions when mixed with 
water (1.1, 1.2, 1.4, 1.5, 
1.6, 1.7, 2.2, 2.4, 2.6) m 


38. 


(a) addition 

(i) 

the reaction of water with 

reaction 


an unsaturated hydrocarbon 

(b) hydrogenation 


to produce an alcohol 

reaction 

(ii) 

the combination of two 

(c) condensation 


reactants to form one new 

reaction 


product with no extra atoms 

(d) hydration 

(iii) 

the combination of two 

reaction 


reactants to form a large 



molecule and a smaller 



molecule 


(iv) 

a reaction that results in a 


more saturated hydrocarbon 
(1.2, 1.4, 1.6, 2.4) 1219 


Unit 1 Review 121 




Write a short answer to each question. 

39. Name each of the following compounds: (1.1) 013 

(a) CHj 

I 

CHj — C — CH2 — CH— CH2 — CH3 

I I 

CH3 CH3 


(h) CHj —CH2 —CH2 —CH—CHj- 

I I 

CH3 CH3 


-CH2 —CH2 

I 

CH 3 


CH 3 

I 

-C —CH2- 

I 

CH 3 


(d) CH 2 —CH 3 

I 

CH3 — C — CH2—CH2—CH2—CHj—CH3 

I 

CH 2 —CH 3 


45. (a) What is an alkyl group? 

(b) Give an example of two compounds that contain 
alkyl groups. ( 1 . 1 ) QQ 

46. How many hydrogen atoms does a molecule of each 
of the following compounds contain? ( 1 . 1 ) QQ 

(a) butane 

(b) the straight-chain alkane with 6 carbon atoms 

(c) 2 -chloropentane 

47. Write the general chemical formula for each of the 
following types of compounds: (1.1) QIS 

(a) a straight-chain alkane (b) a cyclic alkane 

48. How many carbon atoms are in a molecule of each of 
the following compounds? (1.1, 1.2) QIS 

(a) cyclopentane (b) but-l-yne 

49. What are the differences between a saturated 
hydrocarbon and an unsaturated hydrocarbon? 

(1.1, 1.2) BQ 

50. Name each of the following alkenes: (1.2) QCl 

(a) CH 2 = CH—CHj —CH 3 


(e) 


Cl—CH 2 —CH 2 —CH—CH 3 

I 

Cl 


CH2CH3 


(b) CH3 —CH=CH—CHCH3 


(f) CH 3 CH 2 CH 2 CCI 3 


(g) 


H3C-C- 

I 

H 3 C 


CH—CH—CH 3 

I I 

Cl CH 2 —CH 3 


(h) CH 2 FCH 2 F 

40. Draw a structural formula for each of the following 
compounds: ( 1 . 1 ) 013 0 

(a) 2 -methylbutane 

(b) methylcyclopropane 

(c) l-chloro-3-methylhexane 

(d) 1,3-difluorocyclopentane 

(e) 4-ethyl-2,3-dimethylheptane 

(f) l-bromo-4-ethylcyclohexane 

41. Write the names and molecular formulas of the four 
possible products of the reaction of methane with 
chlorine, CI 2 . (1.1) 013 0 

42. What is the name of the straight-chain alkane with 
the molecular formula C 10 H 22 ? (1.1) 1213 

43. Draw and name the 5 structural isomers of hexane. 
(1.1) BOD 

44. What is the relationship between the boiling point 
of an alkane and the length of its carbon chain? 

( 1 . 1 ) 013 


CH 3 

I 

(c) CH3CH2CH—CH=CH—CHCH3 

I 

CH 3 

51. Draw a structural formula for each of the following 
unsaturated hydrocarbons: (1.2) 1213 D 

(a) non- 2 -ene 

(b) l-chloro-2-fluorohex-3-yne 

(c) ds-2,3-dichloropent-2-ene 

(d) butane-l,3-diene 

52. Compare substitution reactions and addition 
reactions in alkenes. (1.2) 013 

53. What rule is used to determine the results of the 
addition of a hydrogen halide to an alkene? (1.2) 013 

54. The names of the following compounds are incorrect. 
Write the correct name for each compound. (1.2) 013 

(a) 2-methylhex-4-ene 

(b) 2,5-hexadiene 

(c) l,2-dimethylcyclohex-3-ene 

55. Briefly explain the difference between a cis isomer 
and a trans isomer. Include diagrams. (1.2) 013 D 

56. Why are alkenes, alkynes, and aromatic compounds 
classified as unsaturated compounds? (1.2, 1.3) 013 

57. Describe the structure of benzene. (1.3) 013 
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58. For each of the following alcohols, give the systematic 
lUPAC name and specify whether the alcohol is 
primary, secondary, or tertiary. (1.4) QQ 

(a) CH 3 CH 2 CH 2 CH 2 CH 2 OH 

(b) Cl 

I 

CH3CHCH2CH2 

I 

OH 

(c) CH2CH2CH3 

I 

CH3CCH2CH3 

I 

OH 



OH 


59. Draw a structural diagram to show each of the 
following alcohols: (1.4) Od B 

(a) pentan- 2 -ol 

(b) l-chlorohexan-3-ol 

(c) 2 , 6 -dimethylheptan-l-ol 

(d) 2,4-dibromobutane-l,3-diol 

(e) 3-methylphenol 

60. Why are alcohols polar compounds? (1.4) Qd 

61. What is the product of the oxidation of a secondary 
alcohol? (1.4) Bd 

62. Name the four isomers of butanol. Determine 
whether each isomer is a primary, secondary, or 
tertiary alcohol. (1.4) BdB 

63. What is the product of each of the following 
reactions? (1.4, 1.5) Qd 

(a) oxidation of a secondary alcohol 

(b) hydrogenation of an aldehyde 

64. Name the following compounds: (1.4, 1.5) Qd 

(a) H H H H O 

I I I I II 

H-C-C-C-C-C-H 

I I I I 

H H H H 

(b) OH 

I 

CH3CH2CH2CHCHCH3 

I 

CH 2 

I 

CH 3 



65. (a) Predict the product of the oxidation of 

cyclohexanol. 

(b) Write the chemical equation for this reaction, 
showing the structural formulas. (1.5) Qd 

66 . Classify each of the following compounds as an 
aldehyde or ketone, then name each one: (1.5) Qd 

(a) O 

CH3CCH2CH2CH3 

(b) O 

II 

HCCH 2 CH 2 CH 3 

(c) Cl O 

I II 

CH3CHCHCCH2 

I I 

Cl CH3 

(d) O CH 2 CH 3 

II I 

HCCHCHCH3 

I 

CH 3 

67. Compare and contrast aldehydes and ketones. 

(1.5) m 

68 . Draw a structural formula to represent each of the 
following compounds, and classify each one as an 
aldehyde or a ketone: (1.5) Qd B 

(a) octan-3-one 

(b) 2 -methylpropanal 

(c) 2-chloro-3-methylpentanal 

(d) l,2-dichlorohexan-3-one 

69. What is wrong with the name hexan-l-one? (1.5) Qd 
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70. Name the following compounds: (1.6) QIS 



CH3 

I 

CH3CHC —OH 


CH3CH2CHCH— C — OH 

I 

CH2CH2CH3 



71. Using appropriate reactants, some alcohols can he 
oxidized into aldehydes or ketones. (1.4,1.5,1.6) QQ D 

(a) Draw the structure of the product(s) resulting 

from the oxidation of each of the following 
alcohols: 

(i) 3-methylhutan-l-ol 

(ii) 3-methylhutan-2-ol 

(iii) 2 -methylhutan- 2 -ol 

(h) Which of the products that you listed in (a) could 
undergo further controlled oxidation? What 
would he the product in each case? 

72. What two compounds react to produce ethyl 
hutanoate? ( 1 . 6 ) laiD 

73. What category of organic compounds includes 
triglycerides? ( 1 . 6 ) QQ] 

74. What compounds are produced hy the hydrolysis of 
ethyl benzoate? ( 1 . 6 ) QQ 

75. Classify each of the following compounds as a 
carboxylic acid, an ester, a ketone, an aldehyde, or an 
amine: (1.5,1.6, 1.7) m 

(a) CH3CH2CHO 

(b) CH3COCH3 

(C) CH3CH2CH2NH2 

(d) CH 3 CH 2 CH 2 COOH 

(e) O 


O 




76. Describe or draw the structure of an amine. Name its 
functional group(s). (1.7) BCl D 

77. What is the difference between natural and synthetic 
polymers? Give at least two examples of each. (2.1) QQ 

78. (a) What is the difference between a homopolymer 

and a copolymer? 

(b) Can you tell from looking at the structure of 
a polymer whether it is a homopolymer or a 
copolymer? Explain. (2.1) QQIZl 

79. (a) Describe the necessary features of a compound that 

can undergo addition polymerization reactions. 

(b) Briefly describe fhe process of addition 
polymerization. (2.2) QID 

80. Draw structural diagrams of the monomer of each of 
the following addition polymers: (2.2) QQ B 

(a) polypropene (b) polyethene 

81. Draw three repeating units of the polymer formed 

from each of the following monomers: (2.2) QQ B 
(a) but-2-ene (b) methylpropene 

82. Distinguish between the terms in the following pairs. 
Include examples with your answer. (2.2) QID 

(a) plastic and polymer 

(b) thermoset and thermoplastic 

(c) plasticizer and elastomer 

83. Many polymers have bonds holding the polymer 
chains together. (2.2) 019 Di 

(a) What are these bonds called? 

(b) How are they able to form? Include an example. 

(c) How do they affect a polymers properties? 

84. Why has Health Canada placed restrictions on the use 
of some phthalates in childrens products? (2.3) QID D 

85. Can a condensation polymer be made from just one 
type of monomer? Explain your answer. (2.4) QIS 

86. Explain why water is often a by-product of a 
condensation polymerization reaction. (2.4) QQ 
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87. Figure 2 shows a section of an addition polymer. 
Draw and name the monomer that reacts to form this 
polymer. (2.4) 131!] B 

H Cl H Cl H Cl 

I I I I I I 

-c-c-c-c-c-c- 

I I I I I I 

CH3 H CH3 H CH3 H 

Figure 2 

88. Draw the polymer that can he formed from each of the fol¬ 

lowing monomers or pairs of monomers, and classify each 
polymer as either a polyester or a polyamide: (2.4) QQ B 

(a) O 

CH 2 CH 2 CH 2 C —OH 

I 

OH 


(b) O 

II 

H 2 N— CH 2 CH 2 CH 2 CH 2 C — OH 



HO—CH 2 CH 2 —OH 


(d) H 2 N-CH 2 CH 2 CH 2 CH 2 CH 2 -NH 2 and 


O O 

II II 

HO —CCH 2 CH 2 C —OH 


89. Copy the following structural formulas into your 
notebook. Classify each polymer as a polyester or a 
polyamide, circle the linkages, and identify the types 
of monomers involved. (2.4) laiD 


- - CCH2CH2CH2CH2C—O — CH2CH2 — O 

II 

O 



(c) 


H 

■i. 


O 

C- 



90. What chemical properties of plastics result in disposal 
problems? (2.4) QID B 

91. Wallace Carothers developed some of the first 
synthetic polymers. (2.5) QQ B 

(a) What natural polymer was neoprene designed to 
replace? 

(b) Carothers developed a polymer to replace silk. 
What was this synthetic polymer called and what 
type of polymer was it? 

(c) What two types of organic compounds were 
combined to make the silk substitute? 

92. List at least three polymers of monosaccharides. For 
each polymer, state its function, and whether it is 
produced by plants or animals. (2.6) QQ 

93. Amino acids all have at least two functional groups 
on each molecule. The functional groups enable the 
molecules to form polymers. (2.6) QID 

(a) What two functional groups are common to all 
amino acids? 

(b) What are the main product and by-product of the 
polymerization of amino acids? 

(c) What type of synthetic polymer is formed from a 
similar reaction? 

94. A peptide bond is a particular kind of amide linkage. 
When is it appropriate to use the term “peptide 
bond”? (2.6) QID 

Understanding 

95 . Is ethane soluble in water? Explain. (1.1) QID 

96. Why are alkanes relatively stable, compared to alkenes 
and alkynes? (1.1,1.2) QID 

97. What enables cis-trans isomerism to occur in 
alkenes? (1.2) EDI 

98. What are functional groups, and how are they used to 
classify organic molecules? (1.2) ESI 

99. A classmate mentions a compound called methene. Is 
this an appropriate name? Explain. (1.2) EDI 

100. Use a Venn diagram to compare and contrast benzene 
and cyclohexane. (1.1, 1.3) QIDB 

101. Two conventions are used when naming compounds 
containing an aromatic group. Outline when each of 
these conventions is used, giving an example of each. 

102. Predict which has a higher boiling point: ethanol or 
chloroethane. Justify your prediction. (1.4) EDI 
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103. Why are the boiling points of aldehydes and ketones 
lower than those of similar alcohols? (1.5) QQ 

104. Name and draw the condensed structural formula for 
the product of the oxidation of butanal. (1.5, 1.6) BQ 

105. Explain why the boiling points of carboxylic acids are 
higher than the boiling points of alkanes of similar 
size. (1.6) BID 

106. Copy and complete Table 1 in your notebook. (1.1, 
1.2, 1.4, 1.5, 1.6, 1.7) ma 

Table 1 


Name 

Type of 
compound 

Condensed 

structural 

formula 

methylpropane 





CH3CH2CHCH2 

chloroethyne 





CH3 

CH3CHOH 

1 -chlorobutan-2-ol 





CH3CH2CHO 

2-methylbutanal 



2-chloropentan-3-one 





CH3 

1 

CH3CHCOH 

0 

methyl butanoate 





CH3OCH2CH3 



CH3NHCH2CH3 


107. Draw a structural formula equation for each of the 
following reactions: (1.2, 1.4, 1.5, 1.6) ESID 

(a) methanol + propan-l-ol 

(b) propene + chlorine 

(c) 2-methylbutan-l-ol-t (O) 

(d) butanoic acid-t propan-l-ol 

(e) hex-3-yne -i- excess hydrogen 

(f) pentanal + (O) 

108. Arrange the following compounds in order of increasing 
boiling point: propanamine, propane, and propan-l-ol. 
Briefly explain your reasoning. (1.1,1.4,1.7) ED 

109. Create a table to organize the following information 
regarding hydrogen bonding: (1.4, 1.6, 1.7) BID BOB 

(a) List at least three types of organic compounds 
that can form hydrogen bonds. 

(b) Draw the functional group that makes hydrogen 
bonding possible in each case. 


(c) Predict the solubility of these compounds in 
water and in a non-polar solvent. 

(d) Predict how the boiling point of a compound 
of this type compares to the boding point of an 
alkane of similar size. 

110. Using a graphic organizer, compare and contrast addition 
polymers and condensation polymers. (2.2,2.4) BID 

111. Explain the role of hydrogen bonding in the structure 
ofDNA. (2.6) BD 

112. Create a graphic organizer to compare the 
polymerization of amino acids and the 
polymerization of monosaccharides. (2.6) BID B 

113. Create a table summarizing at least 10 different types 
of organic compounds. Use the following column 
headings: Type of compound; Functional group; 
Sample structure; Sample name. (1.2, 1.3, 1.4, 1.5, 1.6, 
1.7, 2.2, 2.4, 2.6) mma 

Analysis and Application 

114. List and discuss at least four properties of organic 
compounds that can cause health or environmental 
problems. (1.1) BUB 

115. For an investigation, you are expected to design a 
procedure to determine the identity of two unlabelled 
samples. You know that one is cyclohexene and the 
other is 2-methylpropan-2-ol. (1.2, 1.4) BD 

(a) Using a flow chart, summarize the steps you 
would carry out to identify each sample. 

(b) List any necessary materials or chemicals. 

(c) Describe your expected results. 

(d) List any necessary safety precautions. 

116. Many industrial solvents are non-polar compounds 
with low molecular masses. (1.3, 1.4, 1.5) BID ESI B 

(a) List at least three organic compounds that are (or 
used to be) widely used as industrial solvents. 

(b) What types of compounds will dissolve in these 
solvents? 

(c) What potential health hazards do they pose? 

(d) How might industrial solvents damage the 
environment? 

117. A mixture of organic compounds is known to contain 
pentane, pentan-l-ol, and pentanoic acid. (1.1,1.4,1.6) ESI 

(a) Describe a procedure that could be used to 
separate these compounds. 

(b) Outline any safety concerns and describe how to 
reduce the hazards. 

118. Create a table listing the following compounds, the 
WHMIS symbols that should be displayed on their 
containers, and the safety precautions you should take 
when handling them: (1.1, 1.4, 1.5, 1.6) BIDBB 

(a) propan- 2 -ol (c) concentrated ethanoic acid 

(b) propane (d) methanal (formaldehyde) 
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119. (a) Explain how the structure of lipid molecules 

affects the physical properties of the fat or oil. 

(b) How do margarine manufacturers manipulate the 
lipid molecules to obtain a more desirable product? 

(c) Unsaturated fats tend to break down very 
quickly and become rancid. In order to delay 
rancidity, food manufacturers add more 
hydrogen to unsaturated fats in a process called 
hydrogenation. How does hydrogenation change 
the structure of unsaturated fats? (1.6) EZD D 

120. When ethanol reacts with benzoic acid, a cherry- 
scented ester is produced. (1.6) EH D 

(a) Draw structural formulas to illustrate the 
reactants and product(s) of this reaction. Name 
the product(s). 

(b) When performing this reaction in the lab, a 
student added hot water to rinse the benzoic acid 
crystals into the reaction vessel. What effect will 
this have on the reaction? Explain your reasoning. 

121. Fish odour is caused by amines. Explain why lemon 
juice can be used to remove fish odour from a 
persons hands. (1.7) ESI D 

122. (a) List at least three drawbacks to using plastics. 

(b) Suggest how you, personally, could reduce the 

effects of these problems. (1.1, 2.2, 2.3, 2.4) D 

123. Modern medicine uses polymers in many ways. Heart 
valve replacements and stints placed in blood vessels 
are often made of plastic. (2.2, 2.3, 2.4) □!!] D 

(a) List the properties of plastic that make it ideal for 
these uses. 

(b) What dangers might be associated with using 
plastics in this way? 

124. Nylon-5,10 was synthesized by DuPont before 
nylon-6,6. It is not as widely used, however, because 
it is more expensive to make. Predict the names and 
structures of the monomers used to make nylon-5,10. 
{Hint: The “5” refers to a diamine.) (2.4, 2.5) EH D 

Evaluation 

125. Write a one-page paper giving your opinion about 
which functional group is the most biologically 
important, and which has the least importance in the 
body. (1.2, 2.6) DB 

126. The phenols commonly known as BHT and 
BHA are antioxidants. They prevent or reduce 
oxidation reactions from occurring. Why are these 
compounds used as preservatives in foods that 
contain unsaturated fats? List the potential positive 
and negative effects of the use of these preservatives. 
Do the benefits of their use outweigh the negative 
aspects? (1.3, 2.6) D 


127. Since fossil fuels are a non-renewable resource, many 
industries are searching for alternative sources of 
chemical energy. One possibility is the manufacture 
of ethanol from the sugars in corn. Is this a good 
idea? Give reasons for your answer. (1.4, 2.6) EH D 

128. Many synthetic organic compounds have been 
developed as an alternative to natural compounds. 
Citing at least two examples, argue whether it is 
more environmentally responsible to use synthetic or 
natural polymers. (2.1, 2.2, 2.6) D B 

Reflect on Your Learning 

129. Construct a concept map using organic compounds 
as the central concept and including all of the key 
terms from this unit, bq EH B 

130. Consider the concepts you learned in this unit. 

Which do you think are most relevant and important 
to your future education and career goals? Why? B 

131. What concepts in this unit do you think are most 
confusing? Why? How could you help another 
student understand them? BID B 

Research ® web link 

132. What is gasohol and what is it used for? Research 
the compounds that go into this mixture, and 
their sources. Research the drawbacks and benefits 
(including the environmental impact) of gasohol. Do 
you think gasohol should be more or less commonly 
used? Summarize your conclusions as a letter to the 
editor of a daily newspaper or as a comment posted 
to an online news source. EH B B 

133. Morphine, codeine, and heroin are closely related 
compounds. Research these three drugs. Write a brief 
illustrated report that includes their historical uses, 
their structures and properties, and the benefits and 
drawbacks of their medical uses. EH B B 

134. Car manufacturers are using plastics to make more 
and more of their vehicles’ components. List at least 
five car parts that are made of plastic. Research the 
properties of the plastic that make it appropriate for 
each specific use, and the benefits and drawbacks 
of using plastics rather than the more traditional 
materials. Summarize your findings as a table or 
graphic organizer. EH B B 

135. There are many applications of organic chemical 
reactions in the world in which we live. Research 
how organic reactions affect living organisms and 
the environment. Focus on four specific examples. 
Summarize your findings in a format of your choice, 
including complete chemical equations for all 
reactions. Describe the implications or applications of 
each reaction. EH B D 
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structure and Properties of Matter 


OVERALL 

EXPECTATIONS 

• assess the benefits to society and 
evaiuate the environmental impact 
of products and technologies that 
apply principles related to the 
structure and properties of matter 

• investigate the molecular shapes 
and physical properties of various 
types of matter 

• demonstrate an understanding 
of atomic structure and chemical 
bonding, and how they relate to 
the physical properties of ionic, 
molecular, covalent network, and 
metallic substances 

BIG IDEAS 

• The nature of the attractive forces 
that exist between particles in 

a substance determines the 
properties of that substance. 

• Technological devices that are 
based on the principles of atomic 
and molecular structures can have 
societal benefits and costs. 





UNIT TASK PREVIEW\ 


In this Unit Task, you will perform a thought experiment in which 
you will develop a detailed description of an alternative universe. 
At the heart of this universe will be a periodic table, for which the 
rules for working with quantum numbers are different than the 
accepted rules in our universe. 

The Unit Task is described in detail on page 268. As you work 
through the unit, look for Unit Task Bookmarks to see how the 
section relates to the Unit Task. 
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FOCUS ON STSE 



NANOTECHNOLOGY: 

A TINY TECHNOLOGICAL REVOLUTION 

Nanotechnology is a branch of technology that involves engineering functional systems 
at the molecular or atomic scale. A functional system is a series of connected compo¬ 
nents that work together to carry out a specific function. A nanometre is one billionth of 
a metre—a human hair is 50 000 to 100 000 as thick. Nanotechnology first emerged in 
the 1980s and, since then, has been applied widely to many different fields. For example, 
medical scientists are trying to develop tiny cellular-repair nanobots that can be injected 
into the human body. Once in the body, these nanobots could repair damaged or sick cells 
or kill harmful ones, such as cancer cells. Researchers in the pharmaceutical industry 
are experimenting with nanotechnology to produce microscopic needles that can inject 
drugs into single cells. 

Nanotechnology also plays (or will play) a role in advancing the fields of electronics, 
materials science, and biomaterials. Nanotechnology may also be used in the toy, food, 
and beverage industries. Some nanomaterials, such as carbon nanotubes, are extraordi¬ 
narily strong, despite their small size. This makes them extremely useful in the manufac¬ 
ture of construction materials used in space vehicles, airplanes, and even new types of 
reinforced concrete. Nanochemicals can be added to fabrics and textiles to resist stains 
and eliminate unwanted odours. Solar cells, lighting, and chemical imaging all involve 
the use of nanomaterials and can be less expensive than those made using conventional 
materials. Nanotechnology has many practical applications. You likely own some devices 
that were constructed using nanotechnology! 

Although there are many exciting potential uses of nanotechnology, this new field is 
not without risks. Since nanomaterials are not naturally occurring substances, we cannot 
predict their possible negative consequences. For example, researchers Niraj Kumar and 
Virginia Walker of Queen’s University in Kingston, Ontario, made a discovery regarding the 
negative effects of nanoparticles on the Arctic ecosystem. They found that silver nanopar¬ 
ticles, which are commonly used as antibacterial agents in fabrics (such as those used in 
socks), are toxic to nitrogen-fixing bacteria. When the populations of these bacteria are 
reduced, plants do not grow as quickly or as vigorously. It is amazing and concerning that 
these silver nanoparticles were found in regions that are largely undisturbed by human 
activity. This is one example of why, as we move forward in the field of nanotechnology, 
we need to be cautious to minimize any unforeseen negative consequences. 

Questions 

1. What is unique about nanotechnology, compared with other branches of science? 

2. What are some current applications of nanotechnology? 

3. What are some areas of research for future uses of nanotechnology? 

4. Are technologies always beneficial to society and the environment? Give an 
example of another technology that has benefits for and negative impacts on 
society and/or the environment. 


Focus on STSE 129 





UNIT 2 ARE YOU READY? 


J 


CONCEPTS 

• predict the nature of a chemical bond 

• outline major historical accomplishments in atomic theory 

• describe characteristics of the atom 

• describe elements, including isotopes and radioisotopes 

• identify periodic trends 

• identify properties of ionic and molecular compounds 


SKILLS 

• draw Bohr-Rutherford diagrams and Lewis structures 

• name substances and write chemical formulas 

• classify compounds 

• understand safety in the laboratory 

• use lUPAC rules to name compounds 


Concepts Review 

1. Predict whether the chemical bonds in the following 
substances are ionic or covalent: BID BD 

(a) KCl 

(b) SF, 

(c) LiBr 

(d) N,0, 

(e) RbS 

2. Construct a timeline or a graphic organizer that 
illustrates the major historical accomplishments in 
atomic theory by Dalton, Thomson, and Rutherford. 

3. Use the Dalton model of the atom to explain the law of 
conservation of mass in chemical reactions. BQl 

4. What are the major components of the atom? BQ 

5. State the number of protons, neutrons, and electrons 
in each of the following entities: BID ED 

(a) a neutral atom with atomic number 5 and 
mass number 11 

(b) a neutral atom with atomic number 25 and 
mass number 54 

(c) a neutral atom with atomic number 25 and 
mass number 55 

(d) an ion with atomic number 17, mass number 35, 
and a charge of — 1 

6 . Explain the difference between isotopes and 
radioisotopes of an element. BID 

7. (a) What are periodic trends? 

(b) Name two properties that exhibit periodic 
behaviour and discuss their trends. BID 


8. Predict whether compounds with the following 
properties are ionic or molecular, based on the given 
information: BDUZD 

(a) insoluble in water 

(b) low melting point 

(c) high boiling point 

(d) solid at SATP 

(e) forms an electrolyte in water 

(f) brittle 

9. Describe the structure of a solid ionic compound using 
the terms “crystalline” and “formula unit.” BID 

10. Ionic and molecular compounds have certain 

characteristic properties. Summarize these by copying 
Table 1 into your notebook and completing it. BID B 
Table 1 


Characteristic 

Ionic 

compounds 

Molecular 

compounds 

Classes of elements involved? 



Melting point (high/iow)? 



State at SATP (solid, liquid, gas)? 



Electrolyte (yes/no)? 




11. Distinguish between the following terms: scientific 
model, scientific law, and scientific theory. BID 

12. Define the following terms, and state the trends for 
each on the periodic table: BB 

(a) atomic radius 

(b) ionization energy 

(c) electron affinity 

(d) electronegativity 


130 Unit 2 • Structure and Properties of Matter 













13. Copy the periodic table in Figure 1 into your notebook, 
and identify the following groups: alkali metals, alkaline 
earth metals, transition metals, halogens, noble gases, 
lanthanides, and actinides. 019 B 



Figure 1 


14. What information is included in the WHMIS symbol 
for a chemical? m 

15. What does MSDS stand for? What information is 
included in an MSDS? BQ 

16. What is meant by the term “stable octet”? Explain 
how the octet rule works when drawing Lewis 
structures. QlDEiaB 

17. State the similarities and differences between the 
Bohr-Rutherford diagrams of the atoms in each pair 
below. Explain their relative location on the periodic 
table based on these similarities and differences. BQ E 

(a) lithium and potassium 

(b) magnesium and sulfur 

18. Copy Table 2 into your notebook and complete it. BIS I 


Table 2 


Element 

name 

Symbol 

Lewis 

symbol 

Are electrons 
lost or gained 
when ion 
forms? 

Lewis 
symbol 
of ion 
formation 

Charge 
on ion 

magnesium 







Br 





suifur 







Na 





tin 







P 






Skills Review 

19. Draw a Bohr-Rutherford diagram for each of the 
following elements: BIS EZB B 

(a) H (d) K 

(b) C (e) Na 

(c) P 

20. Draw the structural formula for each of the following 
molecular compounds: BIS ESI B 

(a) H 2 O (d) C 2 H 4 

(b) CH 4 (e) NH 3 

(c) CO 2 

21. Give the lUPAC name for the following 
compounds: BQiSl 

(a) CBr 4 (d)SF 6 

(b) CIO 2 (e)N 204 

(c) N 2 O 


22. In a graphic organizer, show the steps involved in 
drawing the Lewis structure of 

(a) an ionic compound 

(b) a covalent compound BIS ESI B 


23. Draw Lewis structures showing the formation of the 
following compounds, and state whether each is ionic 


(a) sodium fluoride 

(c) aluminum oxide 

(b) hydrogen sulfide 

(d) methane 

Write the lUPAC name 
compounds: BIS Em 

for each of the following 

(a) CaCl 2 

(f) (NH 4 ) 2 S 

(b) Fe(N 03)2 

(g) Cu(C 102)2 

(c) CO 

(h) NaClO 

(d) CaS 03 

(i) HgS 

(e) NH 4 NO 3 

(j) Ca(C2H302)2 


25. Design and create a poster that clearly states and 
illustrates an important safety rule in your chemistry 
classroom, qisebib 



Throughout this unit you wiil see Career Links. Go to the Nelson 
Science website to find information about careers reiated to 


Structure and Properties of Matter. On the Chapter Summary page 
at the end of each chapter you wili find a Career Pathways feature 
that shows you the educationai requirements of the careers. There 
are aiso some career-related questions for you to research. 
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Atoms 



KEY CONCEPTS 

After completing this chapter you will 
be able to 

• describe atomic structure 
and theory, including key 
experiments 

• understand the basics of 
quantum mechanics, the wave 
model, quantum numbers, and 
electron configuration 

• expiain energy ievels, subshelis, 
orbitals, and electron spin 

• use the aufbau principle, the 
Pauli exclusion principle, and 
Hund’s rule to write electron 
configurations for elements 

• explain how the arrangement of 
elements in the periodic table is 
directly related to their electron 
configurations 

• compare characteristic 
properties of elements 

• apply atomic theories to help 
explain methods in analytical 
chemistry and medical 
diagnosis, and assess the 
impact of such technologies 


i 


What Is the Nature of Atoms and Molecules? 


Modern medicine has many different tools to help physicians look for evi¬ 
dence of disease without having to resort to surgery For example, an MRI 
(magnetic resonance imaging) machine uses powerful magnets to align 
hydrogen atoms in the same direction in the body. (Hydrogen atoms usually 
spin in random patterns.) When a specific radio frequency is applied to the 
aligned hydrogen atoms, some of them emit energy, which can be used to 
create detailed images. MRI technology allows medical professionals to scan 
a living person in a matter of minutes and see images of what is happening 
inside the tissues. Each of the 3 MRI scans on the facing page shows an adult 
human brain. The first is a three-dimensional MRI scan, the second is an MRI 
scan of a brain with a cancerous tumour, and the third is an MRI scan of a 
healthy brain. Can you identify the tumour by comparing these? 

The invention of medical imaging machines such as MRI depended on 
scientists understanding the nature of atoms and molecules. Before MRI, 
doctors were limited to X-ray imaging, which provides only limited views of 
soft tissues (such as muscles inside the body). CAT scans (computerized axial 
tomography, also sometimes called CT scans), which also use X-rays, were 
commonly used before MRI became accessible. These technologies are still 
widely used, but MRI has revolutionized the field of medical treatment by 
providing a way to diagnose disease and monitor the effects of treatment in a 
way that is safer, more accurate, and more detailed than ever before. 

As our knowledge of the nature of atoms and molecules advances, so does 
the development of useful applications. The new field of nuclear medicine 
is one example: further non-invasive diagnostic imaging techniques that 
interact with atoms, such as positron emission tomography (PET), allow 
physicians even clearer images of living tissues. 

Many of the devices you use every day have been developed thanks to 
advances in understanding the nature of atoms and molecules. These devices 
include cellphones, televisions, sensors in automobiles, and computers. As 
well as making life more interesting and convenient, a greater understanding 
of atomic structure plays an important economic role. 


Answer the following questions using your current 
knowledge. You will have a chance to revisit these questions 
later, applying concepts and skills from the chapter. 

1. (a) If you could see a single carbon atom, what do you 

think it would look like? 

(b) Based on your answer to (a), what are the strengths 
and weaknesses of your model of a carbon atom? 

2. Describe an electron, where it is found in an atom, and 
the evidence that supports its existence. 


3. Describe a proton, where it is found in an atom, and the 

evidence that supports its existence. 

4. Compare and contrast MRI to X-ray imaging. 

(a) In what situations do you think MRI techniques can 
be used? 

(b) What are the risks to patients or doctors and 
technicians using MRI technology? 

(c) In your opinion, do the benefits of MRI technology 
outweigh the risks? 
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Mini Investigation 


Exploring the Black Box 

Skills: Planning, Performing, Observing, Analyzing, Evaluating, Communicating handbook *2, a2.4 


In this activity, you will work with a sealed box that has a A. 

small hole on the side and a raised pattern on the inside 
bottom surface that forms a maze. You wili insert a ball 
bearing or marble and move it around to infer the pattern of 
the hidden maze. 

Equipment and Materials: rectangular box with an Internal 
raised maze and a small hole in one wall; ball bearing or 
marble; pencil; paper 

1. Work with a partner to determine a strategy to figure out 
the pattern of the maze hidden inside the box. 

2. Place the ball bearing or marble inside the box and carry 
out your strategy. 

3. Describe to your partner what you think the maze looks 
like. Have your partner draw the maze as you describe it. 

4. Switch roles with your partner, and repeat Steps 2 and 3. 

5. If time permits, trade boxes with another group and 
repeat Steps 2-4, but this time aliow your partner to 
describe the maze first. 


What strategy did you use to solve the maze? esi 
What were the challenges of not being able to see inside 
the black box? lai 

What strategies helped you to successfully communicate 
your findings to your partner? eel 
Were you able to solve the maze using your partner’s 
map and vice versa? Explain any difficulties you 
encountered, ebib 

E. How do you think this activity compares with trying to 
determine the structure of an atom? eh 

F. This activity is a simple analogy of how scientists try to 
determine the structure of the atom. Do you think you 
should be able to open up your black box and see inside 
it? Justify your response, eh 
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Early Atomic Theories and the 
Origins of Quantum Theory 



Figure 1 STM image of atoms on the 
surface of graphite (a form of carbon) 


What is matter made of? People have wondered about the answer to this question for 
thousands of years. Around 460 BCE, the Greek philosopher Democritus specu¬ 
lated that matter is composed of elementary particles called atoms. However, it was not 
until thousands of years later, after collecting a lot of evidence and developing very 
complex technology, that scientists were able to state with some certainty that matter 
is composed of atoms. Recently, something very exciting happened. For the first 
time, scientists are able to “see” individual atoms through a special microscope, called 
a scanning tuimelling microscope (STM). The STM passes an extremely fine, electrically 
charged needle over the surface of an object. Changes in the current through the needle 
indicate changes in the distance between the surface and the needle. These changes indi¬ 
cate the “bumps” of atoms and the “valleys” between them. An STM image of the surface 
of graphite shows an orderly arrangement of carbon atoms (Figure 1). # web link 


Early Developments in Atomic Structure 



Figure 2 The English physicist 
J.J. Thomson (1856-1940) studied 
electrical discharges in partially evacuated 
tubes called cathode ray tubes, 
electron a negatively charged subatomic 
particie 


To rmderstand chemistry, it helps to be able to visualize matter at the atomic level. Before 
the invention of the STM, scientists speculated that matter consisted of individual atoms. 
When Democritus first suggested the existence of atoms, his ideas were based on intu¬ 
ition and reason, not experimentation. For the following 20 centuries, no convincing 
experimental evidence was available to support the existence of atoms. As new tools to 
experiment with matter were developed, our understanding of the structure of matter 
grew. In the late 1700s, French chemist Antoine Lavoisier and others used experimenta¬ 
tion to gather the first accurate quantitative measurements of chemical reactions. These 
measurements were made possible by the invention of instruments that could precisely 
measure mass and volume. Based on the results of these experiments, John Dalton 
(1766-1844) proposed the first modern atomic theory: elements consist of atoms, which 
cannot be created, destroyed, or divided, and atoms of the same element have identical 
size, mass, and other properties. Daltons theory, although simple, has stood the test of 
time extremely well. In the past 200 years, a great deal of experimental evidence has accu¬ 
mulated to support atomic theory. 

Discovering the Electron 

The experiments by the English physicist J.J. Thomson (Figure 2) were the first to 
provide evidence for the existence of the electron, a negatively charged subatomic 
particle. In his experiments, Thomson applied high voltage to a partially evacuated 
tube with a metal electrode at each end. He observed that a ray was produced that 
started from the negative electrode, or cathode. As a result of these observations, he 
called his tube a cathode ray tube (Figure 3(a)). # web link 



Figure 3 (a) A cathode ray tube under high voltage produces a visible ray. (b) A cathode ray is 
deflected away from the negative pole in an applied electric field, which is consistent with the ray 
being composed of a stream of negatively charged particles (electrons). 
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Thomson also observed that the negative pole of an applied electric field repelled the 
ray (Figure 3(b)). He explained these observations by hypothesizing that the ray was 
composed of a stream of negatively charged particles, which we now know to be electrons. 

By measuring the deflection of the beam of electrons in a magnetic field, Thomson 
was able to determine the charge-to-mass ratio of an electron, using the formula 

^ = -1.76 X 10®C/g 

where e represents the charge on the electron in coulombs (C), and m represents the 
electron mass in grams (g). 

One of Thomsons goals in his cathode ray tube experiments was to understand the 
structure of the atom. He reasoned that since electrons could be produced from elec¬ 
trodes made of various metals, all atoms must contain electrons. Since atoms are electri¬ 
cally neutral, Thomson further reasoned that atoms must also contain a positive charge. 
Thomson postulated that an atom consists of a diffuse cloud of positive charge with nega¬ 
tively charged electrons embedded randomly in it. This model is sometimes called the 
“blueberry muffin model”; the electrons are analogous to negatively charged blueberries 
dispersed in a positively charged muffin (Figure 4). 



Figure 4 (a) According fo Thomson’s model, electrons are randomly embedded in a cloud of 
posifive charge, (b) Thomson’s model of an atom is sometimes called the “blueberry muffin model.” 
In the model, electrons are represented by the blueberries. 

In 1909, scientist Robert Millikan conducted experiments at the University of 
Chicago in which he used charged oil drops to determine the charge of an electron. 
Using the apparatus shown in Figure 5, Millikan discovered that the fall of charged 
oil droplets due to gravity could be halted by adjusting the voltage across two charged 
plates. He was able to calculate the charge on the oil drop from the voltage and the mass 
of the oil drop. Using this value and the charge-to-mass ratio determined by Thomson, 
Millikan calculated the mass of an electron to be 9.11 X 10“^^ kg. 



Figure 5 (a) A schematic representation of the apparatus Millikan used to determine the charge of 
an electron, (b) Robert Millikan using his apparatus 
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radioactivity the spontaneous decay or 
disintegration of the nucleus of an atom 



Figure 6 Ernest Rutherford (1871-1937) 
did much of the early work 
characterizing radioactivity at McGill 
University in Montreal, Quebec. He 
received the Nobel Prize in Chemistry 
in 1908. 


Exploring Radioactivity 

In the late nineteenth century, scientists discovered that certain elements emit high 
levels of energy. In 1896, French scientist Henri Becquerel found that, in the absence 
of light, a piece of mineral containing uranium produces an image on a photographic 
plate. He attributed this phenomenon to uranium atoms spontaneously emitting 
radiation: energy, particles, or waves that travel through space or substances. 
Elements that emit radiation are said to be radioactive. 

Today we know that radioactivity is the spontaneous decay of the nucleus of an 
atom. This idea was first proposed by Ernest Rutherford (Figure 6). Rutherford 
showed that radioactivity resulted from the disintegration of atoms. He also discov¬ 
ered the alpha particle and named the beta particle and the gamma ray (Table 1). 


Table 1 Characteristics of Three Types of Radioactive Emissions 



Alpha particle 

Beta particle 

Gamma ray 

Symbol 

a or \a or ^He 

porp ore 

7 

Atomic mass (u) 

4 

1 

2000 

0 

Charge 

-E2 

-1 

0 

Speed 

Slow 

fast 

very fast (speed of light) 

Ionizing ability 

high 

medium 

none 

Penetrating power 

low 

medium 

high 

Stopped by 

paper 

aluminum 

lead 


Rutherford’s Model of the Atom 

In 1911, Rutherford carried out a series of experiments to look for evidence in support 
of Thomsons “blueberry muffin model” of the atom. Rutherford devised experiments in 
which positively charged alpha particles were tired at a thin sheet of gold foil. He hypoth¬ 
esized that if Thomsons model was accurate, the massive alpha particles should break 
through the thin foil hke bullets through paper, with only minor deflections (Figure 7). 



Figure 7 Rutherford’s experimental design for the alpha particle bombardment of gold foil 


The results of the experiments were very different from what Rutherford had 
anticipated. Although most of the alpha particles passed straight through the gold 
foil, some were deflected at various angles while others were reflected back toward 
the source, never reaching the detector. 

Rutherford realized that these experimental results did not support Thomsons 
model of the atom (Figure 8(a)). The only possible explanation was that the observed 
deflection of alpha particles was caused by a concentrated positive charge at the 
centre of the atom. Rutherford predicted that the positive charge at the centre of the 
atom must contain most of the atomic mass, which would account for the deflection 
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of the massive alpha particles. Rutherford also reasoned that since most of the alpha 
particles passed directly through the foil, the atom must be made up of mostly empty 
space, and the positive centre must be small in volume relative to the atom (Figure 8(b)). 
The deflected alpha particles must have travelled close to the positively charged 
centres of the atoms and, since like charges repel, changed paths. The alpha particles 
that bounced back must have made a direct hit on the much more massive positively 
charged centres. 




Figure 8 (a) Rutherford predicted that the alpha particles would pass right through the gold foil if 
Thomson’s model was correct, (b) The actual results of Rutherford’s experiments revealed that the atom 
is mostly open space with a small, positively charged centre that contains the bulk of the atomic mass. 

Rutherford concluded that these results could be explained only in terms of an 
atom with a nucleus: a dense, positively charged atomic centre. He proposed that elec¬ 
trons move around the nucleus at a relatively far distance, similar to planets orbiting 
the Sun. Rutherford later named the positive charges in the nucleus protons. 

Scientist James Chadwick worked with Rutherford to determine the masses of the 
nuclei of different elements. In these experiments, he found that the observed masses 
of the nuclei were not the same as the sum of the masses of the protons. Chadwick 
concluded that a nucleus must contain not only positively charged protons, but also 
neutral (uncharged) particles called neutrons. 

Atoms and Isotopes 

An atom can be described as consisting of a tiny nucleus with a diameter of about 10'^^ m 
and electrons that move around the nucleus at an average distance of about 10^^° m. 
The nucleus is very small compared to the overall size of the atom: if an atom were 
the size of a sports stadium, the nucleus would be about the size of a ball bearing 
(Figure 9). However, nuclear material is so dense that a ball bearing-sized piece would 
have a mass of 226 million tonnes! 

The nucleus of an atom contains protons, which have a positive charge equal in 
magnitude to the negative charge of an electron, and neutrons, which have virtually 
the same mass as a proton but no charge. Table 2 summarizes the masses and charges 
of the electron, proton, and neutron. 


Table 2 The Mass and Charge of the Electron, Proton, and Neutron 


Particle 

Mass (kg) 

Charge* 

electron (e ’) 

9.109 X 10-^’ 

-1 

proton (p+) 

1.673 X 10-2' 

+^ 

neutron (n°) 

1.675 X 10-2' 

none 


*The magnitude of the charge of the electron and the proton is 1.60 x 10”^® C. 


nucleus the dense centre of an atom with 
a positive charge 

proton a positively charged subatomic 
particle 


neutron an electrically neutral subatomic 
particle 



Figure 9 If the atomic nucleus were the 
size of this ball bearing, a typical atom 
would be the size of this stadium. 
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isotopes atoms with the same number of 
protons but different numbers of neutrons 
atomic number (Z) the number of 
protons in a nucleus 
mass number (/I) the total number of 
protons and neutrons in a nucleus 


radioisotope an isotope that emits 
radioactive gamma rays and/or subatomic 
particles (for example, alpha and/or beta 
particles) 


If all atoms are composed of these same particles, why do different atoms have dif¬ 
ferent chemical properties? The answer lies in the number of electrons in each atom. 
An electrically neutral atom has the same number of electrons as protons. Electrons 
constitute nearly all of the volume of an atom, but an insignificant amount of its 
mass. Electrons of different atoms interact when atoms combine to form molecules. 
The number of electrons in an atom and their arrangement determine the chemical 
behaviour of the atom. Neutral atoms of different elements have unique numbers of 
protons and electrons and, therefore, different chemical properties. 

What makes the atoms of a certain element radioactive? You know that a neutral 
atom by definition has an equal number of protons and electrons in its nucleus. 
However, the number of neutrons in a neutral atom can differ. Two atoms with the 
same number of protons but different numbers of neutrons are called isotopes. 

The nucleus of each carbon isotope in Figure 10 has the same atomic number (Z) 
which is the number of protons. However, each nucleus has a different mass number 
(>t) which is the total number of protons and neutrons. The symbols for these two 
isotopes are written as and ^gC. Notice that the atomic number is written as a 
subscript and the mass number is written as a superscript. These carbon isotopes can 
also be written as carbon-12 or C-12, and carbon-14 or C-14. Isotopes have almost 
identical chemical properties because they have the same number of electrons and 
protons. In nature, most elements contain mixtures of isotopes. In addition to occur¬ 
ring in nature, radioisotopes can be synthesized from certain elements. 



6 neutrons 



8 neutrons 


Figure 10 (a) Carbon-12 contains 6 protons and 6 neutrons, (b) Carbon-14 is an isotope of carbon 
that has 8 neutrons. 


Recall that Henri Becquerel observed the spontaneous emission of radiation 
by uranium. When the nuclei of isotopes are unstable, as is the case for some ura¬ 
nium isotopes, they are radioactive and are called radioisotopes. A radioisotope is 
an isotope with an unstable nucleus, meaning that the nucleus decays and emits 
radioactive gamma rays and/or subatomic particles. Scientists and engineers use 
the radiation emitted by radioisotopes in many applications, including carbon 
dating, nuclear energy, and medicine. For example, carbon-14 is used in archaeo¬ 
logical dating. 

The Nature of Matter and Energy 

During the first half of the twentieth century, scientists realized that the results of 
several key experiments were not consistent with the classical theories of physics 
developed by Isaac Newton and other scientists. To account for the observed 
behaviour of light and atoms, physicists developed a radical new idea called 
quantum theory. This new physics provided many surprises, but it also more 
accurately explains the behaviour of light and matter. # web link 
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Classical Theories of Light 

Light, or light energy, is electromagnetic radiation. Visible hght is the portion of this 
spectrum that can he seen by the human eye. The nature and properties of light have 
been debated for centuries. Around 300 BCE, Greek philosophers proposed that light 
existed as a stream of particles. In the seventeenth century, Dutch scientist Christiaan 
Huygens conducted investigations that led him to theorize that light is a wave. Not all 
scientists agreed with Huygens. For example, Isaac Newton beheved that light was com¬ 
posed of tiny particles, which he called “corpuscles.” Investigations continued and new 
evidence from experiments with refraction, diffraction, and reflection provided a great 
deal of support for the wave hypothesis proposed by Huygens. 

In the mid-nineteenth century, physicist James Maxwell proposed a theory regarding 
the properties of magnetism, hght, and electricity. Maxwell theorized that hght could act 
on charged particles because it existed as an electromagnetic wave made of magnetic and 
electric fields. Over time, MaxweU’s electromagnetic wave theory gained wide acceptance 
and came to be the classical theory of hght. According to Maxweh’s theory, hght is an elec¬ 
tromagnetic wave composed of continuous wavelengths that form a spectrum (Figure 11). 

Electromagnetic Spectrum 


frequency, f (Hz) 

lO'* 10® 

10® 10^“ 

10^2 

visible light 

10^'* ^ 10^® 10^® 

102“ 

1022 102^ 


microwaves 



UV 

cosmic rays 


radio waves 


infrared 

1 

X-rays 


gamma rays 

10'* 102 

1 1(1-2 

lO-’* 

K)-® 

10-8 1o'-10 

10-12 

10-14 10-16 


wavelength, A (m) 

Figure 11 Visible light is only a very narrow band on the electromagnetic spectrum. 


At the end of the nineteenth century, matter and energy were considered to be 
distinct, and unrelated, entities. Matter was thought to be composed of particles that 
had mass and a specific posifion in space af a particular time. Light energy was con¬ 
sidered to be an electromagnetic wave that had no mass or specific posifion in space. 

However, in 1887 German physicisf Heinrich Hertz was attempting to generate 
electromagnetic waves using induction coils, and instead, discovered the photoelectric 
effect, in which hght shining on a metal surface causes the emission of electrons from 
the metal. Hertz reported the photoelectric effect, but did not attempt to explain it. 
The discovery of the photoelectric effect had a major impact on the classical theories 
of hght and matter. # web link 

According to the classical theory of hght, the intensity (brightness) of the hght 
shining on the metal should determine the kinetic energy of the electrons emitted. 
Therefore, the more intense the hght, the more energy the emitted electrons should 
have. However, Hertzs experiments demonstrated that the frequency of the hght was 
more important in determining the energy of the emitted electrons (Figure 12). Since 
the classical theory of hght and matter could not explain these observations, it began 
to be viewed as flawed. 


low-frequency high-frequency 



(a) metal surface (b) metal surface 

Figure 12 Hertz’s experiments showed that light with frequency less than a certain frequency, 
called the threshold frequency, produces no electrons (a), whereas light with frequency higher than 
the threshold frequency causes electrons to be emitted from the metal (b). 


photoelectric effect electrons are 
emitted by matter that absorbs energy 
from shortwave electromagnetic radiation 
(for example, visible or UV light) 


3.1.1 


The Photoelectric Effect (page 179) 

Einstein was later able to explain 
the photoelectric effect through 
experimentation, for which he received 
a Nobel Prize. In this investigation, you 
will observe what Einstein observed, 
which ultimately led to the modern 
theory of light and atoms. 
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Figure 13 Max Planck (1858-1947), 
at right, is regarded as the founder of 
quantum theory. He studied the light 
emitted by hot objects. His experiments 
led him to hypothesize that energy could 
be gained or transferred in whole- 
number multiples. 


quantum a unit or packet of energy 
(plural: quanta) 


Planck’s Quantum Hypothesis 

In 1900, German physicist Max Planck (Figure 13) was studying the spectra of the 
radiant energy emitted by solid bodies (called blackbodies) heated to incandescence 
(glowing). When a solid is heated to very high temperatures, it begins to glow, first 
red, then white, then blue. The changes in colour and the corresponding light spectra 
do not depend on the composition of the solid. The intensity of the light of different 
colours can be measured and plotted on a graph, to produce a curved line (or energy 
curve). # WEB LINK 

Classical physics predicted that the energy curve should go up continuously 
as temperature increases: physicists thought that matter could absorb or emit any 
quantity of energy. However, Planck’s experiments showed that the curve reached a 
peak and then decreased. The position of the peak correlated to the temperature and 
moved toward higher light frequencies as an object became hotter. Compare the posi¬ 
tions of the peaks for a red-hot and a white-hot object in Figure 14. Now compare 
these to the curved line that would result as predicted by the classical theory of light. 



low energy high energy 

Figure 14 A white-hot wire and a red-hot wire emit light at different colours and intensities. The light 
emitted does not follow the expected results of the classical theory of light. 

Planck accounted for the unexpected results of his heating experiments by pos¬ 
tulating that matter can gain or lose energy, E, only in whole-number multiples, 
according to the equation 

E = nhf 

where n is an integer (1, 2, 3, ...),/is the frequency of the radiation and h is Planck’s 
constant. Planck’s constant is a constant of nature and has the value 6.63 X 10“^^ J-s. 

Planck knew that radiation was emitted as atoms vibrated back and forth (oscil¬ 
lated). He hypothesized that the energies from the oscillating atoms in the heated 
object were multiples of a small quantity of energy. Light was emitted in bursts of this 
discrete (separate and distinct) quantity of energy rather than as a continuous stream. 
Albert Einstein later brought Planck’s hypothesis to its logical conclusion—the light 
emitted by a heated solid is quantized. One burst or packet of energy is now known 
as a quantum of energy. 

A quantum is a difficult concept. It may help to imagine a quantum of energy as 
a unit of money. Any value of money can be understood as equal to, for example, a 
number of pennies, the smallest unit of money. Similarly, that same value of money 
can be described in terms of other units of money. For example, $2.00 is equal to 200 
pennies, but it is also equal to 8 quarters or 20 dimes or 40 nickels. Quanta of light 
are similar to units of money in that the colours of light emitted are analogous to the 
value of a particular coin. Infrared light may be thought of as being analogous to a 
penny, red light to a nickel, blue light to a dime, and ultraviolet light to a quarter. 

Heating a solid until it glows in the infrared range is analogous to it emitting pen¬ 
nies of light energy. Similarly, a red-hot solid emits quantities of light energy analo¬ 
gous to nickels, a white-hot solid emits quantities of light energy analogous to dimes. 
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and so on. It is important to keep in mind that there are no intermediate quantities 
of light energy, just as there are no seven-and-a-half-cent coins. 

Planck’s results were a surprise to the scientific community. It was now clear that 
energy can occur only in discrete quanta and, therefore, a system can transfer energy 
only in whole quanta. Planck’s observations (for example, the bell-shaped curves shown 
in Figure 14) revealed that as the temperature of an object increases, more of the larger 
quanta and fewer of the smaller quanta of energy are emitted. Also, the colour of the hght 
emitted by a hot object depends on the proportion of the quanta of different energies 
that are emitted. In this way, hght energy seems to have properties similar to particles. 

Photons 

Investigation and discovery of the photoelectric effect was critical to the development of 
quantum theory. In 1905, Albert Einstein explained the photoelectric effect by applying 
Planck’s idea of a quantum of energy (Figure 15). Einstein suggested that electromag¬ 
netic radiation could be viewed as a stream of particles called photons. A photon is a 
unit of light energy. Einstein proposed that an electron was emitted from the surface of 
the metal because a photon collided with the electron. During the coUision, the energy 
of the photon transferred to the electron. Some of the transferred energy caused the 
electron to break away from the atom, and the rest was converted to kinetic energy. To 
free an electron from the atom requires the energy from a minimum of one photon. 

An electron stays in place because of electrostatic forces. If a single electron 
absorbs a single photon with the right quantity of energy, the electron can escape 
the metal surface. If a photon does not have enough energy, no electrons can escape 
the metal no matter how many photons strike it. The kinetic energy of the ejected 
electrons depends on the frequency of the light used. When the frequency is below a 
certain level, called the threshold frequency, no electrons are ejected. 

Quantum theory has provided explanations for observations, namely, the photo¬ 
electric effect and blackbody radiation, that no other theory could explain. For this 
reason, quantum theory is one of the greatest achievements in modern science. In 
upcoming sections you will learn about other observations that only quantum theory 
has been able to explain. 



Figure 15 Albert Einstein (1879-1955) 
received a Nobel Prize in 1921 for a paper 
explaining the photoelectric effect in terms 
of quantum theory. 

photon a unit of light energy 


Research This 


The Large Hadron Collider—A Smashing Success 

Skills; Researching, Analyzing, Communicating, Defining the Issue, Defending a Decision 


The Large Hadron Collider (LHC) at CERN in Geneva, Switzerland, 
is the world’s most powerful particle accelerator (Figure 16). 
Scientists are using it to investigate how atomic and subatomic 
particles are structured. A Toroidal LHC Apparatus (ATLAS) was 
built to detect the particles and energy present after protons 
collide. Canadian scientists, including University of Alberta 
professor James Pinfold, have been working on the ATLAS 
project alongside scientists from across the globe. 

1. Research Canada’s participation in the ATLAS project. 

2. Research string theory and the grand unified theory. 

A. Briefly outline the premises of string theory and the grand 
unified theory, m 

B. An enormous amount of money has been spent on LHC and 
ATLAS projects. Do you think it is worth it? What are the 
benefits to science and society? Ba d 

C. Summarize your research and choose an appropriate, interesting 
presentation format to share what you learned, lai b d 



Figure 16 

D. Should further investments in these projects and this type of 
research continue? Explain your reasoning, ebi d 

WEB LINK 
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Summary 

• According to modern atomic theory, the atom has a small, dense nucleus 
containing protons and neutrons. Electrons reside outside the nucleus in the 
relatively large remaining atomic volume. 

• The atomic number, Z, is the number of protons in an atom’s nucleus. The mass 
number. A, is the total number of protons and neutrons in an atom’s nucleus. 

• Isotopes of an element have the same atomic number but different mass 
numbers. Radioisotopes have unstable nuclei that decay and emit radiation. 

• According to quantum theory, electromagnetic energy is not continuous; 
instead, energy exists as packets or quanta, called photons. 

Questions 


1. For each of the following atoms, identify 

(a) the number of protons and neutrons in the nucleus 

(b) the number of electrons present in the neutral 
atom for that element QID 


(i) 

^®Br 

(iv) 

^^^Cs 

(ii) 

siBr 

(v) 


(hi) 

239pu 

(vi) 

5«Fe 


2. Write the atomic symbol (|X) for each of the 
following isotopes: 019 

(a) Z = 8; number of neutrons = 9 

(b) the isotope of chlorine in which A = 37 

(c) Z = 27;A = 60 

(d) number of protons = 26; 
number of neutrons = 31 

(e) the isotope of I with a mass number of 131 

(f) Z = 3; number of neutrons = 4 

3. For each of the following ions, indicate the number 

of protons and electrons the ion contains: QQ 

(a) Ba"+ (d) Rb+ 

(b) Zn2+ (e) Co^+ 

(c) N'- (f) Te'- 

4. What is the atomic symbol of an ion with 

(a) 16 protons, 18 neutrons, and 18 electrons? 

(b) 16 protons, 16 neutrons, and 18 electrons? BIS 

5. Explain the photoelectric effect. BIS 

6. Use a series of diagrams and a few point-form notes 
to create a flow chart that summarizes the history of 
atomic theory, beginning with Dalton and ending 
with Einstein. BIS B 


7. Copy Table 3 in your notebook and complete it. BIS B 


Table 3 


Symbol 

Protons 

Neutrons 

Electrons 

Net charge 

Ifu 




0 


20 

20 


+2 


23 

28 

20 


3^ 




0 


35 

44 

36 



26 

33 


-h3 


13 

14 

10 



8 . Scientists record their experimental observations 
and conclusions in a lab book or journal. Write 

a journal entry that would reflect the results of 
Rutherford’s gold foU experiment. BIS DU B 

9. According to the latest developments in nuclear 
theory, protons and neutrons are composed of 
smaller subatomic particles called quarks. Research 
quarks and their properties (0 qq bh b 

(a) How are quarks named? 

(b) Describe the composition of a proton, and explain 
how its composition accounts for its charge. 

(c) Which Canadian scientist provided some of the 
first supporting evidence for the existence of 
quarks and received a share of the Nobel Prize? 

10. The newly updated periodic table includes pie charts 
for each element. Each pie chart represents the 
isotopes of that element found in nature, and each 
pie segment represents the abundance of that isotope 
in nature. Evaluate the usefulness of this new format 
compared to the classic table format. BIS Em B 

WEB LINK 
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Bohr’s Model of the Atom 

If you have seen a fireworks display, then you have experienced a fantastic example 
of chemistry in action. The different colours that appear in fireworks arise when 
electrons in the atoms of various chemicals become excited by absorbing electrical 
or thermal energy, and then emit that energy at various wavelengths. This seemingly 
simple explanation comes from decades of work on the structure of the atom by some 
of the world’s most talented scientists. 

Limits of the Rutherford Model of the Atom 

In the previous section you read about some of the experiments that led to the dis¬ 
covery of the electron, proton, and neutron, and to Ernest Rutherford’s model of the 
atom. The model of the atom proposed by Rutherford predicted that electrons move 
around the nucleus of the atom, much like planets orbit the Sun. This idea seemed 
reasonable because even though the Sun’s gravity pulls planets toward it, this pull is 
counteracted by the planets’ movement. It seemed reasonable that electrons orbiting 
an atomic nucleus would behave in the same way. 

However, it became apparent that there was a problem with this idea. A body that 
is moving in an orbit is constantly changing direction, and a body that is changing 
direction or speed is accelerating. Physicists had demonstrated that when a charged 
particle accelerates, it continuously produces electromagnetic radiation (emitted as 
photons). According to classical light theory, an electron travelling in an orbit emits 
energy as photons and, therefore, loses energy. If an electron loses energy as it orbits, 
it should spiral in toward the positively charged nucleus (Figure 1). Since the electron 
is negatively charged and opposite charges attract, the atom would eventually col¬ 
lapse. However, this prediction is not supported by evidence. Generally, most atoms 
are stable and do not appear to be collapsing. This suggests that, although electrons 
are constantly moving, they do not lose energy. Rutherford’s model, therefore, is not 
able to explain the stability of atoms. 

Atomic Spectra 

Spectroscopy is the scientific study of spectra (plural of spectrum) in order to deter¬ 
mine properties of the source of the spectra. Spectrometers and spectrophotometers 
measure the intensity of light at different wavelengths in similar ways. Light first passes 
through a sample, and then is dispersed by a prism or, more commonly, a diffraction 
grating. The dispersed light forms a spectrum. A detector in the instrument then scans 
the spectrum and calculates the amount of light absorbed or transmitted at each wave¬ 
length. Figure 2 shows an early spectroscope and a more modern spectrophotometer. 



Figure 2 (a) Early spectroscopes used a candle and a gas lamp as light sources and focused 
light using a prism, (b) Modern spectrophotometers have a sealed area for the sample that does 
not allow interfering light to enter the unit, and can be adjusted to allow analysis at different 
wavelengths. 



Figure 1 An electron accelerating 
around the nucleus would continuously 
emit electromagnetic radiation and lose 
energy. Therefore, it would eventually 
fall into the nucleus and the atom would 
collapse. However, this is not consistent 
with real-world observations. 

spectroscopy the analysis of spectra to 
determine properties of their source 
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emission spectrum the spectrum of 
electromagnetic radiation emitted by an 
atom; results when an atom is returned to a 
lower energy state from a higher energy state 
continuous spectrum an emission 
spectrum that contains all the wavelengths 
in a specific region of the electromagnetic 
spectrum 

line spectrum an emission spectrum 
that contains only those wavelengths 
characteristic of the element being studied 


The earliest analytical instrument invented expressly for spectroscopy was a 
spectroscope similar to the one shown in Figure 2(a). Robert Bunsen and Gustav 
Kirchhoff invented the spectroscope to use in the first spectroscopy investigations, 
which they conducted in 1859. They viewed and analyzed the spectra produced by 
emission of energy by various substances, especially elements. As with most fields of 
scientific study, advances in spectroscopy dovetailed with advances in technology. 
Investigations of light emitted from excited substances led to further developments 
in atomic theory. 

The Atomic Spectrum of the Hydrogen Atom 

The atomic spectrum of the hydrogen atom played an important role in advancing 
atomic theory. Hydrogen gas, H 2 (g), is a molecular element. When a high-energy 
spark is applied to a sample of hydrogen gas, the hydrogen molecules absorb energy, 
which breaks some of the H-H bonds. The resulting hydrogen atoms are excited: 
they contain excess energy. The excited hydrogen atoms release this excess energy by 
emitting light of various wavelengths. When this light is passed through a spectro¬ 
scope, it forms an emission spectrum. An emission spectrum is the spectrum (or pat¬ 
tern of bright lines) seen when the electromagnetic radiation of a substance is passed 
through a spectrometer. 

Two types of emission spectra can be produced, depending on the nature of the 
source. A continuous spectrum contains every wavelength in a particular region of the 
electromagenetic spectrum. For example, when white light passes through a prism, 
a continuous spectrum appears (Figure 3(a)) containing all the wavelengths of vis¬ 
ible light. In contrast, a line spectrum contains only particular wavelengths, and arises 
when excited electrons emit energy. Figure 3(b) shows the line spectrum of the 
hydrogen atom. Each coloured band corresponds to a discrete wavelength. 



Figure 3 (a) A continuous spectrum contains all wavelengths of visible light (indicated by the initial 
letters of the colours of the rainbow), (b) The line spectrum for the hydrogen atom contains only a 
few discrete wavelengths. 


Bright-Line Spectra (page 180) 

All atoms absorb and emit 
electromagnetic radiation. In this 
investigation, you will observe the 
visible spectra of various substances. 


The investigations of Bunsen, Kirchhoff, and other scientists in the late nineteenth 
century revealed that each element has its own unique line spectrum. The spectra of 
the known elements were quickly catalogued. The line spectrum is like a fingerprint 
of a specific element. If a new spectrum was found, it provided evidence of a new 
element. In fact, the elements cesium and rubidium were discovered within a year 
of the invention of spectroscopy. There are many applications of line spectra. For 
example, astronomers use line spectra to identify the composition of stars. 
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The unique line spectrum of the hydrogen atom is significant to atomic theory 
because it indicates that the electron of the hydrogen atom can exist only at discrete 
energy levels. In other words, the energy of the electron in the hydrogen atom is 
quantized. This observation is consistent with Planck’s quantum theory. The par¬ 
ticular wavelengths of light emitted by the electrons of hydrogen atoms are produced 
by changes in energy. When excited electrons in hydrogen atoms move to a lower 
energy level, they emit a photon of light. This is true of excited electrons in other 
atoms as well. 

The Bohr Model of the Atom 

Niels Bohr was a Danish physicist who studied under J.J. Thomson at Cambridge 
University in the United Kingdom (Figure 4). In 1913, Bohr used the emission spectrum 
of the hydrogen atom to develop a quantum model for the hydrogen atom. He knew 
that his model had to account for the experimental evidence provided by spectroscopy: 
that electrons could have only particular discrete energy levels. Bohr accounted for this 
data by proposing that electrons could move only in specific orbits around the nucleus. 
He assigned each orbit a specific energy level, and postulated that the energy level of an 
orbit increased with its distance from the nucleus. When an electron gained more energy 
(for example, became excited), it could move into an orbit farther from the nucleus. 
Although Bohr’s atomic model did not explain why electrons behaved this way, it was 
consistent with the observed line spectrum of the hydrogen atom. Figures 5(a) and 5(b) 
show electron transitions in the Bohr model for the hydrogen atom. Compare these to 
the line spectrum of the hydrogen atom, shown in Figure 5(c). 




Figure 5 Electron transitions in the Bohr model for the hydrogen atom. An energy-level diagram (a) 
and an orbit-transition diagram (b), each showing electron transitions in the Bohr modei for the 
hydrogen atom. Both of these account for the observed line spectrum of the hydrogen atom (c). 
The orbits are not drawn to scale. The lines in the visible region of the spectrum correspond to 
transitions from higher levels to level 2. 


To help you envision how the orbits in Bohr’s model relate to the line spectrum 
of the hydrogen atom, imagine a ball sitting on a staircase. Since the ball can only 
be positioned on a stair, it can only ever be found at specific distances from the 
ground. Applying Bohr’s theory to this analogy, the higher up the staircase the ball 
is, the more potential energy it has. If the ball moves up the staircase (that is, to a 
higher energy level), it gains potential energy. If it moves down the staircase (that 
is, to a lower energy level), it loses potential energy. The ball in Figure 6 is moving 
down the staircase, so it is losing potential energy. 



Figure 4 Niels Bohr (1885-1962) 
developed a quantum model for the 
hydrogen atom and, even though his 
model was later proved to be incorrect, 
Bohr was awarded the Nobel Prize in 
Physics in 1922. 



Figure 6 The position of the ball on 
the stairs determines its quantity of 
potential energy. 
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In the Bohr model of the atom, the electron is analogous to the ball in Figure 6 
and the orbits are analogous to the different stairs. As with the ball on the stairs, 
electrons can only be at specific positions (energy levels or orbits) in relation to 
the nucleus of the atom. In Figure 7, the radius, r^, of each orbit is analogous to 
the height of a stair from the floor in Figure 6. The electron gains or loses potential 
energy by moving from one position (orbit) to another. 


transition the movement of an electron 
from one energy level to another 


ground state the lowest energy state for 
an atom 



Na atom 

Figure 8 Electron energies for a 
neutral sodium atom, as predicted by 
the Bohr-Rutherford model. Current 
atomic theories do not support this 
arrangement of electron energies. 



Figure 7 The position of an electron relative to the nucleus of an atom determines its quantity of 
potential energy. 

The movement of an electron from one energy level to another is called a transition. 
During a transition to a higher energy level, an electron absorbs a specific quantity of 
energy, such as when it is struck by a photon. During a transition to a lower energy 
level, an electron emits a photon of a particular quantity of energy. The lowest possible 
energy state for an atom is called the ground state. There are no excited electrons in the 
ground state. 

Successes and Failures of the Bohr Model 

Recall that in a Bohr-Rutherford diagram, the numbers of protons, p^, and neu¬ 
trons, n°, are noted in the nucleus. The concentric circles represent the different 
energy levels of electrons, and each contains a specific number of electrons. In an 
attempt to be consistent with observations related to the quantization of energy 
in atoms, Bohr’s model assumes that each energy level can hold a maximum 
number of electrons. For the first 18 elements in the periodic table, the Bohr 
model predicts that the first, second, and third orbits can contain a maximum of 
2, 8, and 18 electrons, respectively, and that the lower energy levels must fill first. 
The corresponding Bohr-Rutherford diagrams are especially useful for the first 
20 elements of the periodic table, in which atoms of all the elements are arranged 
according to the number of protons and electrons in a neutral atom. Beyond the 
first 20 elements, however, Bohr-Rutherford diagrams become too cumbersome 
to be useful. 

Bohr’s model of the atom initially appeared to be very promising for under¬ 
standing the behaviour of atoms because it appeared to be consistent with observed 
chemical and physical properties. For example, the energy levels Bohr calculated 
for the electron in the hydrogen atom were very similar to values obtained from the 
hydrogen atom’s emission spectrum by spectroscopy. However, the electron energies 
predicted by Bohr’s model were not consistent with observed data for atoms with 
more than one electron (Figure 8). Scientists eventually concluded that Bohr’s model 
did not fully describe the structure of an atom. Still, the Bohr model is of great historic 
importance because it included the quantization of energy in atoms and paved the 
way for later theories. Bohr-Rutherford diagrams are so widely recognized, however, 
that it can be easy to forget that according to current theories of the atom, electrons 
do not actually orbit the nucleus. 
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Summary 

• Spectroscopy is the study of light emitted by excited sources. 

• Spectroscopy of excited gaseous elements led to the discovery of line spectra, 
which are unique to specific atoms and elements. 

• Line spectra are consistent with Planck’s quantum theory. 

• Niels Bohr proposed a model of the atom that was consistent with 
experimental observations of the line spectrum of the hydrogen atom. 

• In the Bohr model of the atom, electrons travel in circular orbits of quantized 
energy around the atomic nucleus. 

Questions 


1. Explain the main weakness with the Rutherford model 
of the atom and how Bohr addressed it. 013 

2. Describe what happens when atoms or molecules 
absorb light. I3ZS 

3. Scientists use emission spectra to confirm the 
presence of an element in materials. Explain why 
this is possible. 013 

4. Using a series of diagrams, show what happens to 
the electrons of an atom when they are excited and 
how they can produce spectra that can be viewed in 
a spectroscope. QQ D 

5. Explain why the emission spectrum of an atom or 
molecule depends on its arrangement of electrons. QIS 

6. The emission spectrum of an element is 
unique. 013 D 

(a) Explain why the emission spectrum is sometimes 
referred to as an element’s fingerprint. 

(b) Give a real-life example of how the emission 
spectrum could be used to help determine the 
nature of an unknown chemical. 

(c) Would using an emission spectrum be 
considered qualitative or quantitative analysis? 
Explain your answer. 

7. In both ground-state sodium and magnesium 
atoms, the electrons are found in the first, second, 
and third energy levels. These electrons will jump to 
higher energy levels when energy is applied, and 
then fall back down, releasing their energy and giving 
off a spectrum. Why do you think the spectra for 
sodium and magnesium are not the same? Why 
might you think they would be the same? 013 EZD 

8. (a) What is spectroscopy? 

(b) Discuss how spectroscopy was useful to the 
development of early atomic theory. 1313 

9. (a) Describe the Bohr model of the atom, including 

quantization and emission spectra. 


(b) Discuss the successes and failures of the Bohr 
model. 013 

10. Why is the work of Bohr and Rutherford on atomic 
theory sometimes referred to collectively as the 
Bohr-Rutherford model? M 

11. (a) What part of the original Bohr model still seems 

to be well supported by experimental evidence? 
(b) Identify one weakness in Bohr’s atomic theory. 1213 

12. When drawing the energy levels of an atom with one 
electron, your friend draws the diagram shown in 
Figure 9. Describe the line spectra that will be pro¬ 
duced by an atom with this arrangement of energy 
levels. Provide evidence that this is not an accurate 
representation of the energy levels in an atom. 1213 Dl 

- 5 

- 4 

- 3 

- 2 

- 1 

Figure 9 

13. Using a graphic organizer or a chart, 

(a) compare and contrast Thomson’s and Bohr’s 
models of the atom 

(b) compare and contrast Bohr’s and Rutherford’s 
models of the atom 013 B 

14. Summarize the evolution of atomic theory, starting 
with Thomson and ending with Bohr. Use a labelled 
diagram or a flow chart. (You may want to add this 
information to your answer to Question 6 in 
Section 3.1 to create a complete flow chart showing 
the development of atomic theory.) 013 B 
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The Quantum Mechanical Model 
of the Atom 


What Is Quantum Mechanics? 

Classical mechanics is the branch 
of physics that studies the motion 
of macroscopic objects. Quantum 
mechanics is the study of motion at 
the atomic levei, where the laws 
of classical mechanics do not 
apply because particles behave 
like waves. 


quantum mechanics the application of 
quantum theory to explain the properties 
of matter, particularly electrons in atoms 


Weaknesses in theories and models provide opportunities for science to improve. It is 
impossible to devise a perfect theory or model the first time around. Instead, science 
usually involves years and years of revisions and new discoveries. Science is constantly 
changing by identifying and improving on weaknesses. The success of the Bohr atomic 
model was important because it showed that electrons exist in discrete energy levels. 
Also, it explained experimental observations of line spectra in terms of quantum 
theory. But there were weaknesses in this model that other scientists identified, which 
paved the way for the complete development of the quantum model of the atom. 

By the mid-1920s, it had become apparent that the Bohr model could not explain 
and make predictions about multi-electron atoms. A new approach was needed. Three 
physicists were at the forefront of this effort: Erwin Schrodinger, Louis de Broghe, and 
Werner Heisenberg. The approach they developed to explain properties of matter is called 
wave mechanics or, more commonly, quantum mechanics. # career link 


Schrodinger’s Standing Wave 


Louis de Broglie, a Lrench physicist, originated the idea that the electron, previously 
considered just a particle, has wave properties. Pursuing this line of reasoning, Erwin 
Schrodinger, an Austrian physicist, decided to approach the problem of atomic 
structure by focusing on the wave properties of the electron. To Schrodinger and 
de Broglie, an electron bound to a nucleus in an atom resembled a standing wave, so 
they began research on a description of the atom based on wave behaviour instead 
of particle behaviour. 

The strings on instruments such as guitars and violins are attached at both ends. 
When you pluck the string, it vibrates and produces a musical tone. The waves pro¬ 
duced by the plucking are standing waves. They are called “standing” because they 
appear to be stationary. The motions of the string are a combination of simple waves of 
the type shown in Figure 1. 



1 half-wavelength 3 half-wavelengths 


Figure 1 The standing waves caused by the vibration of a guitar string fastened at both ends. Each 
black dot represents a node (a point of zero displacement), which never moves. 

The black dots in Figure 1 represent the nodes, or points, of zero lateral (sideways) 
displacement for a given wave. Between two nodes, at the point where the amplitude 
of the wave is at its maximum, is the antinode. Note that there are limitations on the 
allowed wavelengths of the standing wave. Each end of the string is fixed, so there is 
always a node at each end. This means that there must be a whole number of half¬ 
wavelengths in any of the allowed motions of the string. 
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Figure 2 shows how standing waves can be produced by a wave generator. 



Figure 2 This wave generator is set to produce standing waves that are two half-waveiengths 
(one waveiength) iong. 


Mini Investigation 


Modelling Standing Electron Waves 

Skills: Performing, Observing, Analyzing, Evaluating, Communicating handbook ' 

Schrddinger’s standing waves can be simulated with a mechanical model. A mechanical 
oscillator causes a loop of wire to vibrate at varying frequencies. Creating vibrations at one 
point along the wire causes waves throughout the remainder of the wire. This activity is 
like holding the edge of a stretched Slinky and moving it up and down to produce waves 
along it. When waves return toward the original direction, they encounter other waves: If 
they meet constructively, there will be an increase in amplitude. If they meet destructively, 
there will be a decrease in amplitude. Standing waves result in stationary nodes (no amplitude) 
and antinodes (at maximum amplitude). 

Equipment and Materials: oscillator; stand; loop of wire O 

© When unplugging the oscillator, pull on the plug, not the cord. 

Ask your teacher to check the attachment of the wire to the oscillator. 

1. Position the oscillator on a laboratory stand. Attach the wire. Position the wire so that 
its loop is horizontal. 

2. Turn the frequency as low as it will go. Plug in the oscillator, then turn it on. 

3. Increase the frequency a little. Observe the changes in the waves on the wire. 

4. Increase the frequency setting slowly until you can no longer see the nodes and 
antinodes. 

5. Decrease the frequency slowly to the starting point. Observe the simulation in 
reverse order. 

6. Repeat this procedure as necessary. 

A. Describe what the nodes and antinodes look like, qq m 

B. Do all frequencies result in standing wave patterns? Explain, qq esi 

C. List the number of nodes and antinodes you were able to observe, qq ebi 

D. How do the waves produced by the oscillator compare with waves in an atom? What 
are some limitations of the standing wave model of the atom? qq EZi d 
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orbital the region around the nucleus 
where an electron has a high probability of 
being found 


Heisenberg’s uncertainty principle the 

idea that it is impossible to know the exact 
position and speed of an electron at a 
given time 


Schrodinger and de Broglie took the idea of standing waves and applied it to 
the electron in a hydrogen atom. In their model, the electron is a circular standing 
wave around the nucleus (Figure 3). This circular standing wave consists of 
wavelengths that are multiples of whole numbers (n = 1, 2, 3, 4,...). Only certain 
circular orbits have a circumference into which a whole number of wavelengths 
can fit. 

Any other orbits of the standing electron wave are not allowed because they would 
cause the standing wave to cancel out or collapse, that is, undergo destructive inter¬ 
ference (Figure 3(c)). This model seemed like a possible explanation for the observed 
quantization of the hydrogen atom; the whole-number multiples of wavelengths 
correspond to multiples of fixed quanta of energy that the electron can have in the 
hydrogen atom. However, the new question that this model raised was this: where is 
the electron located in the hydrogen atom? 



Figure 3 The hydrogen electron visualized as a standing wave around the nucleus. In (a) and (b), 
the circumference of a particular circular orbit corresponds to a whole number of wavelengths, (c) 
Otherwise, destructive interference occurs. This model is consistent with the idea that only certain 
electron energies are allowed, because the atom is quantized. Although this idea encouraged 
scientists to use a wave theory, it does not mean that the electron travels in circular orbits around 
the nucleus. 


Orbitals and Probability Distributions 

Schrodinger s work on quantum mechanics led to his development of a mathematical 
equation, called the Schrodinger wave equation, that could be used to calculate elec¬ 
tron energy levels. If an electron has a definable energy, then it can be localized in 
an orbital, which is the region around the nucleus where there is a high probability of 
finding an electron. But how can you locate something as small as an electron? 

Werner Heisenberg, who studied with Bohr, came up with a statistical approach 
for locating electrons. To measure the location and speed of an object, you must be 
able to observe it. Life-sized objects are easy to locate because you can see them. 
You can determine both the speed and the location of a moving car using a radar 
gun and a GPS unit. For atomic-sized particles and smaller, any attempt to probe 
them changes their position, direction of travel, or both. This idea formed the basis 
of Heisenbergs uncertainty principle. Heisenberg demonstrated using mathematics 
that there are limits to knowing both where a subatomic particle is and its speed at a 
given time. According to Heisenberg’s uncertainty principle, it is therefore impossible to 
simultaneously know the exact position and speed of an electron. The best we can do 
is to describe the probability of finding an electron in a specific location. 

An electron orbital is analogous to students at school moving from classroom to 
classroom during a scheduled break. The students are like electrons, the school is like 
the atom, and the classrooms are like orbitals. Someone who does not know a stu¬ 
dent’s exact schedule may be able to determine the probability of that student being 
in a particular classroom at a particular time, but it is not certain. Another analogy 
with more appropriate relative sizes is a bee in a closed stadium. You know that the 
bee is inside the stadium, and you can reason that it will most likely be near its nest. 
However, you cannot pinpoint its exact location. 
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A wave function is a mathematical description of an orbital in an atom where an 
electron of a certain energy is likely to be found. Note that an orbital is not a Bohr 
orbit—the electron is not moving around the nucleus in a circle. How, then, is the 
electron moving? The answer is surprising: we do not know. The wave function gives 
no information about the detailed pathway of the electron. This idea is somewhat dis¬ 
turbing. When we solve problems involving the motions of objects in the macroscopic 
world, we are able to predict their pathways. For example, when 2 billiard balls with 
known velocities collide, we can predict their motions after the collision. However, 
we cannot predict the electrons motion. It is a mystery what electrons do in the atom. 
Quantum mechanics does not describe how an electron moves or even if it moves. It 
only tells us the statistical probability of finding the electron in a given location in an 
atom. The area or region where we are likely to find an electron is an orbital. 

Using wave functions, physicists have created a three-dimensional electron 
probability density, which is a plot that indicates regions around the nucleus with 
the greatest probability of finding an electron. The electron probability density 
plot for a hydrogen electron in the ground state (lowest energy state) is spherical and 
is called the Is orbital (Figure 4(a)). The greatest probability of finding the electron 
occurs at a distance from the nucleus (Figure 4(b)). This distance is the same 
as the distance Bohr calculated for the radius of the first circular orbit of hydrogens 
electron. 



Figure 4 (a) The probability distribution for the hydrogen 1 s orbital in three-dimensional space. 

(b) The radial probability distribution is a plot of the total probability of finding the electron as a 
function of distance from the nucleus. 

Figure 5 illustrates different electron orbitals, or clouds. The electron can jump 
to any of these orbitals if it absorbs sufficient quanta of energy. Furthermore, 
these orbitals overlap, rather than being distinct levels as in the Bohr model. You 
will learn more about electron orbitals in the next sections. # web link 



Figure 5 The electron probability density of various orbitals 


wave function the mathematical 
probability of finding an electron In 
a certain region of space 


electron probability density the 

probability of finding an electron at a given 
location, derived from wave equations and 
used to determine the shapes of orbitals; 
also called electron probability distribution 



Orbitals versus Orbits 

The table below outlines the main 
differences between orbitals and orbits. 


Orbitals 

Orbits 

2 electrons 

2/7^ electrons 

three 

dimensions 

two 

dimensions 

distance from 
nucleus varies 

distance from 
nucleus is 
fixed 

no set path 

path is 
elliptical or 
circular 


The two main ideas of the quantum mechanical model of the atom are that electrons 
can be in different orbitals by absorbing or emitting quanta of energy, and that the 
location of electrons is given by a probability distribution. The quantum mechanical 
model is a radical departure from earlier atomic models because it is based on uncer¬ 
tainty—the uncertainty of an electrons location within the atom. According to this 
model, the structure of a tiny atom is much more complex than anyone would have 
thought possible, as you will see in the next section. 


quantum mechanical model a model 
for the atom based on quantum theory 
and the calculation of probabilities for the 
location of electrons 
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Summary 

• Louis de Broglie originated the idea that the electron has both particle 
and wave properties. 

• The quantum (wave) mechanical model describes an electron as a standing wave. 

• The electron can occupy a series of orbitals. Each orbital has a prescribed 
possible energy value and spatial distribution. 

• The exact position of the electron and how it is moving can never both be 
known. This is consistent with Heisenbergs uncertainty principle, which states 
that it is impossible to know both the position and the speed of a particle 
simultaneously. 

• Orbitals are described as probability distributions and depicted as electron 
density plots. 

• In the ground state, the single electron in a hydrogen atom resides in a 
low-energy orbital. 

• The two main ideas of the quantum mechanical model of the atom are that 
electrons can move between orbitals by absorbing or emitting quanta of 
energy, and that the location of electrons is given by a probability distribution. 

Questions 


1. Define the following terms and provide an 
expanded description: QQ 

(a) orbital 

(b) electron probability density 

(c) quantum mechanics 

(d) wave function 

(e) quantum mechanical model 

(f) Heisenbergs uncertainty principle 

2. (a) Draw a concept map illustrating the important 

aspects of the quantum mechanical model of the 
atom. Include a brief description of each point. 
Include the terms “wave function,” “orbital,” 
“probability density,” and “uncertainty principle.” 
(b) Expand on your concept map from (a) by 
including the contributions by Planck, Bohr, 
de Broglie, Schrodinger, and Heisenberg. QQIB 

3. Explain how an electron orbital is not the same as 
an orbit. QID 

4. What information about the electron cannot be 
determined from quantum mechanics? BIS D 

5. Explain the value of scientists working together 
and sharing information. How do you think this 
networking has contributed to current knowledge 
and understanding of major scientific principles? 

nil WM 

6. Heisenberg, de Broglie, and Schrodinger were all 
theoretical physicists. Explain why their work is studied 
in such detail in a chemistry course. BIS Ba D 


7. Science is divided into the arbitrary groups of 
biology, chemistry, and physics. BIS E211D 

(a) Why do you think science has been so divided? 

(b) This section highlights one area where physics 
and chemistry overlap. Identify three more 
areas where the different groups overlap. 

(c) Do you think it makes sense to divide up science 
into these groups? Explain your reasoning. 

8. When most people visualize an atom, they use the 
Bohr-Rutherford model. BIS EH D 

(a) Why do you think this is? 

(b) Do you think it is important for most people 
to understand exactly how the atom functions? 
Explain your reasoning. 

9. Dr. Richard Bader and his research group at 
McMaster University, Hamilton, are well known 
for their work on the structure of chemical entities. 
Research Bader, and determine the nature of his 
groups work. Prepare a brief, general description of 
how it relates to quantum mechanics. BIS EBl D 

10. Research Schrodinger s wave equation, and identify the 
different mathematical symbols in it. (0* BIS EH 

11. Research the thought experiment called 
Schrodinger s cat. What does this thought 
experiment tell us about the quantum mechanical 
model of the atom? (i|)' BIS EH D 

WEB LINK 
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Quantum Numbers 

Mathematical equations are the language of scientists as they try to model natural 
phenomena. Schrodingers wave equation is a very complex equation. It describes 
the quantized energies of the electron in an atom as well as wave functions that 
determine the probability of finding electrons in various regions in an atom. In this 
section, you will explore the results of Schrodingers equations. 


The Four Quantum Numbers 


Solutions to Schrodinger s equation for the hydrogen atom give many wave functions 
that describe various types of orbitals. Each of these types of orbitals has a set of four 
numbers called quantum numbers, which describe various properties of the orbital. 
These numbers are like addresses for locating the position of an electron by its city, 
street, number, and apartment number. In this subsection, you will learn about the 
four quantum numbers and what each quantum number represents. 


quantum numbers numbers that 
describe the quantum mechanical 
properties of orbitals; from the solutions to 
Schrddinger’s wave equation 


The Principal Quantum Number (n) 

Energy levels in an atom are sometimes called shells. Bohr devised this numbering 
system and called the shell number the principal quantum number. The principal 
quantum number (n) is the quantum number that describes the size and energy of an 
atomic orbital. It has whole-number values (1, 2, 3, and so on). It is important to 
note that the spaces between atomic shells are not equal (Figure 1). As n increases, 
the energy required for an electron to occupy that orbital increases. Each successive 
orbital is larger, meaning that an electron occupying that orbit spends more time 
farther from the nucleus. This also means that electrons with higher energy are less 
tightly bound to the nucleus. 


shell an atom’s main energy level, where 
the shell number is given by the principai 
quantum number, n = 1, 2,3,... 
principal quantum number (n) the 
quantum number that describes the size 
and energy of an atomic orbitai 


n = 
n = 

n = 

n = 


n = 


5 

4 

3 

2 


Figure 1 The principal quantum number, n, represents the position of an electron in an atom. If 
an electron moves from a higher shell, such as /? = 5, to a lower shell, such as r? = 1, the energy 
difference between the shells is released as a photon. 


Recall that Bohr took up the challenge of explaining the line spectrum of the 
hydrogen atom. Bohr’s success led other scientists to pursue the investigation of 
line spectra in detail because there were observations that still required explanation. 
In 1891, Albert Michelson discovered that the distinct lines in the hydrogen atom’s 
spectrum actually consisted of many smaller lines. These smaller lines were difficult 
to see and were unexplained for many years. In 1915, a German physicist, Arnold 
Sommerfeld, studied the hydrogen atom’s spectrum in detail. To explain the extra 
lines, Sommerfeld proposed the secondary quantum number as a way to describe 
electron energy sublevels, or subshells. 


subshells orbitals of different shapes 
and energies, as given by the secondary 
quantum number; often referred to as s, 
A £/, and f 
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secondary quantum number (/) the 

quantum number that describes the shape 
and energy of an atomic orbital, with 
whole-number values from 0 to /? -1 for 
each value of n 


magnetic quantum number (/n,) the 

quantum number that describes the 
orientation of an atomic orbital in space 
relative to the other orbitals in the atom, 
with whole-number values between 
-I-/and -/, including 0 


Subshells are part of the primary energy level. If an energy level is described as a 
staircase, one regular step actually represents a group of several smaller energy steps 
(Figure 2). 



energy-level energy 

diagram “staircase” 

Figure 2 Sommerfeld’s atomic model includes multiple energy levels within shells, called subshells, 
except when n = 1. 


The Secondary Quantum Number (/) 

The secondary quantum number (/) describes the shape of an atomic orbital. It has 
whole-number values from 0 to n — 1 for each value of n. This quantum number also 
describes the energy of atomic orbitals. When n = 1,1 = 0. When n = 3, Z = 0,1, and 
2. The numbers used to describe I are usually replaced by letters to avoid confusion 
with n. These letters are given in Table 1. 


Table 1 Secondary Quantum Numbers and Corresponding Letters Used to Designate Atomic Orbitals 


Value of / 

0 

1 

2 

3 

4 

Letter used 

s 

P 

d 

f 

9 

Name 

sharp 

principal 

diffuse 

fundamental 



In other words, at an energy level of n = 1, only an s orbital exists. However, at the 
third energy level (n = 3), there can be s, p, and d orbitals. Each of these orbital types is 
a subshell. Higher-energy subshell symbols follow the alphabet (^, h, i), but no stable 
element in its ground state has electrons in subshells higher than f. This system of 
using letters to identify the various subshells arises from early spectral studies. 

Compared to different values of n, different values of / represent smaller differ¬ 
ences in the amount of energy an electron requires to occupy any of the orbitals. 

The Magnetic Quantum Number (/t7/) 

The magnetic quantum number (m,) is the quantum number that describes the orien¬ 
tation of an atomic orbital in space relative to the other orbitals in the atom. It has 
whole-number values between +l and —I, including 0. The value of m/ is related to 
the orientation of an orbital in space relative to the other orbitals in the atom. The 
number of different values that m/ can have equals the number of orbitals that are 
possible. 
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For example, when 1=1, there are three possible orbitals: +1,0, and — 1 (Table 2). 
These three types of orbital are all p orbitals, but they differ from each other by their 
orientation in space. Think about an xyz coordinate system (Figure 3). 


Table 2 Quantum Numbers for the First Four Levels of Orbitals of Hydrogen 


n 

/ 

Sublevel 

designation 

m. 

Number of 
orbitals 

Number of 
electrons in 
each energy 
level (2n^) 

1 

0 

Is 

0 

1 

2 

2 

0 

2s 

0 

1 

8 


1 

2p 

-1,0,1 

3 

3 

0 

3S 

0 

1 

18 


1 

3P 

-1,0,1 

3 


2 

3d 

-2,-1,0,1,2 

5 

4 

0 

4s 

0 

1 

32 


1 

4p 

-1,0,1 

3 


2 

4d 

-2, -1,0,1,2 

5 


3 

Af 

-3, -2, -1,0,1,2,3 

7 


Figure 4 shows the relative energies of the s, p, and d orbitals in their respective 
energy levels. 



Figure 3 The magnetic quantum number 
describes an orbital’s orientation in three- 
dimensional space. 



Figure 4 The energies of orbitals relative to each other. The farther the orbitals are from the 
nucleus, the closer together they are, and the subshells “overlap.” 
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(a) 


Shapes and Orientations of Orbitals 

You have read that orbitals represent electron probability distributions and that each 
orbital has a unique probability distribution, shape, and orientation. Note that the 2s 
and 3s orbitals contain areas of high probability separated by areas of zero probability 
(Figure 5(a), top). These areas of zero probability are called nodes. For simplicity, you 
can think of s orbitals in terms of their overall spherical shape, which becomes larger 
as the value of n increases. Figure 5(a), bottom, illustrates the characteristic spherical 
shape of each of the s orbitals. 




z z 



Py 


Pz 



z z z z 



dy, d,y d,2_y2 d,2 


Figure 5 (a) In these representations of the hydrogen 1 s, 2s, and 3s orbitals, the nodes are the 
areas of zero probability. The top diagram is a cross section of the electron probability distribution; 
the nodes are spherical, too. Bottom: the surface contains 90 % of the total electron probability (the 
size of the orbital, by definition), (b) Shapes and orientations of s, p, and d orbitals 


Simulation of Electron Orbitals 
(page 181) 

You have learned about the first three 
quantum numbers related to the model 
of the atom. This observational study 
will give you an opportunity to use the 
numbers to simulate electron orbitals. 


The p orbitals are not spherical like s orbitals, but have two lobes separated by a 
node at the nucleus (Figure 5(b)). The p orbitals can exist in any of the three dimen¬ 
sions and are labelled using the xyz coordinate system along which the lobes lie. For 
example, the 2p orbital with its lobes centred along the x-axis is the 2p^ orbital. 

Figure 6 shows how the 2p^ orbital is identified using the first three quantum numbers. 
n value (shell) 

i 

2p, 

nil value (orientation in space) 

/value (subshell) 

Figure 6 

The 3p orbitals have the same boundary surface shapes shown in Figure 5(b), 
except that they are larger because the value of n is greater. 

The d orbitals (/ = 2) first occur in level n = 3. The five 3d orbitals have the shapes 
shown in Figure 5(b). Four of the orbitals (d^^, dy^, and d^_y) have four lobes 
centred in the plane indicated in the orbital label. Note that d^y and d^_y are both 
centred in the xy plane, but the lobes of d^_^ lie along the x- and y-axes, whereas 
the lobes of d^,.^ lie between the axes. The fifth orbital, d^, has a unique shape with 
two lobes along the z-axis and a belt centred in the xy plane. The d orbitals for levels 
n> 3 look like the 3d orbitals but have larger lobes. 
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The Spin Quantum Number (mj 

Samuel Goudsmit and George Uhlenbeck, graduate students at the University of Leiden 
in the Netherlands, found that a fourth quantum number (in addition to n, I, and m/) 
was necessary to account for the details of the emission spectra of atoms. The spectral 
data indicated that the atom has a magnetic property, called a magnetic moment, when 
the atom is placed in an external magnetic field. The magnetic moment of an atom 
has two orientations. Since they knew from classical physics that a spinning charge 
produces a magnetic moment, it seemed reasonable to assume that the electron could 
have two oppositely directed “spin states” (Figure 7). The new quantum number related 
to the spin of an electron, called the electron spin quantum number (/nj, can have one of 
two values: +| and — These two values mean that the electron can spin in one of two 
opposite directions, although other interpretations have been suggested. 


Research This 


Magnetic Fields and Sunspots 

Skills: Researching, Analyzing, Communicating, Identifying Alternatives handbook ' _ - *5.1 


Sunspots are temporary dark spots on the surface of the Sun. They are areas of intense 
magnetic activity at a reduced temperature. Solar activity and sunspot cycles are important 
factors in forecasting space weather, which can affect satellite communications. 

Energy levels in atoms, transitions between energy levels, and associated spectral 
lines of energy levels are assumed not to be under the Influence of any magnetic field. 
However, when a magnetic force is present, the energy levels split into sublevels, and 
so do the spectral lines. This splitting is called the Zeeman effect. The idea of magnetic 
quantum numbers was developed to explain the Zeeman effect. 

The Zeeman effect is a way to identify, explain, and measure characteristics of sunspots. 
Since the distance between the spectral lines produced by the split energy sublevels is 
proportional to the strength of the magnetic field, scientists can use the Zeeman effect to 
measure the magnetic fields of the Sun and other stars. 

1. Research sunspots and their spectrographs. Find an image of a sunspot and its 
associated spectrograph. 

2. Determine what the spectrograph shows and how it relates to the sunspot. 

3. Research how scientists use this information and why it is important. 

A. Summarize your research. Provide an image, and describe your sunspot and 
spectrograph, bd 


. What else do you think this technology could be used for? Are there any examples of 
this application? bd 


The Pauli Exclusion Principle 

The Austrian physicist Wolfgang Pauli (1900-1958) formulated an important prin¬ 
ciple, the Pauli exclusion principle, which states the following: 

Pauli Exclusion Principle 

In a given atom, no two electrons can have the same set of four quantum numbers (n, /, m,, 
and ffls). 

Since electrons in the same orbital have the same values of n, I, and m/, the Pauli 
exclusion principle implies that they must have different spin quantum numbers, m^. 
Since only two values of are allowed, an orbital can hold only two electrons, which 
must have opposite spins. This principle will have important implications when you 
apply the quantum mechanical atomic model to account for electron arrangements 
of the atoms in the periodic table. 


N S 



S N 

Figure 7 (a) By spinning in one 
direction, the electron produces a 
magnetic field oriented toward north. 

(b) By spinning in the opposite direction, 
the electron produces a magnetic field 
in the opposite orientation. 

spin quantum number {m^) the quantum 
number that relates to the spin of the 
electron; limited to or 


Pauli exclusion principle the principle 
that no two electrons in the same atom 
can be in the same quantum state 


UNIT TASK BOOKMARK 


Refer to the Pauli exclusion principle as 
you work on the Unit Task on page 268. 
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Tutorial 1 Working with Quantum Numbers 


By working with the quantum numbers in this Tutorial, you wiii better understand the 
ruies that govern their use. 

Sample Problem 1: Solving the Secondary Quantum Number 

For principal quantum number n= 5, determine the value(s) of the secondary quantum 

number, /, and the types of orbitals in each case. 

Solution 

For n = 5, the allowed values of / are 0 to /7 - 1, or 0,1,2, 3, and 4. The types of orbitals 
in each case are shown in Table 3. 

Table 3 


/=0 

/= 1 

1=2 

1=3 

/= 4 

5s 

5p 

5d 

5f 



Sample Problem 2: Solving the Magnetic Quantum Number 

How many possible values of m, are there for / = 0,1, 2, and 3? What pattern do you 

notice in these numbers? 

Solution 

The principal quantum number, n, determines the values of the secondary quantum number, 
/, which in turn determines the possible values of the magnetic quantum number, m,. 

The magnetic quantum number m, is equal to whole numbers from / to -/. 

For / = 0,1,2, and 3, the values of m, are shown in Table 4. 


Table 4 


/ 

nil 

0 

0 

1 

1,0,-1 

2 

2,1,0, -1, -2 

3 

3, 2,1,0,-1,-2,-3 


Practice 

1. For /7 = 7, what are the possible values for the quantum numbers / and m,? E 
[ans: / = 0 to 6; m, = 6 to -6] 

2. Identify which of the following orbital designations do not exist: 1s, fp. Id, Zf, 

[ans: Ip, 3f, 2d] # CAREER LINK 
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Review 

Summary 

• Four quantum numbers, n, I, nti, and m^, define the electrons position in the 
atom. 

• The principal quantum number, n, represents the main energy levels, or shells, 
the electrons can occupy in an atom and has whole-numher values 1, 2, 3,.... 

• The secondary quantum number, I, represents subshells, gives the shape of the 
orbital, has values 0 to n — 1, and letters spdf. 

• The magnetic quantum number, m;, represents the orientations of the 
subshells and has values —I to +1. 

• The spin quantum number, m^, represents electron spin and has a value of 
either +| or 

• The Pauli exclusion principle states that no two electrons in an atom can have 
the same set of four quantum numbers {n, I, rrii, mj. 



Questions 


1. What are quantum numbers? Create a chart 
showing the information you can obtain from the 
quantum numbers n, I, and m/. QID D 

2. Suggest an analogy not mentioned in this section 
to help explain the four quantum numbers. Share it 
with a classmate and get his or her feedback. Revise 
your analogy if necessary, oig bo a d 

3. How do 2p orbitals differ from each other? How do 
2p and 3p orbitals differ from each other? BIS 

4. Draw a sketch to compare the following orbitals. 

In a few words, highlight the similarities and 
differences. BtSD 

(a) Is and 3s 

(b) 2p^ and 3py 

(c) 2s and 2p^ 

5. What are the possible values for the quantum numbers 
n, I, and m, in the first three shells? bzs BO D 

6. List all the possible quantum numbers for an 
electron in the 

(a) 2s orbital 

(b) 6s orbital 

(c) 5/orbital BISBOD 

7. Which of the following orbital designations do not 
exist? Explain your answer. BO ESI 


(a) 

Id 

(b) 

Op 

(c) 


(d) 

5s 

(e) 

2/ 


8. Which of the following sets of quantum numbers 
are not allowed? For each set that is not allowed. 


explain why it 

is not allowed, bb EZID 

(a) n = 3,l = 

2, m; = 2 

(b) n = 4,1 = 

3, m, = 4 

(c) n = 0,l = 

0, m/ = 0 

id) n = 2,1 = 

-1, m; = 1 

(e) n = l,l = 

1, m/ = 2 


9. Which of the following sets of quantum numbers 
are not allowed? For each set that is not allowed. 


explain why it 

is not allowed. BB EB 

(a) n 

= 3,1 = 

3, m; = 

0, m, = 

(b) n 

= 4,1 = 

3, m/ = 

2, = —2 

(c) n 

= 4,1 = 

1, m,= 

l,m,= +\ 

(d) n 

= 2,1 = 

1, nti = 

-1, m, = -1 

(e) n 

= 5,1 = 

-4, nil ~- 

= 2,m,= +■. 

(f) n 

= 3,1 = 

1, nil ~ 

2, m, = 


10. Science looks for ways to explain what is observed; 
theoretical knowledge forms the basis of these 
explanations. Explain the fourth quantum number. 
Why was it needed? BB BD D 

11. The second energy shell {n = 2) in an atom 
can hold no more than 8 electrons. Explain this 
limitation. BB 

12. Every electron requires four unique quantum 
numbers. How many different sets of these numbers 
are there forn = 1 and n = 2? bb BO D 
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Atomic Structure 
and the Periodic Tabie 


As the study of chemistry progressed from the seventeenth through the nineteenth 
centuries, it became evident to scientists that Earth is composed of a great many ele¬ 
ments, each with very different properties. Scientists realized that the structure of 
matter is much more complicated than the simple model of earth, air, fire, and water 
suggested by ancient philosophers. As more elements were separated and identified, 
chemists learned more about their properties. Gradually, chemists began to notice 
patterns in the properties of elements. 




Use the information in this section as 
you work on the Unit Task on page 268. 


The Periodic Table 

Have you ever wondered why elements in the periodic table are arranged the way 
they are? (Refer to the periodic table in Appendix Bl). The elements of the periodic 
table are arranged according to the way electrons arrange themselves around the 
nuclei of atoms. Electron arrangement determines the chemical behaviour of every 
element. After reading this section, you will be able to look at the position of an ele¬ 
ment in the periodic table and predict its electron arrangement. You will also be able 
to apply the quantum mechanical model of the atom to explain the periodicity of 
chemical properties. 

Understanding how electrons are arranged in atoms has allowed engineers to make 
new products and develop new technologies. For example, lithium (Figure 1(a)) is 
a very reactive element found in Group 1 of the periodic table. Lithiums reactivity 
is due to the arrangement of its electrons and their location relative to the nucleus. 
When lithium is exposed to water, it reacts noticeably (Figure 1(b)). Scientists have 
learned to maximize the potential of lithium by using it in batteries for cellphones, 
MP3 players, laptop computers, radios, cameras, pacemakers, hybrid and electric cars, 
and many other devices (Figure 1(c)). 




Figure 1 (a) The lithium atom is reactive, (b) Lithium reacts readily with water, (c) Lithium is used 
in many batteries because of its reactivity. 


Multi-electronic Atoms 

The Bohr-Rutherford model of the atom provides only a limited explanation of how 
electrons are configured in the atom. Bohr-Rutherford diagrams are useful for the 
first 20 elements, up to calcium. The quantum mechanical atomic model, with its four 
quantum numbers, not only describes all atoms in the periodic table, but also allows 
us to make theoretical predictions about atoms and their chemical properties. 

To see how the quantum mechanical model applies to multi-electronic atoms 
(atoms with more than 1 electron), consider helium, which has 2 protons in its 
nucleus and 2 electrons in the Is orbital. 
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Three energy contributions must be considered in the description of the helium 
atom: ( 1 ) the kinetic energy of the electrons as they move about the nucleus, ( 2 ) the 
potential energy of attraction between the nucleus and the electrons, and (3) the poten¬ 
tial energy of repulsion between the 2 electrons. Even though the helium atom can be 
described in terms of the quantum mechanical model, the Schrodinger wave equa¬ 
tion cannot be solved because the repulsions between electrons cannot be calculated 
exactly. This problem is called the electron correlation problem. 

The electron correlation problem occurs with all multi-electronic atoms. To treat 
these systems using the quantum mechanical model, it is necessary to make approxima¬ 
tions. The most common approximation is to treat each electron as if it were moving in 
a field of charge that is the net result of the nuclear attraction and the average repulsions 
of aU the other electrons. For example, a sodium atom has 11 electrons: 10 electrons in 
the first and second energy shells and 1 electron in the third shell (Figure 2). Now con¬ 
sider the single outermost electron and the forces acting on it. The outermost electron 
is attracted to the positively charged nucleus, but it is also repelled by the 10 electrons 
in the first and second energy shells. The net effect is that the outer electron is not 
bound to the nucleus as tightly as it would be if the other electrons were not present. 
In essence, it is screened, or shielded, from the nuclear charge by the repulsions of the 
other electrons. 

The orbitals of multi-electronic atoms have the same general shapes as the orbitals for 
hydrogen, but their sizes and energy values are different. These differences occur because 
of the interplay between nuclear attraction and the repulsions from other electrons. 

One important difference between multi-electronic atoms and the hydrogen atom 
is that, for hydrogen, all the orbitals of a given principal quantum level (shell) have 
the same energy. For example, in a hydrogen atom, electrons in the 2s and 2p orbitals 
possess the same energy. In multi-electronic atoms, for a given principal quantum 
level, n, the energies of electrons in the different orbitals vary as follows: 

E„s < E„p < < E„f 

In other words, electrons in a particular quantum shell fill orbitals in order of 
increasing energy: s, p, d, and then/. The reason for this has to do with the prob¬ 
ability distributions of these orbitals. For example, notice in Figure 3 that an elec¬ 
tron in a 2p orbital has its maximum probability closer to the nucleus than does 
an electron in the 2s orbital. You might predict that a 2p orbital electron has lower 
energy than a 2s orbital electron. However, notice the small increase in electron 
density that occurs in the 2s orbital very near the nucleus. This means that for a 
small but very significant time, the 2 s electron is closer to the nucleus than the 2p 
electron. This effect, called “penetration,” causes an electron of a 2s orbital to be 
attracted to the nucleus more strongly than an electron of a 2p orbital. To summa¬ 
rize, electrons in the 2 s orbital possess less energy than electrons in the 2p orbital 
of a multi-electronic atom. The probability distributions can also be represented by 
the probability profiles in Figure 4. 


(a) 2s 

Figure 4 The probability profiles of (a) the 2s orbital and (b) the 2p orbital 

The same rule applies to the other principal quantum levels. The relative energies 
of the electrons in the « = 3 orbitals are < E^p < £ 3 ^. In general, the more effec¬ 
tively electrons of an orbital penetrate the shielding electrons, the lower the energy of 
the electrons in that orbital. 




Figure 2 Sodium has 11 electrons and 
11 protons. 



Distance from nucleus 


Figure 3 The probability profile of 
2s orbital electrons and 2p orbital 
electrons 
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The relative energies of the orbitals of the various sublevels are shown in Figure 5. 


electron configuration the location and 
number of electrons in the electron energy 
levels of an atom 

aufbau principle the theory that an atom 
is “built up” by the addition of electrons, 
which fili orbitals starting at the lowest 
available energy orbital before filling 
higher energy orbitals (for example, 

1 s before 2s) 



Figure 6 An aufbau diagram shows 
how electrons are added to each orbital, 
beginning with the 1 s orbital (bottom left), 
until no electrons remain (top right). 


6s 

32e- • 


18e-# 


6p 

99 ^ 


5p 

999 


4p 

999 


3p 

999 


2p 

999 


4of 

99999 


Figure 5 Relative energies of electron orbitals. Each orbital (dot) can contain up to 2 electrons. 


The Aufbau Principle 

and Writing Electron Configurations 

You can apply the quantum mechanical model to show how the electron arrange¬ 
ments in atoms in the ground state account for the organization of the periodic table. 
The location and number of electrons in the energy levels of an atom or ion is called 

electron configuration. 

As you move across a row of the periodic table from left to right, atoms are 
arranged in order of increasing atomic number (proton number). Note that, in a 
neutral atom, the atomic number is also equal to the number of electrons. The result 
is that, as you move across the periodic table from left to right, the electron number 
of the elements also increases. The electron configuration of an atom can be deter¬ 
mined using the aufbau principle, which hypothesizes that an atom is “built up” by 
progressively adding electrons. Furthermore, it states that as electrons are added, 
they assume their most stable condition (energy orbital) by filling the lowest available 
energy orbitals before filling higher energy orbitals. Figure 6 shows how an aufbau 
diagram can be used as a tool for determining the electron configuration of an atom. 
The word aufbau is German for “building up.” 


162 Chapter 3 • Atoms 






energy-level diagram (orbital diagram) a 

diagram that represents the relative energies 
of the electrons in an atom 

2s 

□ 

Is 

H: 1s^ □ 

The next element, helium, has 2 electrons. According to the Pauli exclusion prin¬ 
ciple, since 2 electrons with opposite spins can occupy an orbital, the electrons in helium 
are in the Is orbital with opposite spins. Helium therefore has a Is^ configuration: 

2p 


2s 

□ 

Is 

He:1s^ 

The atom of the element lithium has 3 electrons, 2 of which can go into the Is 
orbital, which is now full. The third electron occupies the next lowest energy orbital 
(n = 2), the 2s orbital, so lithium has a ls^2s^ configuration: 

2p 


2s 

m 


The aufbau principle can be demonstrated by examining the electron configura¬ 
tion of the elements, moving from left to right along the periodic table. The following 
examples illustrate this. The hydrogen atom has 1 electron, which occupies the Is 
orbital in its ground state. The electron configuration for hydrogen is written as ls\ 
which can be represented by the following energy-level diagram, or orbital diagram; 


Is 

Li:1s2 2si [tl] 


The atom of the next element, beryllium, has 4 electrons, which occupy the Is and 
2s orbitals: 


2p 


2s 


Is 

Be:1s2 2s2 \fQ 


The boron atom has 5 electrons, 4 of which occupy the Is and 2s orbitals. The fifth 
elecfron goes into the second type of orbital with n = 2, the 2p orbital: 

2p^ 


2s 


Is 

B:1s2 2s2 2pi ^ 

All the electrons in the 2p orbitals have the same energy, so it does not matter 
which 2p orbital the fifth electron occupies. By convention, we write it in the left- 
hand orbital. 
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Hund’s rule a rule stating that in a 
particular set of orbitals of the same 
energy, the lowest energy configuration 
for an atom is the one with the maximum 
number of unpaired electrons allowed 
by the Pauli exclusion principle; unpaired 
electrons are represented as having 
parallel spins 


For an atom with unfilled orbitals, the most stable energy level (lowest energy) is 
achieved when electrons occupy separate orbitals with parallel spins. An atom of carbon, 
the next element, has 6 electrons. Two electrons occupy the Is orbital, 2 electrons occupy 
the 2s orbital, and 2 electrons occupy 2p orbitals. Since there are three 2p orbitals with 
the same energy, the electrons occupy separate 2p orbitals. This configuration is sum¬ 
marized by Hund’s rule, which states that in a particular set of orbitals that have the 
same energy, the lowest energy configuration for an atom is the one with the maximum 
number of unpaired electrons allowed by the PauH exclusion principle. In simple terms, 
this means that before any 2 electrons occupy an orbital in a subshell, other orbitals in 
the same subshell must first each contain 1 electron. Electrons filling a subshell will have 
parallel spin before the shell starts fiUing up with electrons having the (after the first 
orbital gains a second electron). 

The electron configuration for the carbon atom could be written as ls^2s^2p^2py 
to indicate that the electrons occupy separate 2p orbitals. However, the configuration 
is usually written as ls^2s^2p^, and it is understood that the electrons are in different 
2p orbitals. The energy-level diagram for carbon is 
2 p 

[inn 


2s 



Is 

C:1s2 2s2 2p2 ^ 

Note that the unpaired electrons in the 2p orbitals are shown with parallel spins. 

The higher-energy orbitals have some anomalies in the order of filling orbitals. For 
example, in Figure 5 on page 162, the energy of the 4s orbital is lower than the energy 
of the 3d orbitals. Therefore, the 4s orbital must be filled before the 3d orbitals. When 
building the electron configuration of atoms, it is important to strictly follow this 
order. Use an aufbau diagram to write electron configurations in order of increasing 
energy. To do this you will also need to know the number of orbitals in each type of 
subshell: s = I, p = 3, d = 5, and/= 7. 



Energy-level Diagrams 

You may sometimes see energy-level 
diagrams expressed in different 
ways. The method used in this text 
(arrows in square boxes) is probably 
the most common. Two alternative 
ways to draw energy-level diagrams 
are shown below: 

2s (g) 2S ^ 

1s(g) 1s^ 


Procedure for Writing an Electron Configuration 

1. Use the periodic table to determine the number of electrons in the 
atom or ion. 

2. Assign electrons by main energy level and then by sublevel, using 
an energy-level diagram or an aufbau diagram. 

3. Distribute electrons into orbitals that have the same energy 
according to Hund’s rule. 

4. Fill each sublevel before starting with the next sublevel. Continue 
until all electrons are assigned. 

• For anions (negatively charged ions), add an appropriate number 
of additional electrons. 

• For cations (positively charged ions), remove an appropriate 
number of electrons. 

The electron configuration for the nitrogen atom (7 electrons) is ls^2s^2p^. The 
3 electrons in the 2p orbitals occupy separate orbitals with parallel spins: 

2p 

ititm 

2s 


Is 

N:1s2 2s2 2p3 
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The configuration for the oxygen atom, which has 8 electrons, is ls^2s^2^^. One of 
the 2p orbitals is now occupied by a pair of electrons with opposite spins, as required 
by the Pauli exclusion principle: 


nn] 


0:1s“2s"2p< 


The energy-level diagrams and electron configurations for atoms of the elements 
fluorine (9 electrons) and neon (10 electrons) are as follows: 


Itiltiltl 


F:^s^2s^2p^ 


Ne:1s2 2s2 2p6 


For neon, the orbitals n = 1 and n = 2 are now completely filled. 

In atoms of sodium, Na(s), the first 10 electrons occupy the Is, 2s, and 2p orbitals, 
so the eleventh electron must occupy the first orbital with n = 3, the 3s orbital. 
The electron configuration for sodium atoms is ls^2s^2p®3s^ To avoid writing the 
increasing string of inner-level electrons, a shorthand using noble gas configurations 
is used. In this abbreviated form of the electron configuration, the nearest noble 
gas preceding the element is notated in brackets, and the electron configuration is 
continued from that point forward. For example, the noble gas con¬ 
figuration for sodium is [Ne]3s\ where [Ne] represents the electron 
configuration of neon, ls^2s^2p®. 

The atom of the next element, magnesium, has the electron con¬ 
figuration ls^2s^2p®3s^, or [Ne]3s^. Atoms of the next 6 elements, 
aluminum through argon, have configurations obtained by filling 
the 3p orbitals one electron at a time. 

Consider an analogy for the aufbau principle and the process of 
filling orbitals. Imagine that the atom is a concert hall (Figure 7). The 
stage is the nucleus, and the seating area represents the space where 
electrons most likely exist. The placement of electrons in orbitals 
in order of increasing energy follows a similar pattern to filling the 
seats closest to the stage first. The principal quantum number (which 
tells you the energy level) is like the seating section. The secondary 
quantum number (which tells you the subshell) is like the row. The 
magnetic quantum number (which gives specific information on 
the orientation of the orbital) is your seat. In this analogy, each seat 
is a loveseat. It can seat two people (left and right). The loveseat 
analogy is not totally appropriate, though. For the fourth quantum 
number—the spin quantum number—one person would have to be 
sitting on his or her head for the analogy to work completely. 



section 2 


Figure 7 The atom can be thought of as analogous to a 
concert hall: the process of filling seats is similar to filling 
orbitals with electrons. 
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Tutorial 1 Writing Electron Configurations 


In this tutorial, you will practise writing electron configurations of atoms and ions in different 
ways, and use electron configurations to identify an element. 

Sample Problem 1: Writing a Full Electron Configuration 

Write the full electron configuration for the sulfur atom. 1 s has 2 electrons, 2s has 2 electrons, 2p has 6 electrons, 3s 


Solution 

step 1. Determine the total number of electrons in the atom. 

Sulfur has 16 electrons. 

Step 2. Assign electrons in order of main energy levels and 
sublevels using the aufbau principle. Remember that 
each orbital can hold 2 electrons and the various 
subshells have specific numbers of orbitals (there is 

1 s orbital, 3 p orbitals, 5 d orbitals, and so on). 

has 2 electrons, and 3p will fill 4 of 6 orbitals. 

Statement: The electron configuration for sulfur is 
^s^2s^2ff3s^5|f. 

Sample Problem 2: Identifying an Eiement 

Identify the element that has atoms with the following electron 
configuration: 1s^2s^2p®3s^3/>®4s^3rf® 

Solution 

Count the number of electrons. 

There are 28 electrons. 

The number of electrons corresponds to the number of protons 
in a neutral atom. Therefore, the number of protons is 28 so the 
element Is nickel (Ni). 

Statement: The element with the electron configuration 
1s^2s^2p®3s^3p®4s^3c/® is nickel. 


Sample Problem 3: Writing a Shorthand Electron Configuration 

Write the shorthand electron configuration (noble gas Statement: The shorthand electron configuration (noble gas 


configuration) for the chlorine atom. 

Solution 

Determine the noble gas immediately preceding chlorine, which 
is neon (Ne). Add the additional electrons to this noble gas. 
[Ne]3s'3p= 

configuration) for chlorine is [Ne]3s^3p^ 

Sample Problem 4: Electron Configurations for ions 

Write the electron configuration for the calcium ion Ca^^. 

Solution 


Follow the same process as you did for a neutral atom, but add 
or remove electrons as required. 

The electron configuration for a calcium atom is 
1s^2s^2p®3s^3p®4s^. The calcium ion, Ca^+, has a +2 charge. 

so remove 2 electrons. The electron configuration for the calcium 
ion is ^s^2s^2p^3s^3p^ 

Statement: The electron configuration for the calcium ion Ca^"^ 
is 1 s^2s^2p^3s^3p\ 


Practice 

1. Write the full electron configuration for an atom of the element francium. Di a 
[ans: 1 s^2s^2p'^Zs^Zp^Zd"'As^p'^Ad'Hf‘'5s^5p^5d'%s^6p^7s'] 

2. Identify the element with the following electron configuration: 1 s^2s^2p®3s^3p®4s^ bod [ans:K] 

3. Write the shorthand electron configuration (noble gas configuration) for an atom of silicon, qib [ans: [Ne]3s^3p^ 

4. Write the electron configuration for the magnesium ion Mg^+. ebib [ans:is^2s^2p®] 
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Explaining the Periodic Table 

Electron configuration can help explain the structure of the periodic table and peri¬ 
odic trends. Figure 8 summarizes the electron configurations of the first 18 elements 
by giving the number of electrons in the type of orbital occupied last. Note that 
an important pattern is developing: the elements in the same group have the same 
valence electron configuration. Recall that valence electrons are the electrons in the 
outermost shell (outermost principal quantum level) of an atom. For example, the 
valence electrons in a nitrogen atom are the 2s and 2p electrons, a total of 5 elec¬ 
trons. In a sodium atom, the valence electron is the electron in the 3s orbital, and so 
on. Valence electrons are the most important electrons to chemists because they are 
involved in bonding, as you will read in the next chapter. Remember that Mendeleev 
originally placed the elements in groups based on similarities in chemical properties. 
Now you know the reasons for these similarities. Elements with the same valence 
electron configuration show similar chemical behaviour. Chemical similarities allow 
you to draw conclusions about electron configurations. # web link 


H 

Is’ 


He 

is^ 

Li 

Be 


B 

C 

N 

0 

F 

Ne 

2s^ 
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2p3 

2p^ 

2p= 

2p® 
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Al 

Si 
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Cl 

Ar 

3si 

3s2 


3p' 
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3p3 

3p^ 

3p= 
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Figure 8 The valence electron configurations for the first 18 elements 


The nineteenth element of the periodic table is potassium. Recall that the 3p 
orbitals in an argon atom are fully occupied. Consequently, you might expect the 
additional electron in a potassium atom to occupy a 3d orbital, since for « = 3, the 
orbitals are 3s, 3p, and 3d. However, experimentation has shown that the properties of 
potassium are very similar to those of lithium and sodium. Potassium, like sodium, is 
very reactive with oxygen, so it must be carefully stored away from air. This property 
of potassium is evidence that the outermost electron in the potassium atom occupies 
the 4s orbital, rather than one of the 3d orbitals. The electron configuration of a potas¬ 
sium atom is shown below: 

K: ls^2s^2p®3s^3p®4s^ or [Ar]4sh 

The electron configuration of the atom of the next element, calcium, is Ca: [Ar]4s^. 

The next element, scandium, begins a series of 10 elements (scandium through 
zinc) called the transition metals, which are elements whose highest-energy elec¬ 
trons are in d orbitals. The electron configuration of an atom of a transition metal is 
obtained by adding electrons to the five 3d orbitals. The configuration of an atom of 
scandium is Sc: [Ar]4s^3d', that of titanium is Ti: [Ar]4s^3d^, and that of vanadium 
isV: [Ar]4s^3d^ 

The expected electron configuration of atoms of the next element, chromium, is 
[Ar]4s^3d‘‘. However, the observed configuration is Cr: [Ar]4s^3d^. The chromium 
atom is an exception to the aufbau principle. One explanation for this anomaly is 
provided by experimental evidence that indicates that unfilled subshells are less stable 
than half-filled and filled subshells, and that unfilled subshells have higher energy. It 
is less important for s orbitals to be filled or half-filled compared with d orbitals. In 
the chromium atom, an s electron moves to the d subshell and creates two half-filled s 
and d subshells: 4s^3d'‘ becomes 4s^3d^. This movement of electrons creates an overall 
energy state that is lower and therefore more stable. 


valence electron an electron in the 
outermost principal quantum level of 
an atom 


transition metai an element whose 
highest-energy electrons are in d orbitals 
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The atoms of each of the next four elements, manganese through nickel, have the 
expected configurations: 

Mn: [Ar]4s^3(i^ Co: [Ar]4s^3d^ 

Fe: [Ar]4s^3d® Ni: [Ar]4s^3d® 

The electron configuration of the copper atom is expected to be [Ar]4s^3d®. 
However, the observed configuration is Cu: [Ar]4s^3d^'’. Copper is another exception 
to the aufbau principle. In the copper atom, an s electron moves to the d subshell and 
creates a half-filled s subshell and a filled d subshell, which makes it more stable. 

The atom of the next element, zinc, has the expected configuration: Zn: [Ar]4s^3d'°. 

The configurations of elements in the first row of the transition metals are shown 
in Figure 9. The elements gallium through krypton have configurations that corre¬ 
spond to filling the 4p orbitals. 
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Figure 9 Valence electron configurations for pofassium through krypton. The fourth period 
transition metals (scandium through zinc) have the general configuration [Ar]4s^3£/', except for 
chromium and copper (highlighted in pink). 


Figure 10 shows which orbitals in the periodic table are the last to be filled. 


1 


Group 


18 


1 

2 

3 


5 

6 



Figure 10 In the atoms of a period, the (n + 1)s orbital fills before the nd orbital. The group labels 
indicate the number of valence electrons {ns plus np electrons) of atoms of the elements in each 
group. 
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Note the following additional points (with reference to Figure 10): 


1. The (n + l)s orbitals always fill before the nd orbitals. For example, the 5s 
orbitals fill before the 4d orbitals in atoms of the period 5 transition metals 
(yttrium through cadmium). This order of filling can be explained by the pen¬ 
etration effect: the 4s orbital penetrates closer to the nucleus, so it has a lower 
energy than the 4d orbital (see Figure 5, p. 162). 

2. After lanthanum ([Xe]6s^5d'), there is a group of 14 elements called the 
lanthanide series, or the lanthanides. This series of elements corresponds 
to filling the seven 4/orbitals in their atoms. Similarly, after actinium 
([Rn]7s^6d'), there are the 14 elements that make up the actinide series. 

3. In the lanthanide and actinide series, since the 5d and 4/, and the 6d and 5/ 
orbitals are close in energy, the increased stability associated with empty, half- 
filled and fully filled orbitals affects the electron configurations. 

4. The group labels 1 to 18 indicate the total number of valence electrons for 
the atoms in these groups. For example, atoms of all the elements in Group 
15 have the configuration ns^np^. (The d electrons fill one period later and 
are usually not counted as valence electrons.) The elements in Groups 1 to 18 
are often called the main group, or representative elements. The atom of every 
member in each group has the same valence electron configuration. 

The quantum mechanical model explains the arrangement of elements in the periodic 
table. This model allows you to understand why the elements in a group have similar 
chemistry: they all have atoms with the same valence electron configuration. Only the 
principal quantum number of the valence orbitals changes in a particular group. 

In this text, when an electron configuration is given, the orbitals are listed in the 
order in which they fill. It is important to be able to write the electron configuration 
of atoms of each of the main group elements. If you understand how the periodic 
table is organized, it is not necessary to memorize the order in which the orbitals fill. 
Review Figure 10 fo ensure you undersfand the correspondence between the orbitals 
and the periods and groups. 

Predicting the electron configurations of the atoms of the transition metals (3d, 
4d, and 5d elements), the lanthanides (4/elements), and the actinides (5/elements) is 
more difficult because there are many exceptions. Familiarize yourself with the electron 
configurations of the atoms chromium and copper, the two exceptions in the first-row 
transition metals, because these elements are often encountered: Gr: [Ar]4s^3d^ and 
Gu: [ArW3d^°. 


representative elements those elements 
in the main blocks of the periodic table, 
which are Groups 1 to 18 (the s and p 
blocks) 


UNIT TASK BOOKMARK 


Use the information in this section as 
you work on the Unit Task on page 268. 
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Tutorial 2 Writing Electron Configurations Using the Periodic Table 


In this tutorial, you will practise writing eiectron configurations using the periodic table 
instead of the energy-filling order. 


Sample Problem 1: Writing Electron Configurations 
Give the electron configurations for the atoms of sulfur, S; 
cadmium, Cd; hafnium, Hf; and radium, Ra, using the periodic 
table (Appendix B1). Use Figure 10 on page 168 as an aid. 

Solution 

Sulfur is element 16 and resides in period 3, where the 3p orbitals 
of the atoms are being filled. Since sulfur is the fourth of the 3p 
elements in Figure 10, its atom must have 4 3p electrons. Its 
configuration is 

S: 1 s^2s^2p®3s^3/f or [NeJSs^Sp^ 

Cadmium is element 48 and is located in period 5 at the end 
of the 4£f transition series. Since it is the tenth element in the 
series, the cadmium atom has 10 electrons in the 4r/orbitals, 
in addition to the 2 electrons in the 5s orbital. Its electron 
configuration is 

C&.^^2s^2lf3^3|fAs^3d^°Aff5s^d^° or [Kr]5sMd^° 


Hafnium is element 72 and is found in period 6. Note that 
it occurs just after the lanthanide series. Thus, the 47 orbitals 
are already filled in the hafnium atom. Hafnium is the second 
member of the 5c/transition series and its atom has two 5d 
electrons. The electron configuration of the hafnium atom is 
Hf: 1 s^2s^2if3s^3[f4s^3d^°^[f5sHd^°5[fQsHf'^5d^ 
or [Xe]6sHf^5d^ 

Radium is element 88 and is in period 7. Thus, the radium 
atom has 2 electrons in the 7s orbital. Its electron configuration is 
Ra: 1 s^2s^2if3^3ifAs^3d°Aff5s^d^°5ff6s^f^5d^°6ff7s^ 
or [Rn]7s^ 


Practice 

1. Give the full electron configurations for the elements titanium, Ti(s), and aluminum, 
Al(s), using the periodic table in Appendix B1. Modify these configurations 

to show the shorthand noble gas form, edd 

[ans: Ti: 1 s^2s^2/73s^3/74s^3fl'^ or [Ar]4s^3cf^; Al: 1 s^2s^2/73s^3p' or [Ne]3s^3p'] 

2. Write the shorthand configuration for the following: asBr; 43TC; gsBi, sgPr; ggCm lai a 
[ans; jsBr: [Ar]4s^3cf^"4p=; 43 TC: [Kr]5sMt/=; sjBi: [Xe]6s^4f'''5cf'"6p^; sgPr: [Xe]6s^5a'Mf^ geCm: 


Explaining Ion Charges 

The ability of transition metals to form multiple ions can now be explained. The elec¬ 
tron configuration for the neutral cadmium atom is Cd: [Kr]5s^4d^°. It shows that 
the cadmium atom has 12 electrons in its outer orbitals. Cadmium forms a 2-1- ion. 
If the outer two 5s electrons were removed, the neutral cadmium atom would be left 
with a full Ad orbital and would be relatively stable: Cd^^: [Kr]4(i'“. Alternatively, the 
cadmium atom could give up 10 electrons and leave filled 5s orbitals. (However, this 
possibility is very unlikely.) 

Lead, Pb, is an example of how 2-1- and 4-1- ions form. The neutral electron config¬ 
uration for the lead atom is Pb: [Xe]6s^4/^^5d^°6p^. It shows full 6s, 4/, and 5d orbitals 
and a partially filled 6p orbital (2 out of 6 electrons). The lead atom could lose these 
two 6p electrons fairly easily, forming a 2-1- lead ion. To form a 4-1- ion, the lead atom 
would have to lose 4 electrons from its 6s and 6p orbitals. 
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Explaining Magnetism 


Table 1 shows three strongly magnetic elements and the electron configurations of 
their atoms. Based on the evidence in Table 1, you might speculate that magnetism 
is caused by the presence of several unpaired electrons in an atom. However, if you 
examine the periodic table more closely, you will notice that the elements ruthe¬ 
nium, rhodium, and palladium—which are in the same group as iron, nickel, and 
cobalt—are only weakly magnetic. These elements also have several unpaired elec¬ 
trons. Therefore, having several unpaired electrons only partially explains the strong 
magnetic properties of iron, nickel, and cobalt. There must be other properties that 
can explain why these metals are so strongly magnetic. 


Table 1 Electron Configurations of Ferromagnetic Elements 


Ferromagnetic 

element 

Electron 

configuration 

cf-orbital filling 

Pairing of d 
electrons 

Fe 

[Ar]4s23t/® 

inititititi 

1 pair; 4 unpaired 

Co 

[kr]4s^3d^ 

itiitiitititi 

2 pairs; 3 unpaired 

Ni 

[Ar]4s23t/® 

lUIUIUItItl 

3 pairs; 2 unpaired 


Scientists have found that iron, nickel, and cobalt consist of small, dense packs of 
atoms called domains. The magnetic fields of atoms in a domain align in the same 
direction, even though the domains themselves align randomly (Figure 11(a)). 
However, in the presence of an outside magnetic field, the magnetic fields of most 
of the domains become aligned with the outside field and, hence, with one another 
(Figure 11(b)). As a result, many groups of atoms become aligned in the same direc¬ 
tion and the metal becomes a permanent magnet. They stay magnetized even when 
the external magnetic field is removed. This is because their magnetic properties 
are based on the alignment of their atoms. The mechanism by which elements form 
permanent magnets is called ferromagnetism. Iron, nickel, and cobalt are the most 
well-known ferromagnetic elements. 




(a) magnetic field (b) field present 

Figure 11 (a) In the absence of an external magnetic field, the magnetic domains are randomly 
aligned, (b) In the presence of a magnetic field, the domains align with the field. Once aligned, 
these domains stay aligned until they are disturbed. 


Iron, cobalt, and nickel display strong magnetic properties, but there are other ele¬ 
ments, such as aluminum and platinum, that display weak but measurable magnetic 
fields. These fields arise due to the presence of unpaired electrons in the atom. Hund’s 
rule tells us that unpaired electrons in an atom aU have the same spin. This spinning gen¬ 
erates a weak magnetic field, a property called paramagnetism. This magnetic field is not 
usually noticed but is detectable when the element interacts with a strong magnetic field. 


ferromagnetism the very strong 
magnetism commonly exhibited by 
materials that contain nickel, iron, and 
cobalt; applies to a collection of atoms 


paramagnetism the weak attraction 
of a substance to a magnet; applies to 
individual atoms 


Paramagnetism (page 182) 

Some elements exhibit magnetic 
properties, whereas some elements 
display magnetic properties only 
when exposed to a magnetic field. 
This controlled experiment will 
give you an opportunity to identify 
paramagnetic materials. 
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Review 


Summary 

• The electron configuration of an atom describes the energies and locations 
of the electrons in the atom. 

• The aufbau principle states that each successive electron added to an atom 
occupies the lowest-energy orbital available to it. 

• Hund’s rule states that orbitals of equal energy fill with 1 unpaired electron 
each before electrons begin to pair up. 

• Valence electrons—the electrons in the outermost principal quantum level 
of an atom—determine many of the chemical properties of elements. 

• Electron configurations can be simplified by writing shorthand configurations. 

• The characteristic properties and positions of elements in each of the s, p, and 
d sections of the periodic table are related to their electron configurations. 


7 


Questions 


1. (a) Four blocks of elements in a periodic table refer 

to various subshells being filled. What are the 
four blocks and the corresponding orbitals? 

(b) What information from the periodic table helps 
you derive an electron configuration from the 
position of an element in the periodic table? 

(c) State the aufbau principle and Hund’s rule. 

(d) Explain how the aufbau principle and Hund’s 
rule help us determine the order of orbital 
filling. QQ 

2. Draw an outline of the periodic table. Shade the 
s block in red, the p block in blue, the d block in 
green, and the/block in yellow. Include a key. QEl B 

3. For elements 1 to 36, there are two exceptions to the 
filling order predicted by the periodic table. laiS DD 

(a) Write the electron configurations for these two 
elements, and indicate how many unpaired 
electrons are present. 

(b) Briefly explain why these unpredicted electron 
configurations form. 

4. The elements Si, Ga, As, Ge, Al, Cd, S, and Se 
are all used in the manufacture of various 
semiconductor devices. Write the expected full 
electron configurations for the atom of each of these 
elements. BB 

5. The elements Gu, O, La, Y, Ba, Tl, and Bi 
are all found in high-temperature ceramic 
superconductors. Write the shorthand noble 
gas configurations for the atom of each of these 
elements. DUB 
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6. Use the periodic table to predict which orbital the 
last electron enters for each of the following 
atoms: iza 

(a) Zn 

(b) I 

(c) Ba 

7. Using only the periodic table, write the expected 
ground-state electron configuration for the atom of 

(a) the third element in Group 15 

(b) element number 116 

(c) an element with 3 unpaired 5d electrons 

(d) the halogen with electrons in the 6p atomic 
orbitals mEaiB 

8. Write the full electron configuration for the atom of 
each of the following; qq EBl B 

(a) the lightest halogen 

(b) an alkali metal with a full 3p orbital 

(c) the Group 13 element in the same period as Sn 

(d) the non-metallic elements in Group 14 

9. Draw the energy-level diagram for the atom of each 
of the following elements: Bil B 

(a) boron 

(b) silicon 

(c) mercury 

10. Use electron configurations to explain 

(a) why arsenic can acquire charges of —3 and +3 
but not +2 

(b) the +2 charge on the lead(II) ion 

(c) the +1 charge of the silver ion □!!] b B 








Applications of Quantum Mechanics 

Quantum technologies are more common than you may think. They are used in 
lasers in DVD players (Figure 1), microchips in cellphones, and MRI machines in 
hospitals. All of these technologies operate at the nanoscale level, where the effects of 
quantum mechanics are significant. 

Quantum mechanics and quantum theory are not science fiction. They are at the 
core of each of the above technologies, and are also the foundation of many cutting- 
edge scientific research projects. The effects of these technologies can be beneficial, 
but it is always important to recognize that there may also be associated risks that can 
be detrimental to society and the environment. The risks and benefits and/or applica¬ 
tion must be considered carefully. 

While there are numerous applications, this section explores three specific applica- 
fions of quantum theory: lasers, Bose-Einstein condensates, and quantum analysis 
and diagnostic technologies (MRI). Figure 2 shows some additional applications of 
quantum theory. 


bombs power 



green). 



Figure 1 Lasers are possible because 
of an understanding of quantum 
mechanics. 


Laser Technology 

Applied science occurs when science theory or knowledge is used for practical pur¬ 
poses. Qften, a technology develops first and then scientific theory is used to explain 
how it works. However, in some cases, the technology is theorized and then science 
is used to develop the technology. To illustrate this point, consider the development 
of laser technology. In 1917, Einstein established the theoretical foundations for the 
laser. He proposed the theory that electrons can be stimulated to higher energy states 
and then release radiation when they return to the ground state. In order to develop 
the laser, scientists first had to understand quantum theory, especially the way elec¬ 
trons make quantum leaps from one energy level to another. 

The race to develop the first laser devices had its share of controversy. Many 
research labs were working on developing the laser at the same time, and there were 
arguments about who could lay claim to the first series of patents. Theodore Maiman 
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laser (light amplification by stimuiated 
emission of radiation) a device that 
produces light of a single colour with all 
waves travelling parallel to each other 



Figure 4 Satyendra Bose of India 
collaborated with Albert Einstein 
to predict the existence of the 
Bose-Einstein condensate. 


demonstrated the first working visible-light laser in 1960. This ruby laser produces red 
light from a ruby crystal (Figure 3). The word "laser” stands for “light amplification 
by stimulated emission of radiation.” A laser is a device that produces an intense beam 
of light of a single wavelength (colour). In addition, the light waves in the laser beams 
are coherent, which means the waves vibrate in the same direction at the same time. 
As a result, the laser beam can transfer a great deal of energy. Consequently, lasers 
can cause burns and blindness. There are four classes of lasers, depending on the laser 
beam’s power. Class 1 lasers are safe for most uses and include laser lights, levels, some 
pointers, and the lasers in printers and disc players. Class 4 lasers range from the 
medical lasers used to remove hair, blemishes, and scars to powerful industrial lasers 
used to cut through metals or stacks of fabric in the manufacture of garments. These 
lasers are extremely dangerous and require special safeguards. # web link 



power supply 


ruby crystal 


Figure 3 Lasers contain an electric flash tube that emits a series of bright flashes of light. Electrons 
in atoms of the ruby rod absorb photons from the flash tube and move into higher energy levels. 

When these excited electrons drop back to a lower energy level, they emit photons with a specific 
wavelength. The release of photons by a few atoms triggers other atoms to do the same. This action 
increases the intensity of the laser light. Mirrors reflect the photons back and forth between the ends 
of the ruby rod, and the laser beam eventually passes through the mirror at the right end of the rod. 

The operation of lasers is based on quantum theory. An electron requires a photon 
of specific energy to excite it to a higher energy level. An excited electron hit by a 
photon of specific energy will return to its original energy level after releasing a 
photon with the same energy. Some of the photons released collide with other atoms 
in the ruby rod in Figure 3, causing other photons to be released. Some photons 
reflect from the mirrors at the ends of the rod, and then collide with atoms, which 
releases more photons. This effect is called the amplification of photons. Some of the 
photons that travel along the axis of the ruby rod eventually exit through the 95 % 
reflective mirror and form the laser beam. These photons all have the same wave¬ 
length and travel in parallel, continuous waves along the same path. 


Bose-Einstein Condensate: Another State of Matter 

In the 1920s, Satyendra Nath Bose of India (Figure 4) and Albert Einstein together 
predicted the existence of another state of matter, sometimes referred to as the fifth 
state of matter. They hypothesized that if a collection of atoms were cold enough, all 
the atoms would be in the lowest possible quantum energy state and would therefore 
have identical energy. As a result, the atoms could effectively all occupy the same 
space at the same time—a very strange idea. Scientists called this state a condensate. 
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sometimes referred to as the Bose-Einstein condensate. Bose-Einstein condensate (BEC) 
is a state of matter that consists of a pile of atoms all in the same place at the same 
time (Figure 5). It exists only at temperatures within a few billionths of a degree of 
absolute zero, which is 0 K or -273.15 °C. # web link 

It was not until 1995 that scientists were able to create the first condensate in a 
laboratory. The cooling technology necessary for producing condensates was not 
available until this time. No one yet knows how Bose-Einstein condensates can be 
put to practical use, but not every scientific discovery yields a practical application. 
The purpose of science is to learn about the universe. The BEC is another example of 
quantum theory predicting an actual material result. 


Quantum Analysis and Diagnostic Technologies 

At the beginning of this chapter, you saw an example of quantum analysis in a diag¬ 
nostic technology called magnetic resonance imaging. Magnetic resonance imaging 
(MRI) uses a strong magnetic field to cause the magnetic fields of the hydrogen atoms 
to align in the same direction as the outside magnetic field. A radio transmitter then 
applies varying radio waves. Certain frequencies of the radio waves are absorbed 
when the radio-frequency photons cause the magnetic fields of the molecules to 
“flip” to the opposite direction. A scanner detects the changes in the spectrum of 
radio waves, and a computer converts these changes into an image. Todays scanning 
techniques can produce a three-dimensional image that can be rotated on a computer 
screen (Figure 6). The MRI is an option for scanning soft tissues, such as muscles, 
internal organs, and the brain. # web link 


Bose-Einstein condensate (BEC) a state of 
matter that consists of a collection of atoms 
near absolute zero; all the atoms have the 
lowest possible quantum energy state 



Figure 5 A Bose-Einstein condensate 
is beginning to form on the left and 
reaches completion on the far right. 


magnetic resonance imaging (MRi) a 

medical tool in which magnetic fields 
interact with atoms in the human body, 
producing images that doctors can use to 
diagnose injuries and diseases 
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Figure 6 (a) Hydrogen atoms in water molecules in the body spin in random directions, (b) When the 
MRI machine produces a magnetic spin, the hydrogen atom’s spin will line up in the direction of the 
magnetic field. About half will spin up, and the rest will spin down. But the balance is not exactly 
equal. There will be a few atoms (green atoms) that have a spin that does not cancel. This produces 
a measurable magnetic field, (c) A radio pulse is then applied, causing these unmatched atoms to 
reverse their spin, (d) When the pulse is removed, these atoms will flip back to their original spin 
and release energy, (e) Detectors in the machine register the energy released, and a computer 
program interprets the energy patterns to create an image. 


One advantage that MRI has over X-ray and CAT (computerized axial tomog¬ 
raphy or CT) scans is that MRI does not use ionizing radiation. There is virtually no 
risk to patients who receive an MRI scan. Patients who receive an X-ray or CAT scan 
are exposed to low levels of radiation, which is a known risk for cancer, although the 
levels are so low that this is not a major concern for most patients and the benefits 
outweigh the risks. # career link 

The apphcation of quantum theory to common, everyday technologies is still in its 
infancy. Quantum technologies allow scientists to obtain increasingly sensitive measure¬ 
ments in their analyses. This increased precision in measurement will allow the devel¬ 
opment of new technologies that have even greater precision. The application of these 
technologies will range from quantum imaging and photography to smaller computer 
chips. Quantum computers may become possible as scientists learn more about creating 
and maintaining certain quantum energy states in atoms and ways of detecting changes 
in those states. Computing speed and memory capacity could be increased to amazing 
levels. As more and more technologies emerge that operate at the atomic or molecular 
level, the imphcations of quantum theory will only become more important. # web link 
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Summary 

• The applications of quantum mechanics are extensive, and the technology 
is advancing at a very fast rate. 

• Advances in quantum technology are generating cutting-edge materials, 
improved medical diagnostic capabilities (such as MRI), new sources of 
power, and revolutionary computing power. 

• Laser technology is based on electrons being stimulated to release photons. 

• The Bose-Einstein condensate is a gas-like state of matter that exists at 
extremely cold temperatures. It was predicted around 1925 and confirmed 
in 1995. 

• Magnetic resonance imaging technology is possible due to an understanding 
of how hydrogen atoms in water react in magnetic fields. 

• Quantum theory will become increasingly important as new atomic-scale 
technologies are developed. 


Questions 


1. Explain how an elements absorption and emission 
spectra could be used to predict the colour of light 
it might produce if it were used in a laser. QQ D 

2. What would most likely happen to the intensity 
of a laser beam if the mirrors in the device were 
misaligned? Explain your answer, lai!] D 

3. Create a poster or other presentation format 
summarizing four everyday applications of lasers. 
Include a brief description of how lasers are used in 

4. Explain why Bose-Einstein condensates were only 
theoretical until the mid-1990s. laiDD 


5. Both the magnetic field and the radio pulse are 
important in the function of MRI. Use a flow 
chart with diagrams to describe how an image is 
produced in MRI. [3Q1D D 

6. What is the primary advantage of MRI over X-rays 
and CT scans? I3IS 

7. Research quantum computing. (0 BO B D 

(a) Explain what quantum computing is and how it 
works. 

(b) Outline the differences between a quantum 
computer and a modern traditional computer. 

(c) In what ways are quantum computers better 
than traditional computers? 

(d) Are there any drawbacks or disadvantages to 
quantum computers? 


8. Cryptography is the study of codes. Research one 

type of traditional cryptography, along with the area 
of cryptography called quantum cryptography. Then 
answer the following: qq EZQ D 

(a) Write a brief report to explain how your chosen 
traditional cryptography works. In your report, 
include the probability of decoding your chosen 
cryptography, as well as its weaknesses and 
strengths. 

(b) Where has quantum cryptography been used 
thus far? 

(c) How are photons and polarizations used in 
quantum cryptography? 

(d) Outline the steps involved in sending, receiving, 
and interpreting a quantum-encrypted message. 

(e) Compare the traditional cryptographic method 
to the quantum cryptographic method. What 
advantages does quantum cryptography have 
over traditional cryptography and vice versa? 

9. Research the difference befween gas and chemical 
lasers. Briefly explain the difference, and state where 
each is used. (^I)' oa EZO D 


10. The development of MRI technology has 
revolutionized medical research, especially 
the study of how the brain works. Research a 
neurological disorder, such as epilepsy, and find 
out how MRI technology has enhanced this field of 
sfudy. Report on your findings in a formaf of your 
choosing. (^|)) qq b B D 
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Explore an Application in Quantum Mechanics 


The Tiny World of Nanotechnology 

A nanometre is one billionth of a metre—the scale of atomic and molecular interac¬ 
tions. For perspective, a single hair from your head is about 100 000 nanometres in 
diameter. Nanotechology is the science of working with structures that are between 
1 nm and 100 nm long in at least one dimension. The effects of quantum mechanics 
are very important when working at this scale. The invention of the scanning electron 
microscope contributed to nanotechnology because scientists could actually confirm 
the geometry of molecules they constructed. 

Nanotechnology began with the development of carbon-based cage molecules 
such as the fullerenes (also known as buckyballs). Due to their electron configu¬ 
ration, carbon atoms can form three-dimensional soccer ball-shaped structures 
(Figure 1(a)). Carbon atoms can also bond in ways that form long, hollow nanotubes 
(Figure 1(b)). Carbon nanotubes exhibit extraordinary strength. One possible use 
being explored is adding carbon nanotubes to building materials to increase their 
strength. If nanotubes can be woven into fabric, they could be used to create buUet- 
and knife-proof clothing. Nanotubes are good conductors of electricity, so the pro¬ 
duction of ultra-thin batteries, electronic and computer devices, and solar cells from 
nanotubes is being explored. Nanoparticles of certain substances have already been 
added to textiles to produce fabric that resists stains and eliminates unwanted odours. 

Nanotechnology has led to the possibility of molecule-sized nanomachines that 
could one day work inside cells and tissues to treat diseases. For example, nanobots 
could be used to remove plaque from arterial walls in an effort to treat heart disease 
(Figure 2). 

Scientists are working to construct molecular assemblers—nanomachines that can 
assemble atoms into designer molecules. Such machines may be able to synthesize 
molecules that are nearly impossible to make by ordinary chemical reactions. These 
molecules could be the wonder drugs of the future. In addition, nanomachines could 
repair genetic defects by modifying the DNA in cells or targeting the RNA of can¬ 
cerous cells (Figure 3). On the other hand, science-fiction stories have been written 
on the theme of out-of-control molecular machines. 



• Researching 

• Evaluating 

• Performing 

• Communicating 

• Observing 

• Identifying 

• Analyzing 

Alternatives 



Figure 1 (a) A buckyball is a member 
of the fullerene family of carbon 
compounds, (b) Carbon nanotubes are 
extraordinarily strong. 



Figure 2 Someday, nanobots could help treat heart disease. (Artist’s 
rendition) 



Figure 3 This image highlights nanoparticles (dark spots) attacking a 
tumour in the body (circled). (Artist’s rendition) 
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Nanotechnology is poised to become the fastest-growing field of technology. For 
this reason, scientists have been considering the possible disadvantages of nanotech¬ 
nology. For example, what if a targeted cancer drug attacked the wrong cells? These 
tiny particles are too small for existing air and water filtration systems. An accumula¬ 
tion of nanoparticles in the air could contribute to air pollution, just as any other air¬ 
borne particles can, and possibly trigger inflammatory diseases of the lungs, such as 
asthma. Experts are debating these issues at international conferences and proposing 
regulations for the application of nanotechnology. 

The Application 

You are the CEO of a healthcare and medical diagnostic centre in southern Ontario. 
You must decide what types of nanotechnology-based services to offer to patients 
who visit your centre. 

Your Goal 

To learn about the risks and benefits of a specific application of nanotechnology, and 
to determine whether this application is or needs to be regulated by the government 



Research 


Explore one specific application of nanotechnology. Choose from the following topics, 
or choose your own topic with your teacher s approval: 

• nanoparticles for drug delivery systems in the human body 

• nanobots for internal surgery purposes 

• nanotechnology in medical diagnostic equipment 



Possible Solutions 


Set selection criteria for the nanotechnology you are considering. These criteria 
could include costs of the technology, current status of the research, availability of the 
technology, professional training or certification required, health concerns, environ¬ 
mental impact, status of regulation elsewhere if it exists, and customer acceptance. 

• Include other criteria as well. 

• Develop a rating system for your criteria. 

• Based on your research, evaluate the different alternatives according to your 
selection criteria. 

Decision 

Extract the main points of your research and be prepared to defend your decision. 

Communicate 

Create an Advisory Report in a format of your choice based on your findings. It should 
include 

• an overview of the technology 

• a risk-benefit analysis for the technology 

• current and future applications of the technology 

• regulations or guidelines currently in place, and suggestions for future 
regulations 

• health and safety precautions (if any) that need to be taken by people who 
work with nanoparticles 

• any other risks associated with the use of the technology, such as 
environmental risks # web link 
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Investigations 



OBSERVATIONAL STUDY 


The Photoelectric Effect 

An electroscope detects and measures electrical activity. 
What will happen to a charged metal plate when light 
shines on it? In this investigation, you will charge a zinc 
plate by touching it with a charged object. You will then 
observe the effects of shining white and ultraviolet light oi 
the plate. 

^ SKILLS [ 

Purpose HANDBOOK Cj A2.3 

To develop a basic understanding of photoelectric effect 
theory 


• Questioning 

• Researching 

• Hypothesizing 

• Predicting 


• Planning 

• Controlling Variables 

• Performing 

• Observing 


• Analyzing 

• Evaluating 

• Communicating 


9. Observe the electroscope for a minute or two. 

10. Repeat Steps 2 and 3 as necessary to charge the 
electroscope. Repeat Steps 8 and 9 using ultraviolet 
light. 

Analyze and Evaluate 

(a) What was the effect of the lamp on the charged zinc 
plate compared with the control? lEt 


Equipment and Materials 

• ultraviolet light source O 

• electroscope (with a flat top) 

• vinyl strip 

• paper towel 

• square zinc plate (3 cm to 5 cm) 

• steel wool 

• lamp (100 W bulb or more) O 

© When unplugging the lamp or the ultraviolet source, pull on 
the plug, not the cord. 


(b) What was the effect of the ultraviolet light on the 
charged zinc plate compared with the control? EZD 

(c) Should a greater intensity of ultraviolet or white light 
have a different effect? Explain. CIS 

(d) Describe what was happening to the protons and 
electrons in the zinc plate during the investigation. Em 

(e) When lit with white light, was the electroscope more 
or less charged than when lit with ultraviolet light? Em 

(f) Use your observations from this investigation to 
explain the effect of ultraviolet light on the charged 
zinc plate. Em 


Do not touch the bulb after using it. It could be very hot. 

Do not look into an ultraviolet light source. It can damage 
your eyes. 

Procedure 

1. Position the electroscope so that it is on a level 
surface. Be sure the leaves move freely. 

2. Rub the paper towel and vinyl together several times 
to create a negative charge on the vinyl. 

3. Touch the vinyl to the top of the electroscope until 
the leaves open and remain open. 

4. Observe the leaves for a minute or two. 

5. Neutralize the electroscope by placing your finger on 
the top where you placed the vinyl. Observe the leaves. 

6. Polish the zinc with steel wool until the zinc shines. 
Ensure that the zinc plate is very clean. Place the plate 
on the electroscope. 

7. Repeat Steps 2 and 3 to charge the electroscope once 
more. 

8. Plug in the lamp, and turn it on. Position the light 
bulb about 10 cm from the zinc plate. 


(g) What could you do, using the electroscope and zinc 
plate, to test your explanation above? l« £ 

(h) What changes could you make to the materials, 
equipment, and/or procedure to improve this 
investigation and the quality of data collected? Em 


Apply and Extend 

(i) Some materials, such as glass, absorb ultraviolet light. 
What would happen if you positioned a glass plate 
between the charged zinc plate and the source of 
ultraviolet light? OS] Em 

(j) Would direct sunlight or sunlight through a window 
discharge the electroscope? Explain. oiD Em D 

(k) How do you think the results would change if the 
charge added to the zinc plate were positive instead of 


( 1 ) 


Research a use or effect of this phenomenon. Write a 
short paragraph explaining what you learned. 

#i=IO _ 
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OBSERVATIONAL STUDY 


Bright-Line Spectra 

All atoms can absorb and emit electromagnetic radiation. 
Some atoms absorb radiation in the range of the visible 
spectrum, and other atoms can absorb radiation in the 
ultraviolet or infrared ranges. When atoms absorb light, 
they produce a dark-line spectrum. Since atoms absorb 
and emit the same wavelengths of light, the absorption 
spectrum can be thought of as the “negative” of an 
emission spectrum. The emission spectrum is called a 
bright-line spectrum. This investigation will demonstrate 
dark-line and bright-line spectra. 

Purpose handbook . ■ A2.3 

To observe dark-line and bright-line spectra 

Equipment and Materials 

• spectrum tube power supply © 

• hydrogen gas spectrum tube 

• spectroscope 

• overhead projector 

• heavy paper 

• diffraction grating (600 lines/mm) 

• tape 

• beakers 

• glass plate cover for beaker 

• fume hood 

• distilled water 

• crystals of potassium permanganate and iodine 

The spectrum tube power supply poses a serious potential 
shock hazard. 

Procedure 

1. Use the overhead projector to shine light on a white 
wall. Place sheets of heavy paper about 5 mm apart 
on the glass stage of the projector so all of the light is 
blocked except for a thin strip. 

2. Suspend a diffraction grating in the middle of the 
vertical projection lens with tape. 

3. Place a clean beaker on the thin strip of light. Shut off 
the room lights so the continuous visible spectrum 
can be observed. 

4. Add distilled water to the beaker and observe the 
spectrum. 

5. Add 4-6 crystals of potassium permanganate to the 
beaker and stir and observe the spectrum. 


• Questioning • Planning • Anaiyzing 

• Researching • Controlling Variables • Evaluating 

• Hypothesizing • Performing • Communicating 

• Predicting • Observing 


6. Gently heat the solid iodine in a covered beaker in a 
fiime hood. Place this covered beaker of iodine vapour 
on the screen of the overhead projector over the light 
strip and observe the spectrum. 

7. Observe the spectrum produced by sunlight using a 
spectroscope (Figure 1). 



Figure 1 The dark-line spectrum of sunlight 


8. Connect a spectrum tube filled wifh hydrogen gas to 
a spectrum tube power supply. Turn it on and observe 
the spectrum using a spectroscope. Draw and label 
the spectrum. 

Analyze and Evaluate 

(a) How does the visible spectrum change between the 
empty beaker and the beaker of water? Do either of 
these beakers and their contents absorb light? Q 

(b) Explain the difference between absorption spectra 
(Steps 5 and 6) and emission spectra (Step 8). What 
do you think the emission spectrum of iodine 
would look like? What do you think the absorption 
spectrum of hydrogen would look like? BD 

(c) How did adding potassium permanganate to water 
affect what you saw through the spectroscope? Bi 

(d) What effect does iodine have on the spectrum? Bi 

(e) Compare the spectrum for potassium permanganate 
with the spectrum of iodine. Bi 

(f) Do gases absorb electromagnetic radiation? Describe the 
spectrum of hydrogen and any other gases you tested. Bi 

(g) What evidence indicates that light from the Sun is 
being absorbed by gases? Dl 

Apply and Extend 

(h) Under what circumstances will a sample of gas 
produce visible light? Bi 
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(i) Is the hydrogen spectrum produced in this 
investigation a continuous spectrum or a bright-line 
spectrum? E2I1 

(j) How do scientists use line spectra? Bi D 

(k) Describe a continuous spectrum, and explain how 
you could produce one in the lab. EH 

(l) Explain what is happening at the atomic level to 
produce (i) an absorption spectrum and (ii) an 
emission spectrum. BEI 


(m) Research the uses of gas tubes in lighting. What colours 
are the most common? What gases are used? ^ EZl D 

(n) Research fluorescent light bulbs. How is the 
concept of emission spectra used in fluorescent 
light bulbs? # DD D 

WEB LINK 




OBSERVATIONAL STUDY 


Simulation of Electron Orbitals 

Atomic orbitals are regions of space in an atom where 
there is a high probability of finding an electron of a 
certain energy. In this investigation, you will use an orbital 
simulator to study the properties of orbitals. 

Purpose 

To illustrate atomic models, demonstrate principles of 
quantum theory, and examine energy levels 

Equipment and Materials 

• computer with access to the Internet 

Procedure 

1. Go to the Nelson Science website, and run the 
simulation. # 


• Questioning • Planning • Anaiyzing 

• Researching • Controlling Variables • Evaluating 

• Hypothesizing • Performing • Communicating 

• Predicting • Observing 


(f) Draw each of the following orbitals: EBl B 

(i) 3s 

(ii) 3d 

(iii) 5/ 

(iv) 4p 

(g) (i) How do the sizes of Is and 2s orbitals compare? 
(ii) How does the energy of an electron in the Is 

orbital compare with the energy of an electron in 
the 2s orbital? EZD 

(h) (i) How do the 2s and 2p orbitals compare? 

(ii) How do the 2p^ and 2py orbitals compare? DD 


Analyze and Evaluate 

(a) Describe and draw the shapes of s, p, d, and/orbitals. 

(b) How many electrons does it take to fill the first energy 
level? How many does it take to fill the second energy 
level? DD 

(c) How many electrons, protons, and neutrons are in a 
stable neon atom? 

(d) Which quantum number determines the shape of the 
orbital? Which quantum number determines the size 
of the orbital? DD 

(e) Copy and complete Table 1 in your notebook. DD B 


Table 1 



n 

1 

m, 

3d 




6s 




7p 




5f 





(i) Which atom has full Is and 2s orbitals with half-filled 
2p^ and 2py orbitals? DD 

Apply and Extend 

(j) What happens to an atom when it is ionized? DID 

(k) What happens to an atom when it is radioactive? QID 

(l) What is a node? What is the probability of finding an 
electron at a node? BID 

(m) Which elements do not follow the electron 
configuration rules? BID 

(n) Does an electron in a 2s orbital have more energy 
than in a 2p orbital for a hydrogen atom? How do you 
know? BID 

(o) Does an electron in a 2s orbital have more energy 
than in a 2p orbital for a helium atom? How do you 
know? BID 

(p) Compare two orbitals with different principal quantum 
numbers (n) but the same secondary quantum number 
(/) and magnetic quantum number (m/). What are two 
specific differences befween them? BID 
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(q) As the central charge of the nucleus increases for higher 
atomic weight atoms, the actual size of the nucleus 
is still much smaller than the size of the orbitals 
containing the electrons. Compare a 2s electron and a 
4s electron in lithium and potassium. Give two reasons 
why it is easier to remove the 4s electron than the 2s 
electron from the atom. Use the simulation to help with 
your explanation. Remember to change the number of 
protons in the nucleus to account for the effect of the 
nuclear charge on the orbital. Da B 


(r) Draw 2 carbon atoms separated from one another by 
120 pm along the x-axis, with the y-axis in the same 
plane as the x-axis and the z-axis perpendicular to the 
plane. It is possible for the 2s orbitals of the carbon 
atoms to overlap and form a bond between them. 
What other orbitals can form a bond between the 
carbon atoms along the x-axis? Can any other bonds 
form? Illustrate using the simulation. DO B 


' CONTROLLED EXPERIMENT 


Paramagnetism 

Michael Faraday first investigated paramagnetism in 
the mid-1800s. At that time, no one knew what caused 
paramagnetism because electrons had not yet been 
discovered. Scientists now think that there is a connection 
between unpaired electrons and magnetism. This 
investigation will test this hypothesis. 

Testable Questions handbook *22 

(a) Which solids are paramagnetic? 

(b) How does the number of unpaired electrons affect the 
paramagnetic strength of metal salts? 

Hypothesis 

Formulate a hypothesis based on the testable questions. 

Variables 

Identify all major variables that will be measured and/or 
controlled in this investigation. Identify the manipulated 
and responding variables. 

Experimental Design 

In this investigation, you will determine which solids 
being tested are paramagnetic, both qualitatively and 
quantitatively, by using a magnet and a balance. 


Equipment and Materials 

• electronic balance 

• chemical safety goggles 

• 5 small test tubes with rims 

• stirring rod 

• thread 

• laboratory stand 

• clamp 

• horizontal bar 

• a very strong magnet, such as 

• small wooden block 


• Hypothesizing 

• Predicting 


• Planning 

• Controlling Variables 

• Performing 


• Anaiyzing 

• Evaluating 

• Communicating 


© 


o 


' 3.00 g each of the following solids: 

- calcium sulfate 

- aluminum sulfate © 

- copper(II) sulfate pentahydrate © 

- iron(II) sulfate heptahydrate 

- iron(III) chloride hexahydrate 

Aluminum sulfate and copper(ll) sulfate pentahydrate are 
both toxic and irritants. Avoid skin and eye contact. If you 
spill these chemicals on your skin, wash the affected area 
with plenty of cool water and inform your teacher. 

People who have allergies to any of the chemicals may have 
irritations of the eyes or skin. 


neodymium magnet 


Procedure 

Part A 

1 . Put on your safety goggles. 

2. Place 3.00 g of each solid into different test tubes. 
Label each test tube. 

3. Tie a thread around each test tube so that each may 
be suspended from a clamp on a laboratory stand. 

You will use this setup to measure any attraction each 
solid has toward a strong magnet. 

Part B 

4. Copy Table 1 into your notebook, including the given 
data. You will use the given data and data you collect 
in your analysis. 

5. An electronic balance will help you quantify the 
attraction of the metal salts to a strong magnet. Place 
the magnet on the wooden block, then place both 
objects on the balance. Set the balance to 0.00 g. 
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6. Clamp the test tube containing calcium sulfate to the 
laboratory stand 10 cm or higher above the magnet. 

7. Slowly lower the test tube and observe the mass 
reading on the balance. Record the mass on the 
balance just before the magnet makes contact with 
the test tube. Record your data. 

8. Repeat Steps 6 and 7 for the remaining test tubes 
containing metal salt samples. 


Observations 

Table 1 Mass Change in Magnetic Reid 


Ionic compound 

Am (g) 

CaS04(s) 


AhlSOJals) 


CuCI(s) 

0.00 

CuS04.5H20(s) 


NiS04.7H20(s) 

-0.22 

CoCl2-6H20(s) 

-0.47 

FeS04.7H20(s) 


FeCl3.6H20(s) 


MnS04.H20(s) 

-1.26 


Analyze and Evaluate 

(a) What variables were measured, recorded, and/or 
manipulated in this investigation? EZD 

(b) Which solids are paramagnetic? DD 

(c) How certain are you about the data obtained? Identify 
possible error sources or areas of uncertainty. BQ 

(d) Explain why some solids cause a zero change in the 
magnet’s mass while other solids cause a negative 
change in the magnet’s mass. DU 

(e) Create and complete another table with the following 
headings: Metal ion. Electron configuration of ion. 
Number of unpaired electrons. Molar mass of metal 
salt. Number of moles of metal salt. Mass reading 
decrease per mole. Di D 

(f) Use your data in (e) to draw a graph with the number 
of unpaired electrons on the x-axis and the decrease 
in mass per mole on the y-axis. Connect the points, 
and draw a single line of best fit. Em B 

Apply and Extend 

(g) What are some ways you could improve the quantity 
and quality of data you collected? Em D 
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SUMMARY 


Summary Questions 


1. Create a study guide based on the points listed in 
the margin on page 132. For each point, create three 
or four sub-points that provide further information, 
relevant examples, explanatory diagrams, or general 
equations. 


2. Look back at the Starting Points questions on page 132. 
Answer these questions using what you have learned 
in this chapter. Compare your latest answers with the 
answers that you wrote at the beginning of the chapter. 
Note how your answers have changed. 


Vocabulary 


electron (p. 134) 
radioactivity (p. 136) 
nucleus (p. 137) 
proton (p. 137) 
neutron (p. 137) 
isotopes (p. 138) 
atomic number (Z) (p. 138) 
mass number (/4)(p. 138) 
radioisotope (p. 138) 
photoelectric effect (p. 139) 
quantum (p. 140) 
photon (p. 141) 
spectroscopy (p. 143) 
emission spectrum (p. 144) 
continuous spectrum (p. 144) 


line spectrum (p. 144) 
transition (p. 146) 
ground state (p. 146) 
quantum mechanics (p. 148) 
orbital (p. 150) 

Heisenberg’s uncertainty principle (p. 150) 
wave function (p. 151) 
electron probability density (p. 151) 
quantum mechanical model (p. 151) 
quantum numbers (p. 153) 
shell (p.153) 

principal quantum number (/?) (p. 153) 
subshells (p. 153) 

secondary quantum number (/) (p. 154) 
magnetic quantum number {mi) (p. 154) 


spin quantum number (ms) (p. 157) 

Pauli exclusion principle (p. 157) 

electron configuration (p. 162) 

aufbau principle (p. 162) 

energy-level diagram (orbital diagram) (p. 163) 

Hund’s rule (p. 164) 

valence electron (p. 167) 

transition metal (p. 167) 

representative elements (p. 169) 

ferromagnetism (p. 171) 

paramagnetism (p. 171) 

laser (p. 174) 

Bose-Elnstein condensate (BEC) (p. 175) 
magnetic resonance imaging (MRI) (p. 175) 


Grade 12 Chemistry can lead to a wide range of careers. Some require a college diploma 
or a B.Sc. degree. Others require speciaiized or postgraduate degrees. This graphic 
organizer shows a few pathways to careers mentioned in this chapter. 

1. Select two careers related to Atoms that you find interesting. Research the 
educational pathways that you would need to follow to pursue these careers. What is 
involved in the required educational programs? Prepare a brief report of your findings. 

2. For one of the two careers that you chose above, describe the career, main duties 
and responsibilities, working conditions, and setting. Also outline how the career 
benefits society and the environment. 




)C. ^ II 


Certificate of Advanced Study (CAS)^ 


U CAREER LINK 
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SELF-QUIZ 


D Knowledge/Understanding Dl Thinking/Investigation 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. Rutherford’s classic experiment provided evidence for 
a nuclear atomic model when atoms in a thin sheet of 
gold foil scattered a beam of 

(a) cathode rays 

(b) alpha particles 

(c) X-rays 

(d) electrons (3.1) QQ 

2. Max Planck’s mathematical explanation of blackbody 
radiation required that he assume that 

(a) most of the atom’s mass is in a tiny part of its 
volume 

(b) electrons orbit the nucleus as planets orbit a star 

(c) electrons have several different energy levels 

(d) the energy of the vibrating atoms is quantized 
(3.1) m 

3. Which of the following statements is NOT part of 
Bohr’s model of the hydrogen atom? (3.2) QQ 

(a) the energy of an electron is quantized 

(b) the electron in the orbit nearest to the nucleus 
has the lowest energy 

(c) the energy of the electron is not quantized 

(d) the electron orbits the nucleus 

4. The contribution of Erwin Schrodinger to the 
quantum mechanical atomic model was 

(a) a theoretical prediction that particles exhibit wave 
properties 

(b) a theoretical principle that precision of 
measurement has an ultimate limit 

(c) an explanation of the photoelectric effect in terms 
of energy quanta 

(d) a mathematical description that treats electrons 
as standing waves (3.3) QID 

5. Which atom has the ground-state electron 
configuration of [Ne]3s^3p^? (3.5) m 

(a) magnesium 

(b) silicon 

(c) sulfur 

(d) argon 

6. Which of the following is NOT used to determine an 
electron configuration for an atom? (3.5) QQ 

(a) Hund’s rule 

(b) Heisenberg’s uncertainty principle 

(c) the Pauli exclusion principle 

(d) the aufbau principle 


7. Which of the following does NOT have an electron 
configuration ending with 3s^3p®? (3.5) QZS 

(a) chloride ion 

(b) sulfide ion 

(c) aluminum ion 

(d) calcium ion 

8. Quantum theory is used to explain 

(a) subatomic particles 

(b) nuclear physics 

(c) optics 

(d) all of the above (3.6) QID 

9. A nanometre is 

(a) one-billionth of a metre 

(b) one-billionth of a centimetre 

(c) one-millionth of a metre 

(d) one-millionth of a centimetre (3.7) QQ 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

10. A photon is a quantum of electromagnetic energy. 
(3.1) QQ 

11. When a sample of hydrogen gas receives a high- 
energy spark, the hydrogen molecules absorb energy. 
This energy causes the breaking of bonds, which leads 
to excess energy that is released and can be seen in an 
emission spectrum. (3.2) Qd 

12. The region in space where an electron is most likely 
to be found is called an energy level. (3.3) QQ 

13. The quantum mechanical model describes an electron 
as a standing wave. (3.3) 013 

14. The secondary quantum number refers to the shape 
of the atomic orbitals. (3.4) QQ 

15. The Pauli exclusion principle states that 2 electrons 
cannot occupy the same energy level. (3.4) QQ 

16. Electron configurations are often condensed by 
writing them using the previous noble gas core as a 
starting point. In this system, [Ar]3d^4s^ represents 
calcium. (3.5) QQ 

17. The noble gas electron configuration for the bismuth 
atom is [Xe]4/^^5d^“6p^. (3.5) Qa 

18. Nanotechnology is poised to become the largest and 
fastest-growing field of scientific study because it has 
diverse applications. (3.7) □□ 

I Go to Nelson Science for an online self-quiz. 

WEB LINK 
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REVIEW 


QIS Knowledge/Understanding ESI Thinking/Investigation 


Communication D Appiication 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. Which of the following is a use of radioisotopes? 
(3.1) Big 

(a) carhon dating 

(b) nuclear power 

(c) diagnosing medical conditions 

(d) all of the above 

2. Which of the following describes the spectrum that 
contains all of the wavelengths of visible light? (3.2) BQ 

(a) hydrogen emission spectrum 

(b) continuous spectrum 

(c) line spectrum 

(d) none of the above 

3. Which of the following models was developed to 
replace Bohr’s atomic model? (3.3) BB 

(a) quantum mechanics 

(b) theory of relativity 

(c) transition model 

(d) spectroscopy 

4. The orientation of an orbital in space relative to the 
other orbitals in the atom is defined by the 

(a) primary quantum number 

(b) spin quantum number 

(c) secondary quantum number 

(d) magnetic quantum number (3.4) BB 

5. Which of the following describes the aufbau 
principle? (3.5) BB 

(a) Each electron is added to the lowest energy 
orbital available. 

(b) The lowest energy configuration for an atom is 
the one with the maximum number of unpaired 
electrons. 

(c) No 2 electrons in the same atom can have the 
same set of four quantum numbers. 

(d) none of the above 

6. Which of the following are applications of quantum 
theory? (3.6) BB 

(a) improved medical diagnostic capabilities 

(b) new sources of power 

(c) cutting-edge materials 

(d) all of the above 


7. Which of the following is an application of 
nanotechnology? (3.7) BB 

(a) solar cells 

(b) surgical procedures 

(c) delivery of medicine to specific cells 

(d) all of the above 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

8. The chemical properties of an atom mainly results 
from its protons. (3.1) BB 

9. Energy is quantized and can only occur in discrete 
units. (3.1) BB 

10. Bohr’s atomic model is supported because it 
accurately describes most atoms. (3.2) BB 

11. It is impossible to determine the exact position of an 
electron. (3.3) BB 

12. Each atom has a unique ability to combine and can 
only combine in one way. (3.5) BB 

13. The position of an element in the periodic table 
indicates its energy properties. (3.5) BB 

14. Laser-beam light is monochromatic because lasers are 
designed to emit light of a specific wavelength. (3.6) BB 

15. Nanoparticles can be harmful to living organisms 
because they are so small. (3.7) BB 

Understanding 

Write a short answer to each question. 

16. Explain the relationship between the atomic number 
and the mass number of an element. (3.1) BB 

17. Explain what radioactivity means. (3.1) BB B 

18. What is the significance of the photoelectric effect? 
(3.1) BB 

19. Explain how experimental observations and 
influences made by Rufherford and Bohr contribufed 
fo fhe development of the planetary model of the 
hydrogen atom. (3.1, 3.2) BB 

20. Explain the difference between a continuous 
spectrum and a line spectrum. (3.2) BB 

21. What was the main flaw in Bohr’s atomic model? (3.2) Bl 
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22. The line spectrum for helium is shown in Figure 1(a), 
and the Hne spectrum for xenon is shown in Figure 1(b). 
Explain why there are so many more lines in the 
xenon spectrum than in the helium spectrum. Relate 
your answer to the quantum mechanical model of the 
atom. (3.2) QQ Em 



(a) 



Figure 1 

23. Are the line spectra in Question 22 absorption or 
emission spectra? How can you tell? (3.2) QID 

24. Draw a timeline showing the development of atomic 
theory from Democritus to the quantum mechanical 
model. Include the main scientists involved, and a brief 
statement of their contribution. (3.1, 3.2, 3.3) QQ B 

25. Compare and contrast an atomic orbit and an atomic 
orbital. Identify the atomic model(s) that used each of 
these terms. (3.3) QQ 

26. Compare and contrast energy levels in the Bohr 
model of the atom and in the quantum mechanical 
model. (3.2, 3.3) Qa 

27. (a) What is the lowest energy level that can have an 

s orbital? 

(b) What region of the periodic table is designated as 
the s region? 

(c) What groups of elements make up this region? 
(3.3) m 

28. Completely describe the orbitals found in the fourth 
energy level. How many electrons can be found in 

a full fourth energy level? Give an example of an 
element that has its valence electrons in the fourth 
energy level. (3.3) QID 


29. Calculate the maximum number of electrons in the 
energy levels with the following principal quantum 
numbers, n: (3.4) QID ESI 

(a) 1 (c) 3 

(b) 2 (d) 4 

30. According to quantum mechanics, why can we use 
the position of an element in the periodic table to 
predict its properties? (3.5) QID 

31. Draw an energy-level diagram for a potassium ion 
and a sulfide ion. Which noble gas atom has the same 
diagrams as these ions? (3.5) QID B 

32. Explain the difference between ferromagnetism and 
paramagnetism. (3.5) QID 

33. Give the atomic number, number of electrons, 
and electron configuration for the atom of each of 
the elements helium, boron, chlorine, neon, and 
phosphorus. (3.5) QID 

34. Write a complete ground-state electron configuration 
for each of the following atoms: (3.5) QID 

(a) Mg 

(b) Ar 

(c) O 

(d) Rb 

(e) Au 

35. Write a complete ground-state electron configuration 
for each of the following ions: (3.5) QQ 

(a) S^- 

(b) K+ 

36. Write a shorthand ground-state electron configuration 
for each of the following atoms: (3.5) QID 

(a) silicon 

(b) manganese 

(c) 73Ta 

(d) bromine 

(e) 98Cf 

37. Write a shorthand ground-state electron 
configuration for the common ion of each of the 
following atoms. State the charge on the ion. (3.5) QID 

(a) phosphorus 

(b) beryllium 

(c) nickel 

38. Write the shorthand electron configuration for each 
of the following atoms or ions: (3.5) QID 

(a) yttrium 

(b) antimony 

(c) barium ion 
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39. Draw energy-level diagrams representing the ground- 
state electron configuration for the atom of each of 
the following elements: (3.5) QQ B 

(a) Na 

(b) Kr 

40. Draw an energy-level diagram for a 

(a) potassium atom in the ground state 

(b) potassium atom in an excited state 

(c) potassium ion in the ground state 
Explain the connection between these three 
diagrams. (3.5) Bi B 

41. Identify the neutral elements that have the following 
electron configurations: (3.5) QIS EZD 

(a) ls^2s^2p^ 

(b) 15^25^ 

(c) lsW2p^3s^3p^ 

(d) lsW2p^3s^3p^ 

(e) ls^2s^2p^3s^3pHs^3£ 

42. Which subshell is highlighted in the periodic table in 
Figure 2? (3.5) 1219 


1 18 



Figure 2 

43. Explain the difference between multi-electronic atoms 
and hydrogen atoms in terms of electron interaction. 
(3.5) m 

44. Describe how the aufbau principle explains the 
structure of the periodic table of elements. (3.5) 1219 

45. Identify the following atoms or ions from their 
electron configurations: (3.5) 1219 B 

(a) atom A: ls^2s^2p®3s^3p®4s^3d^°4p^ 

(b) atom Z: ls^2s^2p^3s^3pHs^3d^°4p^5s^4d^°5p%s^4f^ 

(c) ion ls^2s^2p^3s^3p^4s^3d^°4p^ 

(d) ion D : ls^2s^2p®3s^3p®4s^3d'“4p®5s^4d^“5p® 

46. In your own words, explain Hund’s rule and how it is 
used in writing electron configurations. (3.5) 1219 


47. Use the concepts you learned in this chapter to 
describe or explain the following observations. Share 
your explanations with a classmate. Do you agree 
with each other? (3.5) 019 B D 

(a) Sodium is a very reactive metal. It reacts 
vigorously with water. Chlorine is a toxic gas. 
Sodium and chlorine react to produce inert 
sodium chloride (table salt). 

(b) Lithium produces a red flame when burned, but 
sodium produces a yellow flame. 

(c) Sodium chloride, NaCl(s), and silver chloride, 
AgCl(s), have similar empirical formulas. 

(d) The empirically determined formulas for the 
chlorides of tin are SnCl 2 (s) and SnCl 4 (s). 

48. State the number of valence electrons in each of the 
following neutral atoms, and state the orbitals in 
which they are found. (3.5) 019 

(a) element 20 

(b) O 

(c) element 117 

(d) In 

(e) Ar 

(f) Bi 

49. Energy-level diagrams and electron configurations are 
both ways of showing electron arrangements in the atom. 
State one advantage and disadvantage of each. (3.5) 1219 

50. One of your classmates missed the lesson relating 
electron configurations to the periodic table. Your 
classmate has asked you to explain the connection. 
Clearly describe how you can use the periodic table to 
predict an electron configuration. Use a list of steps, a 
series of diagrams, or some other format to illustrate 
your explanation. (3.5) 019 B 

51. One piece of evidence that supports the quantum 
mechanical model lies in the magnetic properties of 
matter. Atoms with unpaired electrons are attracted 
by magnetic fields and thus are said to exhibit 
paramagnetism. The degree to which this effect is 
observed is directly related to the number of unpaired 
electrons present in the atom. Consider the ground- 
state electron configurations for Li, N, Ni, Te, Ba, and 
Hg. Which of these atoms would be expected to be 
paramagnetic, and how many unpaired electrons are 
present in each paramagnetic atom? (3.5) QQ EBl 

52. Describe three applications of quantum technologies 
in daily life. (3.6) 1219 B 

53. Use a flow chart or a series of diagrams to explain 
how a laser works. (3.6) 1219 B B 
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Analysis and Application 

54. Rutherford’s gold foil experiment consisted of firing 
positively charged alpha particles at a thin sheet of 
gold metal. Describe the results that would have been 
obtained if 

(a) the nucleus were very large and took up most of 
the space in the atom 

(b) the alpha particles had a negative charge 

(c) the nucleus of the atom were negatively charged 

55. (a) What is the atomic symbol for an ion with 

63 protons, 60 electrons, and 88 neutrons? 

(b) An ion contains 50 protons, 68 neutrons, and 
48 electrons. What is its atomic symbol? (3.1) 

56. (a) Name 3 ions that are isoelectronic with a neutral 

krypton atom. 

(b) State the orbitals that lose or gain electrons when 
these atoms become ions. (3.5) [3I!I E21I 

57. One atom has 20 protons and a mass number of 44. 
Another atom has 20 protons and a mass number of 40. 
What is the identity of each of these atoms? How do you 
account for the difference in mass number? (3.1) QEl D 

58. Apply what you know about quantum mechanics to draw 
an orbital diagram of uranium. (3.2) OQ] D D 

59. A mining company notices an unidentified puddle of 
a substance, as seen in Figure 3 on the ground. What 
are some experimental techniques the chemists at 
the company could use to identify the substance? 



Figure 3 


60. Figure 4 is the line spectrum of the hydrogen atom. 

(3.2)I2IDEB1 

(a) Explain what each line represents. 

(b) Explain why a line spectrum is like a fingerprint. 


Figure 4 

61. Draw a Bohr-Rutherford diagram of an excited 
fluorine atom. (3.2) EZD QQ D 

62. In Section 3.3, an analogy was made comparing 
students to electrons to describe the orbital in an 
atom. Use your understanding of the atom to suggest 
another analogy for the orbital. (3.3) E2II B 

63. (a) Write the electron configuration for aluminum, 
(b) Use different colours to draw the orbitals 

surrounding the aluminum nucleus. Ensure 
that they are to scale. Include a colour key. 

64. Rutherford’s model is often referred to the solar 
system model of the atom. Use a Venn diagram to 
compare the solar system to Rutherford’s atomic 
model. (3.1) oigiiiiB 

65. Predict which of the following elements are 
paramagnetic. Justify your answer using electron 
configurations. (3.5) EZa 

(a) aluminum 

(b) beryllium 

(c) titanium 

(d) mercury 

66. Iron can form two common ions, Fe^’*' and Fe^’*'. Write 
the electron configuration of each ion, and explain 
why it forms. (3.5) E2i 

67. Write the electron configuration for a 

(a) calcium atom in the ground state 

(b) calcium atom in the excited state 

(c) calcium ion (3.5) DU B 

68. (a) In your own words, describe how to determine 

the electron configuration of an atom, using the 
periodic table as a guide. 

(b) Explain how the various theories introduced in 
this chapter help us write electron configurations. 

(c) Why are electron configurations important tools 
for chemists? (3.5) QQ DD 
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69. (a) Determine the atomic number for the element 

molybdenum. 

(b) Write the electron configuration for the 
molybdenum atom using the rules you learned in 
this chapter. 

(c) Compare the electron configuration for what you 
wrote in (b) with the one on the periodic table. 
Explain any differences. (3.5) Em 

70. (a) Explain why lead can form a 2+ or a 4+ ion. 

(b) Explain why nickel can form a 2+ or a 3+ ion. 

(3.5) Em 

71. Sodium metal and oxygen gas combine to form 
solid sodium oxide, Na20(s). Use the periodic table 
to predict the chemical formulas of the oxides of 
potassium, rubidium, and cesium. What periodic 
property of elements are you using to make your 
predictions? (3.5) Em 

72. Four iron(II) ions, Fe^^, are key components of 
hemoglobin, the protein that transports oxygen in 
the blood. Assuming that these ions are ^^Fe^'*', how 
many protons and neutrons are present in each 
nucleus and how many electrons are present in each 
ion? (3.5) QQ D 

73. Use the periodic table to invent a system of street 
addresses that would locate every element and specify 
its electron configurations. (3.5) Em B D 

74. Explain why laser light is monochromatic. 

(3.6) QQD 

75. Describe three apphcations of laser technology. (3.6) D 

76. Many schools have banned laser pointers. Give a 
possible reason for this decision. (3.6) B 

77. A doctor is concerned about a possible growth on 
the liver of one of your friends. The doctor suggests a 
diagnostic scan. (3.6) QQ B 

(a) Would you recommend an MRI, X-ray, or CAT 
scan? Explain your reasoning. 

(b) What are the possible problems associated with 
each type of scan? 

78. What are some of the dangers associated with the 
accidental release of nanoparticles into the air? 

(3.7) QQD 

79. What is the purpose of adding nanochemicals to 
fabric and textiles? (3.7) 013 B 

80. Nanoparticles have many potential uses. They are 
already being added to some materials used to make 
clothing. Design a flyer to advertise the positive attributes 
of material containing nanotubes. (3.7) B B 


81. Suggest ways in which nanotechnology could be used 
as a weapon. (3.7) B 

82. What could happen if a nano-cancer drug attacked 
the wrong cells? (3.7) B 

Evaluation 

83. (a) Describe Thomson’s experiment, his observations, 

and the conclusions he drew. 

(b) Explain how Thomson’s model was the first atomic 
model that allowed for ionization of atoms. 

(c) Some people draw Thomson’s model as shown 
in Figure 5. Describe what is wrong with this 
diagram. (3.1) OdEmB 



Figure 5 

84. Heinrich Hertz inadvertently discovered the 
photoelectric effect around 1887. Hertz was 
attempting to generate electromagnetic waves with 
induction coils. The result made radio, TV, radar, 
and microwave radiation possible. What impact did 
the discovery of the photoelectric effect have on the 
classical theory of light? (3.1) ESI B 

85. (a) A website uses the analogy of climbing a 

staircase to model the transition of electrons to 
different energy levels in an atom. Is this analogy 
appropriate? Explain your answer. 

(b) Is a computer simulation useful for testing the 
validity of the quantum/wave mechanical model 
of the atom? Give reasons for your answer. 

(3.2, 3.3) ESIB 

86. Form groups with your classmates. Critique the 
following experimental designs. Suggest better 
designs to meet each purpose. (3.2, 3.5) EBl B 

(a) A student uses a hand-held spectrometer to 
observe the visible and infrared spectrum of a 
gaseous element in a discharge tube. 

(b) A student uses a flame tesf fo identify a mixture. 

(c) To determine whether iron-fortified breakfast 
cereal contains solid iron, a student holds a 
magnet near the side of a box of the cereal. 

(d) To determine whether calcium metal is 
paramagnetic, a student suspends a solution of 
calcium sulfate in a test tube and holds a strong 
magnet near the tube. 
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87. Iron, nickel, and cobalt are strongly magnetic, whereas 
many elements located near them in the periodic table 
display only weak magnetic properties. (3.5) QID EBl 

(a) Explain why some elements display weak magnetic 
properties. Use diagrams to aid your explanation. 

(b) Explain why iron, nickel, and cobalt are more 
strongly magnetic than most elements. Use 
diagrams to aid your explanation. 

(c) What terms are used to describe the elements in 
(a) and (b)? 

88. List three or more examples of how medical diagnosis 
has benefited from an improved understanding of 
atomic structure. (3.6) D 

89. Give arguments for and against government support 
of research into atomic structure from at least three 
perspectives, such as economic, social, and scientific. 
(3.6) tag EH B 

90. (a) Use a graphic organizer to summarize the 

advantages and disadvantages of nanoparticles. 

(b) Do you think the work to develop new 

technologies associated with nanoparticles should 
be continued? Explain your reasoning. 

Reflect on Your Learning 

91. Consider the different topics you have studied in this 
chapter. Choose one that you feel has an important 
impact on your life. Write a one-page report about 
the topic and why it is important to you. What else 
would you like to know about this topic? B D 

92. How did the information you learned in this chapter 
affect your thinking about atomic theory? B D 

93. In what areas of your daily experience do you now see 
applications of quantum mechanics? B 

94. How does what you have learned in this chapter 
connect with what you learned in previous chemistry 
courses? BB 

Research web link 

95. Is it fair to state that everything there is to learn about 
quantum mechanics has been discovered? Use what 
you have learned in this chapter and further research 
to defend your position. EH D 

96. Many Canadian scientists have contributed to the 
field of atomic and molecular theory. Eor example, 
Robert J. LeRoy, of the University of Waterloo, 
developed the mathematical technique to determine 
the atomic radius of molecules, called the LeRoy 
radius. Research the LeRoy radius. EH B 

(a) What observation led to the LeRoy radius? 

(b) What is the m-dependent LeRoy radius? 


97. Select one of the physicists mentioned in this chapter, 
and research further contributions this physicist made 
to the study of quantum mechanics. Predict what this 
scientist might believe about the most recent discoveries 
and theories in this subject. Present your thoughts in 
a comic book, poster, or slideshow. EH B B 

98. Investigate possible commercial applications of 
Bose-Einstein condensates. Evaluate the feasibility of 
companies using the product. Present your findings 
in an advertisement, oral presentation, or written 
report. EHBB 

99. Science fiction is often based on real-hfe technology and 
theory. Research an example of science-fiction weapons 
and technology that are based on quantum mechanics. 
Some examples may include photon torpedoes, laser 
gims, and transporters. Use your understanding 

of modern atomic theory to describe any real 
scientific basis for the technology and to describe any 
fundamental flaws in the idea behind the technology. 
Present your findings in a poster or cartoon. EH B B 

100. You are the director of Health Canada and have been 
charged with developing policies regarding the use of 
nanotechnology in medicine production. Research the 
pros and cons of using the technology and develop a 
plan of acceptable practices for companies to foUow 
regarding the use of nanotechnology. Present your 
plan in a written executive summary. EH B B 

101. Research infrared spectroscopy. How does infrared 
spectroscopy help in forensic investigations? Present 
your findings in the form of a journal article, with an 
abstract. See Appendix A4. EH B B 


102. Research mass spectrometry and spectrophotometers 
(Figure 6). How has the use of mass spectrometry 
advanced our understanding of the structure of 
chemical entities? What social benefits are associated 
with such advances? EH B B 



Figure 6 
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Chemical Bonding 



How Does Chemical Bonding Help to Explain 
the Properties of Chemical Substances? 


KEY CONCEPTS 

After completing this chapter you will 
be able to 


• relate the periodic table and 
atomic theory to bonding 
theories 


• predict the type of bonding in a 
reaction product and describe 
the properties of the product 
that depend on bonding 

• predict the shapes of simple 
molecules and ions using the 
valence shell electron-pair 
repulsion (VSEPR) theory 

• draw diagrams of simple 
molecules and ions 


• expiain the nature of ionic, polar 
covalent, and non-polar covalent 
bonds 


• predict the type of solid (ionic, 
molecular, covalent network, 
metallic) formed by a given 
substance in a chemical 
reaction, and describe the 
properties of that solid 


explain how physical properties 
of a solid or liquid depend 
on the particles and the 
types of intermolecular and 
intramolecular forces 


Rocks, coal, soil, petroleum, trees, and the human body are all complex mix¬ 
tures of chemical compounds in different compositions. Chemical compounds 
are made up of 2 or more elements that are bonded together. Although there 
are substances in nature that consist of unbonded atoms, they are very rare. 
Two examples are unbonded argon gas atoms in the atmosphere and unbonded 
helium gas atoms that may be found mixed with natural gas reserves. 

The type of chemical bonds in a substance has a profound effect on the 
chemical and physical properties of the substance. For example, graphite and 
diamond both consist of only carbon atoms bonded together. Graphite is the 
soft, slippery material found in your pencil, whereas diamond is one of the 
hardest materials in existence. Why do these substances have such different 
properties? The answer lies in how the atoms are bound together. Graphite 
exists as sheets of carbon atoms that are bound together in a two-dimensional 
plane. When you write with a pencil, you are sliding sheets of carbon onto 
your paper. In diamond, the carbon atoms are arranged in a rigid, three- 
dimensional network. All the carbon atoms are continuously linked throughout 
the crystal, which makes diamond hard enough to drill through concrete. 

Scientists have recently discovered other carbon compounds with unique 
properties that make them useful for a variety of applications. For example, 
the image on the facing page is a model of cubane, a synthetic compound 
consisting of carbon atoms arranged in a cube-like formation. The bonds are 
highly strained, which makes cubane highly reactive. Gubane also has a very 
high density, so it can store large quantities of energy. For this reason, cubane 
shows promise as a fuel or an explosive that could be used to fuel airplanes 
and rocket boosters. 

How does chemical bonding affect humans? The work of enzymes during 
digestion, the transfer of genetic material during cell division, and the transport 
of oxygen throughout the body all depend on subtle differences in the structure of 
chemical entities to channel a chemical reaction one way as opposed to another. 

To understand how pure substances behave in chemical reactions, scien¬ 
tists try to understand how chemical bonds form and the factors that control 
their structures. In this chapter you will examine various types of pure sub¬ 
stances that illustrate the different types of chemical bonds. You will investi¬ 
gate theories that describe the structures and bonding characteristics of pure 
substances in nature. You will then have a better understanding of how the 
physical and chemical properties of various pure substances depend on dif¬ 
ferent types of chemical bonds. 


Answer the following questions using your current 
knowledge. You will have a chance to revisit these questions 
later, applying concepts and skills from the chapter. 

1. What types of forces hold atoms or ions together? 

2. (a) Are all chemical bonds the same? 

(b) How can you tell what type of bond exists between 
atoms or ions in a pure substance? 


3. Why do atoms or ions bond to each other? 

4. How do chemical bonds influence a compound’s 
properties? 

5. Give an example of how knowledge about chemical 
bonds can solve a real-world problem. 
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Mini Investigation 


Liquid Glue 

Skills: Performing, Observing, Analyzing, Communicating 

In this investigation, you will study interactions between some 
molecules. You will observe how different liquids interact with 
glass molecules. Then, you will interpret your observations in 
terms of the cohesive and adhesive forces of the materials. 
Equipment and Materials: 2 small glass Petri dishes; 2 flat 
glass plates; dishwashing liquid; vegetable oil 

1. Place a Petri dish, right side up, on one of the glass plates 
so that the flat surfaces of each one contact each other. 

2. Move the Petri dish in a circle, and lift it off the 
glass plate. 

3. Add dishwashing liquid to the giass plate until it is about 
2 mm deep, and repeat Steps 1 and 2. 

4. Obtain a new Petri dish and glass plate. Add vegetable oil 
to the glass plate until it is about 2 mm deep and repeat 
Steps 1 and 2. 


HANDBOOK L> 

5. Rinse each glass plate under a stream of warm tap 
water, and observe what happens to the dishwashing 
liquid and oil. 

A. Both the glass plate and the Petri dish are smooth 
objects. What happened when you moved the Petri 
dish in a circular motion and lifted it from the 
glass plate? EZi 

B. In Step 3, what effect did the dishwashing liquid 
have when you tried to lift the Petri dish off the 
glass plate? Ezn 

C. In Step 4, what effect did the vegetable oil have when 
you tried to lift the Petri dish off the glass plate? ebi 

D. When you rinsed each of the plates under warm water in 
Step 5, what did you observe? m 


Introduction 
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Types of Chemical Bonds 

With a few rare exceptions, everything that you can see, taste, or touch is made up 
of atoms or ions of elements connected to other atoms or ions hy chemical bonds. 
Chemical bonds hold the world as we know it together. What exactly is a chemical 
bond? In earlier science courses, you learned that a chemical bond is the electrical 
attraction that holds atoms or ions together in a molecular element or in an ionic 
or molecular compound (Figure 1). When bonds form, the atoms or ions that are 
joined function as a unit. Atoms combine to form molecular elements or compounds. 
Molecular elements are molecules that consist of atoms of the same element, such as 
nitrogen gas, NjCg). Molecular compounds comprise atoms of 2 or more different ele¬ 
ments. Finally, an ionic compound is a pure substance composed of 2 or more ions 
combined in a fixed ratio. 


ionic bond the electrostatic attraction 
between oppositeiy charged ions 




Figure 2 The crystal lattice structure 
of sodium chloride, (a) Ball-and-stick 
model. Note that, while not shown here, 
6 Ck ions surround each Na^ ion. (b) 
Representation of the ions as space¬ 
filling spheres. 









Vi' 




I 





Figure 1 Artist’s representation of chemical bonds that hold atoms together 

Ionic Compounds and Ionic Bonding 

When solid sodium, Na(s), and chlorine gas, Cl 2 (g), react to form solid sodium 
chloride, NaCl(s), a transfer of electrons occurs from the sodium atoms to the chlo¬ 
rine atoms to form sodium ions, Na^, and chloride ions, Cl“. The electron transfer 
occurs because chlorine atoms have a much higher electronegativity than sodium 
atoms, and hence have a very strong attraction for the sodium atoms’ single valence 
electron. The sodium and chloride ions now have opposite electric charges. As you 
know, oppositely charged objects attract each other. An ionic bond is a chemical bond 
between oppositely charged ions. Ionic compounds form when an atom that loses 
electrons relatively easily reacts with an atom that gains electrons relatively easily. 
Typically, an ionic compound results when a metal element reacts with a non-metal 
element to form positively charged and negatively charged ions that are held together 
by electrostatic attraction. 

The electrostatic attraction between positively charged sodium ions and negatively 
charged chloride ions creates a crystal lattice of sodium chloride, NaCl(s) (Figure 2). 
The chemical formula for sodium chloride, NaCl, is an example of a formula unit; It 
represents the smallest quantity of sodium chloride that has this chemical formula. 
The formula unit of sodium chloride indicates that sodium and chlorine ions com¬ 
bine in a 1:1 ratio. Note that crystal formation only occurs when a large number of 
positive and negative ions come together. This configuration is more stable than if 
the ions were separated into individual formula units. The ions in a crystal lattice are 
arranged so that attractions between opposite charges are maximized and repulsions 
between like charges are minimized (Figure 2(b)). 
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To illustrate the behaviour of electrons in ionic compounds, consider the ionic 
compound that forms from elemental calcium, Ca(s), and oxygen, 02 (g). You can 
predict the compound that will form by examining the valence electron configura¬ 
tions of both calcium and oxygen: 

Ca: [Ar]4s^ 

O: [He] 25^2/ 

Recall that the electron configurations of the noble gases are generally the most 
stable. Atoms and ions are more stable if they have the same number of electrons as 
the noble gas closest to them in the periodic table; that is, if they are isoelectronic with 
a noble gas. So, calcium would be more stable if it lost some electrons to become 
isoelectronic with argon (ls^2s^2p®3s^3p®). Similarly, oxygen would be more stable 
if it gained some electrons to become isoelectronic with neon (ls^2s^2p®). If calcium 
transfers 2 of its electrons to oxygen, both atoms can achieve a noble gas configu¬ 
ration for the electrons in their valence shells. The new electron configuration for 
oxygen now becomes the same as that of neon, because its valence orbital now has 8 
electrons. By losing 2 electrons, calcium achieves the electron configuration of argon. 
This configuration results in calcium also having 8 electrons in its valence orbital. 

Ca -f O —> Ca^^ + 

2e“ 

To predict the formula of the ionic compound, remember that chemical com¬ 
pounds are always electrically neutral. The number of positive charges balances the 
number of negative charges. In this case, both Ca^’*' and ions have equal but 
opposite charges. Therefore, the formula unit for calcium oxide is CaO. # web link 

Molecular Elements and Compounds, 
and Covalent Bonding 

When a metal and a non-metal react to form oppositely charged ions, an ionic bond 
develops. What kind of bond develops between 2 atoms that are similar, or even 
identical? Consider what happens when two hydrogen atoms move close together. 

Remember that a hydrogen atom has 1 proton and 1 electron. The attraction of 
each electron by the proton of the other hydrogen atom creates a force that pulls both 
atoms toward each other. When the hydrogen atoms are a certain optimum distance 
from each other, the attractive proton-electron force balances the repulsive proton- 
proton and electron-electron forces. The resulting hydrogen molecule is more stable 
and therefore has lower energy than the individual atoms that comprise it (Figure 3). 



H atom H atom H atom H atom 

Sufficiently far apart to As they move closer together, the electron cloud 

have no Interaction of one atom attracts the nucleus of the other atom 

(green arrows). The two electron clouds and 
nuclei repel each other (red arrows). 


(a) (b) 

Figure 3 The interaction of two hydrogen atoms as they move closer together, (a) When the atoms 
are far apart, they have no interaction, (b) The atoms begin to interact as they move closer to each 
other, (c) The atoms interact to form the Hj molecule at the distance that minimizes their energy. 


The type of bond that forms when atoms share electrons is called a covalent bond. 
These shared electrons are called bonding electron pairs. Covalent bonds typically form 
between atoms of non-metal elements. 


isoelectronic having the same number of 
electrons per atom, ion, or molecule 


H2 molecule 

Optimum distance to achieve 
lowest overall energy of system 


(c) 

covalent bond a chemical bond in which 
atoms share the bonding electrons 

bonding electron pair an electron pair 
that is involved in bonding, found in the 
space between 2 atoms 
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Figure 4 G.N. Lewis (1875-1946) 


Lewis structure a diagram that 
represents the arrangement of covalent 
electrons and bonds in a molecule or 
polyatomic ion 


duet rule the observation that the 
complete outer shell of valence electrons 
when hydrogen and period 2 metals are 
involved in bonding 


Lewis Theory of Bonding 

In 1916, Gilbert Lewis (Figure 4) provided the first straightforward view of chemical 
bonding. He gathered information about chemical formulas, valence electrons, and 
models of the atom in an attempt to understand chemical bonds. From the data he 
collected, Lewis made predictions about the nature of bonding in what is now known 
as the Lewis theory of bonding. Ideas from this theory include the following: 

• Atoms and ions are stable if they have a full valence shell of electrons. 

• Electrons are most stable when they are paired. 

• Atoms form chemical bonds to achieve a full valence shell of electrons. 

• A full valence shell of electrons may be achieved by an exchange of electrons 
between metal and non-metal atoms. 

• A full valence shell of electrons may be achieved by the sharing of electrons 
between non-metal atoms. 

• The sharing of electrons results in a covalent bond. 

Lewis Structures 

Based on his theory, Lewis drew structures to represent pure substances. A Lewis 
structure shows the arrangement of electrons and bonds in a molecule or polyatomic 
ion. After making observations of thousands of pure substances, chemists have 
identified rules for drawing Lewis structures. As you have already learned, the most 
important requirement for the formation of a stable substance is that the participating 
atoms are isoelectronic with noble gases. Hydrogen, in the first period of the peri¬ 
odic table, follows the duet rule: a hydrogen atom forms stable configurations when it 
shares 2 electrons, represented by dots, to obtain a full valence shell (Figure 5). 

H + H —> H:H 

Figure 5 Two hydrogen atoms combine to form the Hg molecule. 

In this manner, hydrogen atoms become isoelectronic with helium atoms 
(Figure 6). A helium atom has 2 valence electrons so its valance shell is already 
full (Is^). Consequently, helium does not form bonds. 


He: 

Figure 6 Lewis symbol of a helium atom. A Lewis symbol shows the valence electrons in an atom 
of each element. Lewis symbols (of atoms) are used to draw Lewis structures (of pure substances). 


octet rule the observation that many 
atoms tend to form the most stable 
substances when they are surrounded by 
8 electrons in their valence shells 


Atoms of non-metals in period 2 of the periodic table (carbon through fluorine) 
form stable configurations when they obey the octet rule. The octet rule states that 
many atoms form the most stable substances when they are isoelectronic with neon. 
Neon, a noble gas, does not form bonds because each neon atom already has an octet 
of valence electrons (Figure 7). 


:Ne: 

Figure 7 Lewis symbol of a neon atom 

In atoms of period 2 non-metals, the valence shell consists of the single 2s and 
three 2p orbitals. Each orbital can hold at most 2 electrons, so 8 electrons fill the 
valence shell. For example, the F 2 molecule has a total of 8 valence electrons sur¬ 
rounding each atom (Figure 8). Each fluorine atom is now isoelectronic with neon. 

:F' —> :F:F: <— -F: 

Figure 8 An atom of fluorine has 7 electrons in its valence shell. If it shares one electron with 
another fluorine atom in a fluorine molecule, each atom will have a total of 8 valence electrons, and 
become isoelectronic with neon. 


196 Chapter 4 • Chemical Bonding 



Even though each fluorine atom shares 1 of its electrons with the other fluorine 
atom in F 2 , it also has 3 pairs of electrons that are not involved in bonding. Pairs of 
electrons that do not participate in chemical bonds are called lone electron pairs. 

Follow the steps below to draw Lewis structures. 

Steps for Drawing Lewis Structures 

1 . Identify the central atom, which is usually the element with the highest bonding 
capacity. Write the symbol for the central atom, then arrange the symbols of the 
atoms for the rest of the elements in the pure substance around it. 

2. Add up the number of valence electrons available in an atom of each of the ele¬ 
ments. This number represents the total number of electrons (dots) you will 
draw in your Lewis structure. If the structure is a polyatomic ion, add 1 electron 
for each unit of negative charge, or subtract 1 for each unit of positive charge. 

3. Place 1 pair of electrons between each adjacent pair of atoms. Every 2 of these 
dots represent a bonding electron pair that forms a single covalent bond. 

4. Place pairs of the remaining valence electrons as lone pairs on the surrounding 
atoms (not the central atom). Follow the duet rule for hydrogen atoms and the 
octet rule for all other atoms. 

5. Determine how many electrons are still available by subtracting the number 
of electrons you have used so far from the total number of valence electrons. 

6. Place the remaining electrons on the central atom in pairs. 

7. If the central atom(s) does not have a full octet, move lone pairs from the sur¬ 
rounding atoms into a bonding position between those atoms and the central 
atom until all octets are complete. 

8. If the surrounding atoms have complete octets and there are electrons 
remaining, add these electrons as lone pairs onto the central atom(s). Check 
the finished structure. All atoms (except hydrogen) should have a complete 
octet, counting shared and lone pairs to complete the Lewis structure. If you 
are representing a polyatomic ion, place square brackets around the entire 
structure and write the charge outside the brackets. 

You can write the structural formula of a molecule or polyatomic ion based on a 
Lewis structure. Remove the dots representing the lone electron pairs, and replace the 
dots representing bonding electron pairs with solid lines to represent covalent bonds. 
Use double or triple lines for double or triple bonds. 


Tutorial 1 Drawing Lewis Structures 


In this Tutorial, you will practise drawing Lewis structures for various substances 
containing elements from the first two periods of the periodic table. You will also write 
structural formulas for substances based on their Lewis structures. 

Sample Problem 1: Drawing a Lewis Structure for a Molecule 
Methanal, or formaldehyde, is a gas with a distinct odour. Formaldehyde is used in the 
production of cosmetics, pharmaceuticals, and textiles (Figure 9). The chemical formula 
of this molecule is HjCO. Draw the Lewis structure and then write the structural formula 
for this molecule. 

Solution 

step 1. Identify the central atom, which is the element with the highest bonding capacity. 

Write the symbol for the central atom, then arrange the symbols of the atoms for 
the rest of elements in the substance around it. 

The central atom for methanal is carbon. 

H 

C O 

H ^ 


lone electron pair a pair of valence 
electrons that is localized to a given atom 
but not involved in bonding 



Figure 9 Formaldehyde may be used to 
make fibres wrinkle-resistant, such as 
this permanent-press acetate cloth. 
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step 2. Add up the number of valence electrons available In an atom of each of the 
elements. This number represents the total number of electrons (dots) you will 
draw in your Lewis structure. Since methanal is not a polyatomic ion, you do not 
need to make changes to this number to compensate for charge. 

1 C atoms: 1(4e“) = 4e“ 

2 H atoms: 2(1 e“) = 2e“ 

1 0 atoms: 1(6e“) = 6e“ 

Total: 12e“ 

Step 3. Place 1 pair of electrons between each adjacent pair of atoms to represent the 
bonding electron pairs. Record the total number of electrons available and the 
number of electrons used so tar. 

H 

;c:o 

H‘ 


Start: 12e“ 

Used: 6e“ 

Step 4. Place pairs of the remaining valence electrons as lone pairs on the surrounding 
atoms (not the central atom). Follow the duet rule for any hydrogen atoms and 
the octet rule for all other atoms. 

H .. 

;C:0: 

H' ■■ 

Step 5. Determine how many electrons are still available by subtracting the number of 
electrons you have used so far from the total number of valence electrons. 

Start: 12e“ 

Used: 12e“ 

Remaining: 12e“ - 12e“ = 0e“ 

Step 6. Place the remaining electrons on the central atom(s) in pairs. 

There are no remaining electrons in this case. 

Step 7. If the central atom(s) does not have a full octet, move lone pairs from the 

surrounding atoms into a bonding position between those atoms and the central 
atom until all octets are complete. 

H 

:c::d; 

H' 


Step 8. If the surrounding atoms have complete octets and there are electrons 

remaining, add these electrons as lone pairs onto the central atom(s). Check 
the finished structure. All atoms (except hydrogen) should have a complete 
octet, counting shared and lone pairs. This is not a polyatomic ion, so no square 
brackets are needed. Your Lewis structure is therefore complete. 

Step 9. To draw the structural formula, remove the dots representing the lone pairs. 

Replace the dots representing bonding electron pairs with solid lines to represent 
covalent bonds. Use double or triple lines for double or triple bonds. 


Methanal is a neutral molecule. You therefore do not need to represent a charge, 
so your structural formula for methanal is complete. 
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Sample Problem 2: Drawing a Lewis Structure for a Polyatomic Ion 
Sodium nitrate, NaNOj, is a versatile compound used in many products, such as fireworks, 
pottery enamel, and even as a preservative in smoked meats (Figure 10). It contains the 
polyatomic ion called nitrate, NOj". Draw the Lewis structure and the structural formula for 
nitrate. 

Solution 

step 1. Identify the central atom and write its symbol. Then, arrange the symbols of the 
atoms for the rest of elements around it. 

Nitrogen is the central atom. 

O N O 
O 

Step 2. Add up the number of valence electrons available in each of the atoms. This 
number represents the total number of electrons (dots) you will draw in your 
Lewis structure. If the structure is a polyatomic ion, add 1 electron for each unit 
of negative charge, or subtract 1 for each unit of positive charge. 

1 N atom: 1(5e“) = 5e“ 

3 0 atoms: 3(6e“) = 18e“ 
charge = 1e“ 

Total: 24e“ 

Step 3. Place 1 pair of electrons between each adjacent pair of atoms to represent the 
bonding electrons. 

0:N:0 

O 

Start: 24e“ 

Used: 6e“ 

Step 4. Place pairs of the remaining valence electrons, or lone pairs, on the surrounding 
atoms, following the duet rule or octet rule appropriately. 

:0:N:0: 

Step 5. Determine how many electrons are still available. 

Start: 24e“ 

Used: 24e“ 

24e“ - 24e“ = 0e“ left 

Step 6. There are no remaining electrons to place on the central atom. 

Step 7. The central N atom has an incomplete octet. Move a lone pair on one oxygen 
atom to between nitrogen and oxygen. 

;6::N:0: 

: 0 :" 

Step 8. There are no electrons remaining. Since you are representing a polyatomic ion, 
place brackets around the entire structure and write the charge outside the brackets. 
Your Lewis structure is now complete. 



Figure 10 Sodium nitrate is used in the 
curing of smoked meat. This compound 
slows the growth of bacteria, extending 
the shelf life of the product. Sodium 
nitrate also occurs naturally in some 
vegetables. For example, 1 kg of celery 
contains about 1 g of sodium nitrate. 


■6::N:0^ 
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Figure 11 Boron trifluoride gas is used 
to improve the quality of aluminum 
casts, such as those used to make 
automobile parts. 


simplified Lewis structure a Lewis 
structure in which bonding electron pairs 
are represented by solid lines and lone 
electron pairs by dots 


Step 9. Remove the dots representing lone electron pairs, and replace the dots 
representing bonding electron pairs with solid lines. 

ro=N—di “ 

L o J 

Your structural formula for the nitrate ion is now complete. 

Practice 

1. Draw the Lewis structure and the structural formula for each of the 
following molecules: Baa 

(a) NBrj 

(b) CF4 

(c) N2 

(d) C2H4 

2. Draw the Lewis structure and the structural formula for each of the 
following polyatomic ions: Di a 

(a) POa^- 

(b) CN- 

(c) NO2- 

(d) CIQ- 


Exceptions to the Octet Rule 

When drawing Lewis structures for molecules, hydrogen atoms always obey the duet 
rule, and carbon, nitrogen, oxygen, and fluorine atoms (and other halogens) obey 
the octet rule in all circumstances. However, there are exceptions to the octet rule. 
The first exception applies to molecules with central atoms that are surrounded by 
fewer than 8 electrons. These central atoms are said to have underfilled octets. The 
second exception applies to molecules with central atoms that are surrounded by 
more than 8 electrons. These central atoms are said to have overfilled octets. 

Boron forms compounds in which the boron atom has fewer than 8 electrons 
around it. The boron atom therefore has an underfilled octet. Boron trifluoride, BF3, 
is a gas at normal temperatures and pressures (Figure 11). It reacts very energetically 
with molecules such as water and ammonia, which have lone pairs of electrons that 
do not participate in a chemical bond. The boron atom has 3 valence electrons, and 
each fluorine atom has 7 valence electrons. Therefore, boron trifluoride has a total of 
24 valence electrons (Figure 12). 


:F: 

:F:B:F: 

Figure 12 The Lewis structure for boron trifluoride 

In this structure, each fluorine atom has 3 lone pairs of electrons, which total to 18 
electrons. The remaining 6 electrons surround the boron atom, causing it to be elec¬ 
tron deficient. The reactivity of boron trifluoride with electron-rich molecules such 
as water and ammonia, NHj, occurs because the boron atom is electron deficient. 

The molecule that forms from the reaction of boron trifluoride with ammonia has 
the chemical formula H3NBF3. Figure 13 shows the reactants and products of this 
reaction using simplified Lewis structures. In a simplified Lewis structure, dots repre¬ 
senting bonding electron pairs are replaced by solid lines and any dots representing 
lone electron pairs are kept. In the H3NBF3 molecule, the boron atom obtains an octet 
of electrons. 
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H\ F: F: 

H—N: + B —F: —> H —N—B —F: 

/ \." / \." 


Figure 13 Simplified Lewis structures showing the formation of H3NBF3 


Some atoms can exceed the octet rule (have an overfilled octet). These atoms use 
nearby vacant d orbitals to exceed their octet. Therefore, you do not observe this 
behaviour for elements in periods 1 or 2 of the periodic table. An example of an atom 
exceeding the octet rule is the sulfur atom in sulfur hexafluoride, SFg. A space-filling 
model shows the relative sizes of the atoms and their relative orientations in three- 
dimensional space. Figure 14 shows a space-filling model of sulfur hexafluoride. 
Sulfur hexafluoride is a very stable molecule. The sum of the valence electrons in this 
unusual molecule is as follows: 

1 S atom: l(6e") = 6e“ 

6 F atoms: 6(7e“) = 42e“ 

Total valence electrons: 6e“ + 42e“ = 48e“ 

Figure 15 shows the arrangement of electrons around the sulfur atom in sulfur 
hexafluoride. 



Figure 15 The sulfur atom in a sulfur hexafluoride molecule has an overfilled octet. 


space-filling model a model of a 
molecule showing the relative sizes of the 
atoms and their relative orientations 


SFe 

Figure 14 A space-filling model of a 
molecule of SFg 


Notice in Figure 15 that 12 electrons form the S-F bonds. The total number of 
valence electrons is 48, so there are 36 electrons unaccounted for. Since fluorine 
afoms always follow the octet rule, you can complete the octet for each of the 6 fluo¬ 
rine atoms to give the Lewis structure shown in Figure 16. 



Figure 16 Lewis structure of a sulfur hexafluoride molecule 


This structure uses all 48 valence electrons for sulfur hexafluoride, buf fhe sulfur atom 
has 12 electrons around it, which exceeds the octet rule. How is this possible? 

To answer this question, consider the types of valence orbitals that are available 
for second- and third-period elements. The second-period elements have 2s and 2p 
valence orbitals. The third-period elements have 3s, 3p, and 3d orbitals. As you examine 
the electron distribution of the atoms in the third period, notice that as you move 
across the periodic table from sodium to argon, the 3s and 3p orbitals fill wifh electrons 
but the 3d orbitals remain empty. The valence orbital diagram for a sulfur atom is 
3d 


3p 


3s 


The sulfur atom in a sulfur hexafluoride molecule can have 12 electrons in its 
valence shell by using the 3s, 3p, and 3d orbitals. 
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Drawing Simplified Lewis Structures of Molecules 
That Are Exceptions to the Octet Rule 


In this Tutorial, you will draw simplified Lewis structures for molecules that contain atoms 
that have underfilied or overfilied octets. 

Sample Problem 1: Molecules with Underfilled Octets 

Beryllium forms compounds in which the beryliium atom has fewer than 8 electrons 

around it. Draw the simplified Lewis structure for a molecule of beryllium chloride, BeClj. 

Solution 

step 1 . Identify the central atom, and write its symbol. Then, arrange the symbols of the 
atoms for the rest of the elements in the molecule around it. 

Cl Be Cl 

Step 2. Count all the valence electrons for all the atoms in the molecule. The total 
represents the total number of electrons (dots) you will draw in your Lewis 
structure. 

1 Be atom: 1(2e“) = 2e“ 

2 Cl atoms: 2(7e“) = 14e“ 

Total: 16e“ 

Step 3. Place 1 pair of electrons between each adjacent pair of atoms, forming single 
covalent bonds. 

Cl:Be:Cl 

Step 4. Place pairs of the remaining valence electrons as lone pairs on the surrounding 
atoms, following the duet rule or octet rule as appropriate. 

:Cl:Be:Cl: 

Step 5. Determine the number of electrons still available. 

Start: 16e- 
Used: 16e“ 

16e“ - 16e“ = 0 e“ left 

Step 6 . Place the remaining electrons on the central atom(s) in pairs. 

There are no remaining electrons. 

Step 7. The central Be atom has an incomplete octet. You could move 1 lone pair of 

electrons from each chlorine atom to complete the octet for the beryllium atom. 
However, since you know that the beryllium atom will be underfilled when it 
forms a compound, the Lewis structure of beryllium chloride is best represented 
as the following: 

:Cl:Be:Cl: 

Step 8 . There are no electrons remaining, so the Lewis structure for beryllium chloride is 
complete. 

Step 9. Replace the dots between atoms with lines to represent bonds to simplify the 
Lewis structure. 

:C1 —Be—Cl: 
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Sample Problem 2: Molecules with Overfilled Octets 

Phosphorus forms molecular compounds in which the phosphorus atom shares more 

than 8 electrons. Draw the simplified Lewis structure for a molecule of phosphorus 

pentachloride, PCI5. 

Solution 

step 1. Identify the central atom and write its symbol. Then, arrange the symbols of the 
atoms for the rest of the elements in the molecule around it. 

Cl 

Cl p Cl 
Cl Cl 

step 2. Count all the valence electrons for all the atoms in the molecule. The total 

represents the total number of electrons (dots) to draw in your Lewis structure. 

1 P atom: 1(5e“) = 5e“ 

5 Cl atoms: 5(7e“) = 35e“ 

Total: 40e“ 

Step 3. Place 1 pair of electrons between each adjacent pair of atoms, forming single 
covalent bonds. Draw 1 pair of electrons between each chlorine atom and 
phosphorus atom. You will have a total of 10 electrons around the phosphorus 
atom. Since you know that the phosphorus atom is overfilled, you can accept this 
arrangement. 

Cl 

Cl ; p- .. Cl 
Cl' 'ci 

step 4. Place pairs of the remaining valence electrons as lone pairs on the surrounding 
atoms, following the duet rule or octet rule as appropriate. 

:C1: 

•ci ^ P ^ Cl• 

•.'ci.' ’.Cl'; 

step 5. Determine the number of electrons still available. 

Start: 40e“ 

Used: 40e“ 

40e“ - 40e“ = 0e“ left 

Step 6. Place the remaining electrons on the central atom(s) in pairs. 

There are no remaining electrons. 

Step 7. Each chlorine atom has a full octet and the phosphorus atom is overfilled, so you 
do not need to move any electrons. 

Step 8. There are no electrons remaining, so the Lewis structure for phosphorus 
pentachloride is complete. 

Step 9. Replace the dots between atoms with lines to represent bonds to simplify the 
Lewis structure. 

:a: 

•ci--i,-ci' 

\a. )c\: 
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Practice 

1. Draw the simplified Lewis structure for each of the following molecules, on b 

(a) ICI5 

(b) RnCIs 

2. Draw the simplified Lewis structure for each of the following: ebi b 

(a) CIF3 

(b) NO+ 

(c) ICI4- 


Coordinate Covalent Bonding 

When 2 hydrogen atoms form a covalent bond, each hydrogen atom donates 1 elec¬ 
tron to form the bond. However, sometimes the covalent bond that forms between 
2 atoms involves 2 electrons donated by a single atom. This type of bond is called a 
coordinate covalent bond a covalent coordinate covalent bond. One example of this type of bond occurs in the ammonium 

bond in which the electrons involved in ion, NH 4 ^. In this ion, the nitrogen atom contributes 5 electrons, and the 3 hydrogen 

bonding are from one atom atoms each contribute 1 electron to the structure. A single covalent bond forms 

between the nitrogen atom and each of the 3 hydrogen atoms to form a molecule of 
ammonia, NHj. Thus, 2 valence electrons of the nitrogen atom do not participate in 
bond formation. When a hydrogen ion, H'*', interacts with a molecule of ammonia, 
it forms a covalent bond with this remaining electron pair (Figure 17). Both of the 
electrons that make up this covalent bond come from the nitrogen atom. 


H—N—H + H+ 

I 

H 


H 

H:N:H 

H 


Figure 17 Lewis structures of the reaction between ammonia and a hydrogen ion to form the 
ammonium ion 


Aluminum chloride can exist in two forms, given by the formulas AICI3 and 
AljClg. The molecule AI 2 CI 6 has a coordinate covalent bond. A molecule of AI 2 CI 6 
forms from 2 molecules of AICI3. A Lewis structure of AICI3 reveals that the alu¬ 
minum atom does not have an octet of valence electrons. Both sets of the electrons 
involved in the coordinate covalent bonds come from chlorine atoms (Figure 18). 



•.Cl 

•PI 




cf: 

pi- 


Figure 18 Simplified Lewis structures of the reaction between two molecules of AICI3 to form AljClg 
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Review 


Summary 

• Chemical bonds hold atoms together to form molecules and 
ionic compounds. 

• Chemical bonds form when a group of atoms has a lower total energy. 

• Noble gas configurations of atoms are generally the most stable. 

• The two main types of chemical bonds are ionic and covalent bonds. 

• Lewis structures can be used to represent molecules and polyatomic ions. 

• Most Lewis structures contain atoms that obey the octet rule or the duet rule 
(for the hydrogen atom). 

• There are exceptions to the octet rule in which the central atom has an 
underfilled or an overfilled octet. 

• A coordinate covalent bond is a covalent bond in which the electrons involved 
in bonding are from one atom. 


7 


Questions 


1. Carbon tetrafluoride gas, CF4(g), is used as a 
refrigerant. It is very stable when released into the 
atmosphere and is a known potent greenhouse 
gas. Calcium fluoride, CaF2(s), is the main source 
of the world’s supply of fluorine. It is used in the 
production of specialized lenses and window 
materials. BQ 

(a) Describe the bonding in a molecule of carbon 
tetrafluoride. 

(b) Compare and contrast the bonding of carbon 
tetrafluoride and calcium fluoride. 

2. Some plant fertilizers contain the following 
compounds: ammonium sulfate, (NH4)2S04; 
calcium phosphate, Ca3(P04)2; potassium oxide, 
K2O; diphosphorus pentoxide, P2O5; and potassium 
chloride, KCl. BIS 

(a) Which compounds contain ionic bonds? 

(b) Which compounds contain covalent bonds? 

(c) Do any compounds contain both ionic and 
covalent bonds? Explain how this is possible. 

3. Aluminum metal is produced by heating aluminum 
oxide, Al203(s), and other substances to almost 
1000 °C until the mixture melts. Molten aluminum 
oxide is an excellent conductor. An electric current 
passed through liquid aluminum oxide can provide 
the electrons needed to convert the aluminum 
ions to neutral metal atoms. Explain the following 
properties of aluminum oxide in terms of ionic 
bonding: BIS 

(a) its high electrical conductivity when molten 

(b) its high melting point 


4. Draw Lewis structures for each of the following 
molecules or polyatomic ions. State whether they obey 
the octet rule and if any coordinate covalent bonds 
form. In each case, the first atom fisted is the central 
atom. BISB 

(a) POCI3 

(b) SO42- 

(c) P04^- 

(d) CIO4- 

5. An exception to the octet rule is a central atom with 
fewer than 8 valence electrons. Beryllium hydride, 
BeH2, and borane, BH3, are both examples. Draw the 
Lewis structures of these 2 molecules. BIS B 

6. Common exceptions to the octet rule are 
compounds and polyatomic ions with central 
atoms having more than 8 electrons around them. 
Phosphorus pentafluoride, PF5; sulfur tetrafluoride, 
SP4; xenon tetrafluoride, XeF4; and tri-iodide ion, 

13“, are all examples of exceptions to the octet 
rule. BISB 

(a) Draw the Lewis structures of these substances. 

(b) For which elements in these substances can the 
atoms have more than 8 electrons around them? 

(c) How can the atoms of the elements you 
identified in Part (b) be surrounded by more 
than 8 electrons? 

7. A classmate does not understand the concept of 
coordinate covalent bonding. Make up and write an 
analogy to help him or her understand. EBl B 
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three-dimensional structure the three- 
dimensional arrangement of ions or atoms 
making up a pure substance 



Figure 1 A queen bee secretes 
a chemical that the worker bees 
immediately recognize. This chemical 
prevents the worker bees from 
competing against the queen bee. 


valence shell electron-pair repulsion 
(VSEPR) theory a method to determine 
the geometry of a molecule based on the 
idea that electron pairs are as far apart as 
possible 


electron-pair repulsion the repulsive 
force that occurs between electron pairs, 
causing them to be positioned as far apart 
as possible in a molecule 


Three-Dimensional Structure 

Chemical bonds play an important role in determining the nature of various substances. 
So does the three-dimensional structure. The three-dimensional structure of a substance 
refers to the arrangement in three dimensions of atoms that the substance comprises. 
Three-dimensional structure often helps determine how the pure substance will behave 
in chemical reactions. It also influences interactions with other substances, especially in 
biological systems, where reactions have to be efficient and highly specific. 

For example, enzymes, an important group of molecules in living organisms, 
interact with other molecules primarily based on molecular shape (molecular geometry). 
Enzymes and the molecules they act on interact in a manner similar to locks and 
keys. You cannot use just any key to open a lock. The ridges and shape of the key 
must be complementary to the shape of the inside of the lock. Receptor proteins on 
the surfaces of cells function very much like a lock. A specific molecule, such as a 
hormone or a neurotransmitter, must fit perfectly in the receptor pocket before it will 
signal the cell interior. At the cellular level, communication, growth, defence, and 
differentiation all ultimately depend on molecular shape. Beyond the cellular level, 
entire organisms can communicate through a process called semiochemical commu¬ 
nication, where chemicals act as messengers to relay information from one organism 
to another. For example, queen bees secrete a unique chemical, or pheromone, to 
prevent worker bees from rebelling (Figure 1). (# web link 

The VSEPR Theory 

Many sophisticated and highly accurate methods, such as X-ray crystallography 
and nuclear magnetic resonance (NMR) spectroscopy, exist for determining three- 
dimensional structure. We must use these methods when we need precise informa¬ 
tion about a molecules structure, but they require lengthy experiments and expensive 
equipment. However, you can predict the approximate structure of a molecule or 
ionic compound using the valence shell electron-pair repulsion (VSEPR) theory. The main 
idea behind the VSEPR theory is that you can determine the structure armmd an atom 
by minimizing the repulsive force between electron pairs. Remember that electrons are 
all negatively charged and, thus, repel each other. Atoms can share electron pairs in a 
covalent bond (bonding electron pairs), and can also have lone electron pairs that do not 
participate in chemical bonds. You saw examples of this in the previous section when 
you drew Lewis structures. According to VSEPR theory, bonded and lone pair electrons 
position themselves as far apart as possible in a molecule to minimize the repulsive forces 
between them, a concept called electron-pair repulsion. 

To illustrate VSEPR theory, consider beryllium chloride, BeCl2. Beryllium chlo¬ 
ride is a rather unusual substance. It is a molecule, not an ionic compound. Although 
covalent bonds typically occur between atoms of non-metals, in beryllium chloride 
covalent bonds occur between a metal atom and a non-metal atom. You will learn 
more about how this happens in Section 4.6. Beryllium chloride can be represented 
by the following structural formula and ball-and-stick model: 

Cl-Be-Cl 



Note that there are 2 bonding electron pairs around the beryllium atom. What geo¬ 
metric arrangement of these electron pairs allows them to be as far apart as possible 
to minimize the repulsive forces between them? The best arrangement is to place the 
electron pairs on opposite sides of the atom, or 180° apart. 

180° 

Now that you have determined the optimal arrangement of the electron pairs around 
the central atom, you can specify the three-dimensional structure of beryllium 
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chloride. Since the heryllium atom shares each bonding electron pair with a chlorine 
atom, the molecule has a linear structure with a 180° bond angle. 

Cl^^B^Cl 

180° 

Next, consider boron trifluoride, BF 3 , which can be represented by the following 
simplified Lewis structure. 

:F: 

.. I .. 

:F—B—F: 


In this Lewis structure, 3 bonding electron pairs surround the boron atom. What 
arrangement will minimize electron-pair repulsion? The bonding electron pairs are 
the farthest apart at angles of 120 ° in a two-dimensional plane. 


kl20’ 


Since the boron atom shares an electron pair with each fluorine atom, the three- 
dimensional structure can be represented as 


F 




The shape of this molecule is planar (flat) and triangular, and it is described as a 
trigonal planar structure. 

Next, consider the methane molecule, CH4, which can be represented by this 
structural formula. 

H 

I 

H—C—H 


H 


There are 4 bonded electron pairs surrounding the central carbon atom. What 
arrangement of these electron pairs minimizes the electron-pair repulsions? First, 
try to arrange the molecule into a square planar arrangement, where all 4 bonds lie 
in the same plane: 


1 ^ 90 ° 
H—C—H 


In this arrangement, the carbon atom and the electron pairs are centred in the 
plane of the paper, and the angles between the electron pairs are all 90°. 

There is another arrangement that would put the electron pairs even farther away 
from each other. The tetrahedral structure has angles of 109.5°, and the atoms are 
equally positioned in four locations around the central atom. This arrangement can 
be represented by the following structural formula and ball-and-stick model: 


H 



39.5° 

H 
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Table 1 Conventions for Depicting Bonds 
in Three Dimensions 


Symbol 

Description 


bond lies in the plane of 
the paper 

--- 

bond extends backwards, 
away from the viewer, 
“into” the paper or 
electronic screen 

— 

bond protrudes forwards, 
toward the viewer, 

“out of” the paper or 
electronic screen 



H 


Figure 3 The structure of ammonia is 
trigonal pyramidal due to the repulsion 
of the lone pair against the 3 N-H 
bonds. 


I 

104.5° 

Figure 4 The structure of water is bent 
due to the repulsion of the 2 lone pairs 
(blue ellipses) against the 2 0-H bonds. 


This three-dimensional arrangement allows the maximum possible separa¬ 
tion of 4 pairs of electrons around a central atom. In the structural formula for the 
methane molecule, some bonds are represented as dashes or wedges to better com¬ 
municate the arrangement of the atoms. Table 1 summarizes the conventions for 
representing the three-dimensional arrangement of atoms in structural formulas. 
Blue lines were added to the ball-and-stick model of methane on the previous page 
to emphasize the tetrahedron. Whenever 4 pairs of electrons are present around a 
central atom, always place them at the vertices of a regular tetrahedron. 

Recall from Section 4.1 that the central atom of phosphorus pentachloride, PCI5, 
is overfilled. There are 5 covalent bonds between the phosphorus atom and the 
5 chlorine atoms. In this case, the geometric structure that minimizes electron repul¬ 
sion is a trigonal bipyramidal structure. In a phosphorus pentachloride molecule, 

3 P-Cl bonds are in the same plane and 120° apart from each other, and the 
remaining 2 P-Cl bonds are 90° from these bonds and 180° from each other (Figure 
2(a)). Similarly, sulfur hexafluoride, SFg, forms 6 covalent bonds. The predicted 
VSEPR theory structure for this molecule is an octahedral structure. In this structure, 

4 S-F bonds are in the same plane separated by 90° angles. The other 2 S-F bonds are 
perpendicular to this plane, 1 above it and 1 below it (Figure 2(b)). 


Figure 2 (a) The trigonal bipyramidal structure of PCI5 and (b) the octahedral structure of SF^ 

VSEPR theory helps you to determine the arrangement of electron pairs around a cen¬ 
tral atom that minimizes electron-pair repulsions. The lone electron pairs surrounding 
non-central atoms do not play a role in determining molecular shape. However, when 
the central atom has 1 or more lone pairs of electrons, the geometric structure of the 
molecule and the positions of the surrounding atoms are affected. Consider ammonia, 
NH3, which has a single lone electron pair on the central atom: 

H:N:H 

H 

You might predict that this molecule has a tetrahedral structure because there are 
4 pairs of electrons around the central nitrogen atom. However, the lone electron 
pair repels a little more than the bonding pairs, and thus pushes the bonding pairs 
closer together. As a result, the bond angles decrease from 109.5° to 107°. This forms 
a trigonal pyramidal structure, because the central atom is at the vertex of a pyramid 
with a triangular base (Figure 3). 

Note that the three-dimensional structure classification depends only on the spatial 
arrangement of the atoms bonded to the central atom. Although the lone pairs strongly 
influence the angles between the bonds and thus the structure of the molecule, the 
lone pairs are disregarded when describing the overall shape of the molecule. Consider 
water, H 2 O. Its Lewis structure is 

H:0:H 

Ignoring the lone pairs around oxygen, you would predict a linear structure, like 
beryllium chloride. However, the lone pairs of electrons on the central atom repel the 
bonding pairs, thereby decreasing the angle between them. If you place the bonding and 
non-bonding electron pairs around the oxygen atom as far apart as possible, the struc¬ 
ture will be tetrahedral, as in methane. However, in the water molecule, the 2 lone pairs 
of electrons repel the bonding pairs with more force, making the H-O-H bond angle 
104.5° instead of 109.5°. The result is a V-shaped or bent structure (Figure 4). 

Common three-dimensional structures predicted by the VSPER theory are sum¬ 
marized in Table 2 (on the next two pages). # career link 
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Table 2 VSEPR Theory Common Three-Dimensional Structures 


Total number of 
electron pairs 

Number of 
lone pairs 

Name of structure 

Angle (most 
common) 

Example 

Three-dimensional shape 

2 

0 

linear 

180° 

BeCl2 

X - A - X 

3 

0 

trigonal planar 

120° 

BHs 

X 

1 

X'"^ ^X 

1 

bent 

120° 

SO2 

A 

X^ ^X 

4 

0 

tetrahedral 

109.5° 

CH4 

X 

1 

X'Y ^x 

X 

1 

trigonal pyramidal 

107° 

NH3 

X'Y ^X 

X 

2 

bent 

104.5° 

H2O 

A 

5 

0 

trigonal bipyramidal 

90°, 120° 

PCI5 

) 

120°"'^' 

) 

( 

^90” 

( 

1 

seesaw 

90°, 180° 

SF4 

X 

x^i 

/I 

x 

X 

2 

T-shaped 

90°, 180° 

CIF3 

X 

!^x 

X 

3 

linear 

180° 

Is’ 

X - A - X 
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Table 2 VSEPR Theory Common Three-Dimensional Structures {continued) 


Total number of 
electron pairs 

Number of 
lone pairs 

Name of structure 

Angle (most 
common) 

Example 

Three-dimensional shape 

6 

0 

octahedral 

90° 

SFe 

X 

/T .. .. 90° 

h/^x 

90°-^ A^^/ 

X 


1 

square pyramidal 

90° 

BrFj 

X 

/f\'. 90° 

---^X 


2 

square planar 

90° 

XeF4 

90°-^ A 


Mini Investigation 


Balloon Model of Electron Repulsion 
Skills; Performing, Observing, Analyzing, Communicating 

In this investigation you will use balloons as models for the 
electron repulsion of electrons in atoms. 

Equipment and Materials: chemical safety goggles; 9 balloons; 
string 

1. Put on your safety goggles. 

2. Inflate all the balloons. 

3. Tie 2 of the balloons close together, and place them on a 
table. 

4. Repeat Step 3 with 3 balloons. 

5. Repeat Step 3 with 4 balloons. 



A. How do the 2 balloons tied together orient themselves? lai 

B. How do the 3 balloons tied together orient themselves? Bi 

C. How do the 4 balloons tied together orient themselves? lai 

D. Are balloons good models of valence shell electron-pair 
repulsion? Why or why not? m 

E. What would happen In any of the models if you pushed the 
balloons together and then let go? Qi 

F. With 4 balloons tied together, imagine 1 of them being a 
lone pair. What would the three-dimensional structure be? 
What if 2 balloons were lone pairs? izi 


Three-Dimensional Shape 
(page 255) 

Now that you have learned how 
to determine molecular structures, 
perform Investigation 4.2.1 to compare 
your three-dimensional structure 
predictions to actual molecular models. 


Steps for Applying the VSEPR Theory 

The steps below summarize how to predict the structure of a pure substance using 
the VSEPR theory. 

1. Draw the simplified Lewis structure. 

2. Count the electron pairs surrounding the central atom, including both 
bonded and lone electron pairs, and arrange them in a way that minimizes 
electron-pair repulsion. Do this by putting the electron pairs as far apart as 
possible in a three-dimensional space. 

3. Place the atoms bonded to the central atom at the ends of their bonded 
electron pairs. 

4. Determine the name of the structure from the positions of the atoms and lone 
pairs of electrons. 
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Tutorial 1 Using the VSEPR Theory to Predict Molecular Shapes 


In this Tutorial, you will use the step-by-step approach described on the previous page to 
use the VSEPR theory to predict the shape of molecules and polyatomic ions. 

Sample Problem 1: The Shape of a Molecule without Lone Electron Pairs 

Predict the structure of carbon tetrachloride, CCI4, using the step-by-step VSEPR approach. 

Solution 

step 1 . Draw the simplified Lewis structure. 

:C1: 

:C1-C-C1: 

:C1: 

Step 2. Count the electron pairs surrounding the central atom, and arrange them to 
minimize electron-pair repulsion. 

The carbon tetrachloride molecule has 4 pairs of bonding electrons around 
the central atom. There are no lone electron pairs on the carbon atom. The 
best arrangement of the 4 bonding electron pairs around the central atom is a 
tetrahedral structure. 

Step 3. Place the atoms bonded to the central atom at the ends of fheir bonded electron pairs. 
Cl 

cK\"ci 

Cl 

Step 4. Name the three-dimensional structure. 

Carbon tetrachloride has a tetrahedral structure. 

Sample Problem 2: The Shape of a Polyatomic Ion 

Predict the structure of the ammonium ion, NH4+, using the step-by-step VSEPR approach. 

Solution 

step 1 . Draw the simplified Lewis structure for the polyatomic ion. 

H 


H 

Step 2. Count the electron pairs surrounding the central atom and arrange them to 
minimize repulsions. 

The ammonium ion has 4 pairs of bonding electrons around the central atom. 
There are no lone electron pairs in the ion. The best arrangement of the 4 
bonding electron pairs around the central atom is tetrahedral. 

Step 3. Place the atoms bonded to the central atom at the ends of their bonded electron pairs. 


I 


. Name the three-dimensional structure. 

The ammonium ion has a tetrahedral structure. 
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Sample Problem 3: The Shape of a Molecule with Lone Electron Pairs 

Predict the structure of phosphine, PH3, using the step-by-step VSEPR approach. 

Solution 

step 1. Draw the simplified Lewis structure for the moiecuie. 

H—P—H 

I 

H 

Step 2. Count the electron pairs surrounding the central atom and arrange them to 
minimize repulsions. 

The phosphine molecule has 3 pairs of bonding electrons around the central 
atom. There is 1 lone electron pair on the phosphorus atom. The best 
arrangement of the 4 electron pairs (3 bonding and 1 lone pair) around the 
central atom is tetrahedral. 

Step 3. Place the atoms bonded to the central atom at the ends of their bonded electron 
pairs. 



Step 4. Name the three-dimensional structure. 

The phosphine molecule has a tetrahedral arrangement of electron pairs. 
However, because it has a lone electron pair, its structure is trigonal pyramidal. 

Practice 

1. Use VSEPR theory to predict the geometry of each of the following molecules: na 

(a) HBr [ans: linear] 

(b) SiCl4 [ans: tetrahedral] 

(C) BF3 [ans: trigonal planar] 

(d) NCI3 [ans: trigonal pyramidal] 

2. Use VSEPR theory to predict the geometry of each of the following substances. Draw 
the structures. 

(a) BCI3 [ans: trigonal planar] 

(b) BH4” [ans: tetrahedral] 

(C) CF4 [ans: tetrahedral] 

(d) HjS [ans: bent] 


The VSEPR Theory and Molecules 
with More Than One Central Atom 

So far, you have investigated pure substances that contain just 1 central atom sur¬ 
rounded by other atoms. Many others have more than 1 central atom. You can still 
use the VSEPR theory to predict the three-dimensional structure of these more com¬ 
plex molecules. Consider methanol, CH 3 OH, which has 2 central atoms, carbon and 
oxygen. Methanol can be represented by the following simplified Lewis structure: 

H 

I .. 

H—C—O—H 

I •• 

H 
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You can predict the three-dimensional structure from the arrangement of electron 
pairs around both the carbon and oxygen atoms. In a molecule or ionic compound 
with more than 1 central atom, you first need to predict the arrangement of electrons 
around each atom individually. Then, combine these arrangements to predict the 
overall structure. There are 4 pairs of electrons around the carbon atom, so it has a 
tetrahedral arrangement (Figure 5(a)). The oxygen atom also has 4 electron pairs (2 
bonding pairs and 2 lone pairs), so it too has a tetrahedral arrangement. The oxygen 
atom has a slight distortion of the tetrahedron because of the space requirements of 
the lone electron pairs, so the three-dimensional structure around the oxygen atom is 
bent (Figure 5(b)). The overall geometric arrangement for the methanol molecule is 
shown in Figure 5(c). 



(a) (b) (c) 

Figure 5 (a) The arrangement of atoms around the carbon atom is tetrahedral, (b) The arrangement of 
atoms and lone electron pairs around the oxygen atom is bent, (c) The three-dimensional structure of 
methanol. 


Tutorial 2 Structures of Molecules with Two Central Atoms 


In this Tutorial, you will use the VSEPR theory to predict the shape of molecules that 

contain more than 1 atom as the central atom. 

Sample Problem 1: Molecular Shape with No Single Central Atom 

Predict the structure of methylamine, CH3NH2, using the step-by-step VSEPR approach. 

Solution 

step 1. Draw the simplified Lewis structure. There are 2 central atoms in this structure, 
carbon and nitrogen. 

H H 

I I 

H—C —N: 

I I 

H H 

Step 2. Count the electron pairs surrounding the central atom, and arrange them to 
minimize electron-pair repulsion. 

The methylamine molecule has 4 pairs of bonding electrons around the central 
carbon atom and 3 pairs of bonding electrons around the nitrogen atom. There 
is also 1 lone pair of electrons around the nitrogen atom. Both central atoms 
therefore have a tetrahedral arrangement. 

Step 3. Place the atoms bonded to the central atom at the ends of their bonded electron 
pairs. 






♦ 
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step 4. Name the three-dimensional structure. 

The carbon atom in methylamine has a tetrahedral arrangement of atoms, and 
the nitrogen atom has a trigonal pyramidal arrangement of atoms because it has 
1 lone pair of electrons. 

Practice 

1. For each of the following molecules, use the step-by-step VSEPR approach to predict 
the shape of the molecule. Draw a three-dimensional structural formula to illustrate 
your answer, and state the shape around each central atom. Eza b 

(a) CH3BH2 

(b) CH3OCH3 

(c) CH3CH2OH 


VSEPR Theory and Multiple Bonds 

Molecules or ionic compounds with double and triple bonds have difTerent chemical 
properties than those with single bonds. For example, hydrocarbons with double 
or triple bonds react quickly with bromine or potassium permanganate, whereas 
hydrocarbons with single bonds react much more slowly. Double and triple bonds are 
shorter and stronger than single bonds between the same types of atoms. However, 
pure substances with double and triple bonds behave very similarly to pure sub¬ 
stances with single bonds when it comes to three-dimensional structure. In a double 
or triple bond, there is more than 1 bonding pair of electrons. When using the VSEPR 
theory to determine structure, you must place all of the multiple bonding electrons 
together, as you will see in the following tutorial. 


Tutorial 3 Structures of Molecules with Multiple Bonds 


This Tutorial explains how to use the VSEPR theory to determine the shape of a molecule 
that contains multiple bonds. 

Sample Problem 1: Predicting the Shape of a Molecule with Multiple Bonds 

Predict the structure of carbon dioxide, COj, using the step-by-step VSEPR approach. 

Solution 

step 1. Draw the simplified Lewis structure for the molecule. In the carbon dioxide 
molecule, carbon Is the central atom and is bonded by double bonds to each 
oxygen atom. 

o=c=o 

Step 2. Count the electron pairs surrounding the central atom, and arrange them to 
minimize electron-pair repulsion. 

The carbon dioxide molecule has 4 pairs of bonding electrons around the central 
atom. Each C-0 bond is a double bond that consists of 2 pairs of electrons 
(4 electrons) each. For the purposes of VSEPR, treat a multiple bond as a single 
group of electrons. In effect, you are counting the number of bonded atoms. 

There are 2 atoms bonded to the central carbon. Therefore the shape is linear. 
The generalizations outlined in Table 2 on pages 209-210 still apply to multiple 
bonding if you count atoms bonded to the central atom rather than electron 
pairs. 
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step 3. Determine the positions of the atoms. 

Place the atoms bonded to the central atom at the ends of their bonded 
electron pairs. 

o=c=o 

Step 4. Name the three-dimensional structure. 

The carbon dioxide molecule has a linear structure. Since each oxygen atom 
forms a double bond with the carbon atom, the configuration that maximizes 
the separation of electrons is a linear shape. The electrons are 180° from 
each other. 

Practice 

1. Use a simplified Lewis structure and VSEPR theory to predict the shape of a nitrite ion, 
N02~. 123 d 

2. Use VSEPR theory to predict the shapes of the following molecules. Draw structures 
to illustrate your answers, oi b 

(a) SIO2 

(b) HCN 

(c) XeOF4 


The VSEPR Theory: 

How Well Does It Work? 

The VSEPR theory works well for most molecules and ionic substances that 
contain non-metallic elements. However, the theory fails in a few instances. For 
example, phosphine, PH3, has the same Lewis structure as ammonia, NH3: tri¬ 
gonal pyramidal. From the VSEPR theory, you would expect phosphine to have 
the same bond angles as NH3: 107°. However, the bond angles of phosphine are 
actually 94° (Figure 6). There are ways to explain this difference, but you have 
to add more rules to the theory. This example illustrates that simple theories are 
likely to have exceptions. The amazing thing about the VSEPR theory is that it 
correctly predicts the structures of so many pure substances. 



PH3 NH3 

Figure 6 Even though phosphine has the same three-dimensional structure as ammonia, 
the angles between bonding atoms in the molecules are different: 94° in phosphine and 
107° in ammonia. 
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Review 


Summary 

• The valence shell electron-pair repulsion (VSEPR) theory predicts the 
distribution of atoms covalently bonded to a central atom based on the 
repulsion between bonding and lone electron pairs associated with 
the central atom. 

• You can use the VSEPR theory to predict the geometry of simple and complex 
pure substances with covalent bonds by minimizing electron-pair repulsion. 

• The VSEPR theory predicts several common arrangements of atoms that 
minimize electron-pair repulsion. 

• There are some exceptions in which the VSEPR theory does not accurately 
describe the structure of a pure substance. 


7 


Questions 


4. 


5. 


How do the words that make up the initialism 
“VSEPR” describe the ideas of the theory? [3ID 
Predict the three-dimensional structure and bond 
angles for each of the following molecules: E2i 

(a) CCI4 (e) PCI3 

(b) NF3 (f) SCI2 

(c) SeCl2 (g) SiF^ 

(d) ICl 

Predict the three-dimensional structure and bond 
angles for each of the following ions: Em 

(a) NOj- 

(b) NO3- 

(c) OCN” (carbon is the central atom) 

(d) N3- 

What is the shape of molecules such as iodine 
chloride, ICl, and hydrogen bromide, HBr? How 
can you tell? What is the name of this shape? Em 
Identify which of the following substances contain 
atoms in a trigonal planar arrangement. Em 

(a) AICI3 

(b) B2H4 

(c) CH3COH, where O is double-bonded to C 

(d) CH3CH2COOH, where one O is 
double-bonded to C 


7. Use VSEPR theory to predict the geometry of the 
following molecules, then draw their structures: EE3I 

(a) Bel2 

(b) SiBr4 

(c) BBr3 

(d) CH3COCH3 (C is double-bonded to O) 

(e) CH2F4 

8. Use the VSEPR theory to predict the geometry 
of the following polyatomic ions, then draw their 
structures: Em B 

(a) P03^- 

(b) COj^- 

(c) CN- 

9. The molecule CH3CH = CHCH2CH3 is a 5-carbon 
chain with 1 double bond between the second and 
third carbon atoms. Use the VSEPR theory to describe 
the geometry around each of the carbon atoms. Em 

10. Create a table with the headings shown in Table 3. 
Then, complete the table by filling in the appropriate 
information for each of the following compounds: 
NBr3; CS2; SeH4; SeFg; ICl4“; ICl; CH3CI; BrClj; 

BrF3; Xel3"; SBr4; Br02“; OFj; CF2CI2; H2Se; and 


State whether any of the following molecules or 
polyatomic ions have a tetrahedral arrangement of 
either atoms or electrons: Em 

(a) CH3OH 

(b) S04"" 

(c) CH3NH2 


Table 3 


Compound 

Number 
of pairs of 
electrons on 
central atom 

Number 
of lone 
pairs 

Name of 
shape 

Diagram 
of shape 
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Electronegativity and Bond Polarity 

In Section 4.1, you learned about two types of chemical bonding: ionic and covalent. 
During ionic bonding, 1 or more electrons transfer from a metal atom to a non-metal 
atom to form negative and positive ions. These ions attract each other. In covalent bonding, 
neutral atoms share pairs of electrons. In some cases, 2 covalently bonded atoms share 
electrons equally while, in other cases, 1 of the atoms attracts the shared electron pair 
more strongly than the other atom. A non-polar covalent bond forms when the 2 atoms in 
a covalent bond share electrons equally. Non-polar covalent bonds usually form between 
2 identical atoms, such as in molecular elements like hydrogen, nitrogen, and chlorine. 
Polar covalent bonds form between atoms that attract shared pairs of electrons with dif¬ 
ferent abilities to attract electrons. When you place a sample of hydrogen fluoride gas, 
HF(g), in an electric field, the molecules orient themselves such that the fluorine end 
faces the positive pole and the hydrogen end faces the negative pole (Figure 1). 



Figure 1 The effect of an electric field on hydrogen fluoride molecules, (a) When no electric field is 
present, the molecules are randomly oriented, (b) When the field is turned on, the molecules tend 
to line up with the negative end (fluorine) oriented toward the positive pole and the positive end 
(hydrogen) oriented toward the negative pole. 



non-polar covalent bond a covalent 
bond in which the electrons are shared 
equally between atoms 

polar covalent bond a covalent bond in 
which the electrons are not shared equally 
because 1 atom attracts them more 
strongly than the other atom 


This result suggests that in the hydrogen fluoride molecule, the hydrogen and the 
fluorine atoms share electrons unequally. The symbol 8 (lowercase Greek letter delta) 
represents a partial charge. The hydrogen atom in hydrogen fluoride has a partial 
positive charge, and the fluorine atom has a partial negative charge: 

H-F 

8 - 

You can account for the polarity of the hydrogen fluoride molecule by stating that 
the fluorine atom has a stronger attraction for the shared electrons than the hydrogen 
atom does. Similarly, in a water molecule, H2O, the oxygen atom attracts the shared 
electrons more strongly than do the hydrogen atoms (Figure 2). Bond polarity affects 
the chemical properties of molecules, so it is useful to quantify the ability of an atom 
to attract shared electrons. 



Figure 2 The polarity of the chemical bonds Is responsible for some of the unique properties of water. 
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Electronegativity 


electronegativity the ability of an atom 
in a molecuie to attract shared electrons 
to itself 



Figures Linus Pauling (1901-1994) 
won the Nobel Prize in Chemistry for his 
work on the nature of chemical bonds. 


The electronegativity of an atom defines how strongly an atom attracts a pair of elec¬ 
trons it shares with another atom in a covalent bond. Atoms of different elements 
have different electronegativities. 

Consider a hypothetical molecule, HY. If atoms H and Y have identical elec¬ 
tronegativities, such as in a hydrogen molecule, H2, then they share their bonding 
electrons equally. In general, when the electronegativity difference, AEN, between 
2 atoms is very small or zero, the covalent bond between them is non-polar. When 
the electronegativity difference between 2 atoms is relatively large, such as in that of 
hydrogen fluoride, the covalent bond between them is polar, with a charge distribu¬ 
tion as follows: 


H-Y 

8 - 

Linus Pauling (Figure 3) created a method for determining the electronega¬ 
tivity values of atoms. His table of electronegativity values for all atoms is shown 
in Figure 4. Note that electronegativity generally increases from left to right across 
a period and decreases going down a group. Electronegativity values range from a 
high of 4.0 for fluorine (the most electronegative element) to a low of 0.7 for cesium 
(the least electronegative element). The scale is somewhat arbitrary, and other sci¬ 
entists have proposed slightly different values, based on various assumptions. You 
may notice that francium also has an electronegativity of 0.7. Due to its high radio¬ 
activity, francium is so rare in nature (as little as 20-30 g exists at any given time in 
Earths crust) that, for all practical purposes, it is impossible to synthesize and test 
compounds containing francium. It is possible that francium’s electronegativity is 
even lower than that of cesium. 


Increasing electronegativity 



Figure 4 Electronegativity values as determined by Pauling. Electronegativity generally increases 
across a period and decreases down a group. 

You can determine the relative electronegativities of 2 atoms by calculating the 
difference between their electronegativities. If 2 atoms have an electronegativity dif¬ 
ference of less than 0.5, the bond between them is considered non-polar. If the elec¬ 
tronegativity difference is 0.5 or greafer, the bond is polar. Using Figure 4, you can 
determine the electronegativity difference for the polar covalent bond in hydrogen 
chloride, HCl, as follows: 

AEN =ENci -ENh 
= 3.0 -2.1 

AEN =0.9 
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UNIT TASK BOOKMARK 


As a general rule, as the electronegativity difference increases, the ionic character 
of the bond increases. When the difference in electronegativity is greater than 1.7, 
the chemical bond is considered ionic. A chemical bond that has an electronegativity 
difference from 0.5 to 1.7 is considered polar covalent (see Table 1 and Figure 5). 
Labelling bonds as non-polar covalent, polar covalent, or ionic according to these 
electronegativity difference boundaries is somewhat arbitrary. In reality, with the 
exception of molecular elements, all bonds are a mixture of covalent and ionic char¬ 
acter, which results in the spectrum of values depicted graphically in Figure 5. 


Table 1 Relationship between 
Electronegativity Difference and 
Bond Type 


AEN 

Bond type 

Character 

<0.5 

non-polar 

covalent 

covalent 

0.5-1.7 

polar 

covalent 

covalent 
and ionic 

>1.7 

ionic 

ionic 


increasing covalent bond polarity 




non-polar 

covalent 

bonds 


1.0 1.5 1.7 2.0 

Electronegativity difference, AEN 


Figure 5 The difference in electronegativity between the atoms involved in bonding determines the 
character of the chemical bond. A small difference (<1.7) indicates a covalent or polar covalent 
bond, and a large difference (>1.7) indicates an ionic bond. 


Bond Polarities and Dipoles in Diatomic Molecules 

When you place hydrogen fluoride gas in an electric field, the molecules orient them¬ 
selves in a particular way (Figure 1, page 217)). This occurs because of the charge dis¬ 
tribution in the hydrogen fluoride molecule, which has a positive end and a negative 
end. This separation of charges in a covalent bond is called a dipole. Figure 6 shows 
the convention for representing a dipole in a diatomic molecule. Notice how an arrow 
points to the negatively charged end, while the tail of the arrow is in the region of the 
positively charged end. # web link 



As you work on the Unit Task on 
page 268, think about electronegativity. 
Does the trend change? 


dipole a separation of positive and 
negative charges in a region in space 


Figure 6 Space-filling view of hydrogen fluoride. The dipole of the hydrogen fluoride molecule is 
indicated by an arrow. This arrow is drawn so that its head points toward the negative region and 
its tail to the positive region. 
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Tutorial 1 Using Electronegativity Values to Predict Bond Polarity 


In this Tutorial, you will predict relative bond polarities and the types of bonds based on the 
electronegativity difference of atoms. 


Sample Problem 1: Predicting Relative Bond Polarity 
List the following molecules in order of increasing predicted 
bond polarity: H-H, 0-H, Cl-H, S-H, F-H 

Solution 

step 1. Using the vaiues in Figure 4, page 218, predict the 
difference in electronegativity between atoms. 

AENh_h = ENh - ENh 
= 2.1 - 2.1 
AENh_h = 0 
AENo_h = ENo - ENh 
= 3.5 - 2.1 
AENo_h = 1.4 
AENo_h = ENci - ENh 
= 3.0 - 2.1 
AENci_h = 0.9 


AENs_h = ENs - ENh 
= 2.5 - 2.1 
AENs_h = 0.4 
AENf_h = ENp - ENh 
= 4.0 - 2.1 
AENf_h = 1.9 

Step 2. List the bonds in order of smallest AEN to 
greatest AEN. 

AENh_h = 0; AENs_h = 0.4; AENci_h = 0.9; 
AENq.h = 1.4; AENf_h = 1.9 
Step 3. According to accepted theory, the polarity of a bond 
increases as the difference in electronegativity 
increases. Therefore, the order of these molecules 
according to their predicted bond polarity, from least to 
greatest, is 

H-H < S-H < Cl-H < 0-H < F-H 


Sample Problem 2: Predicting the Polarity of a Chemicai Bond 
Determine the electronegativity difference, and classify the type 
of bond in the following pairs of atoms: 

(a) N-H; (b) P-H; (c) K-Br 

Solution step 2 . 

Step 1. Using Figure 4, page 218, predict the difference in 
electronegativity between atoms. 

(a) AENh-h = ENh “ ENh 

= 3.0 - 2.1 
AENn_h = 0.9 

(b) AENp_H = ENp - ENh 

= 2.1 - 2.1 
AENp_H = 0 


(C) AENK_Br = ENbp - ENk 
= 2.8 - 0.8 
AENk-bp = 2.0 

Use Table 1, page 219, to classify the type of bond in 
each compound. 

(a) AENn_h = 0.9 

Since 0.5 < AEN < 1.7, this bond is a polar covalent 
bond. 

(b) AENp_H = 0 

Since AEN < 0.5, this bond is a non-polar covalent bond. 

(c) AENK_Br = 2.0 

Since AEN > 1.7, this bond is an ionic bond. 


Practice 

1. Use the electronegativity differences between atoms to classify each of the following bonds 
as polar covalent, non-polar covalent, or ionic: oa 

(a) C-F 

(b) P-CI 

(c) Li-CI 

2. Arrange the bonds in the following sets of atom pairs in order of increasing bond polarity: Ezn D 

(a) B-H, H-H, C-H, H-F, 0-H, Na-H, Mg-H 

(b) AI-CI, P-CI, Li-CI, CI-CI, l-CI, Rb-CI 

(c) C-H, C-F, C-CI, C-0, C-S, C-C 
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Summary 

• The electronegativity of an atom is the relative ability of the atom to attract 
shared electrons. 

• The polarity of a bond increases as the electronegativity difference increases. 

• A diatomic molecule with a polar bond has a region of positive and negative 
charge, called a dipole. 

• The charges in a dipole will orient themselves in an electric field. 

• The electronegativify difference, AEN, of bonded atoms can be used to predict 
bond type. The bond will likely be ionic when AEN >1.7, polar covalent when 
0.5 ^ AEN < 1.7, and non-polar covalent when 0 < AEN < 0.5. 

Questions 


1. Arrange each of the following in order of increasing 
electronegativity: 1313 

(a) C,N,0 

(b) S,Se,Cl 

(c) Si, Ge, Sn 

(d) Tl,S,Ge 

2. If you did not have access to a set of values of the 
electronegativities of atoms similar to Figure 4, how 
could you use the periodic table to determine the 
polarity of a chemical bond? 133] 

3. Without using Figure 4 (you can use a periodic 
table), determine the bond type between each of the 
following atoms: 031 

(a) G-O 

(b) F-I 

(c) Li-F 

(d) Ge-Sn 

(e) Al-Cl 

4. Without using Figure 4, predict which bond in 
each of the following groups will be the most polar. 
Explain your answer. 1313 EHI 

(a) G-F, Si-F, Ge-F 

(b) P-GlorS-Gl 

(c) S-F, S-Cl, S-Br 

(d) Be-Gl, Mg-Gl, Ca-Cl 

5. Referring to the electronegativities of the atoms in 
the bond, describe how the bonds K-Br, C-Br, and 
Br-Br are different. 1313 

6. By indicating the partial positive and partial negative 
atoms, show the bond polarity for each of the 
following molecules: 1313 D 

(a) O-F 

(b) Br-Br 

(c) G-Br 

(d) C-O 


7. For each of the following, state whether the bond 
polarity is shown correctly. If not, show the bond 

(a) 6 +H-Br 6 " 

(b) 6+G1-I6- 

(c) 6 +Si-S 6 “ 

(d) 6 +F-F 6 - 

(e) 6+0-P6- 

8 . (a) Determine the electronegativity difference 

befween C and F. 

(b) Whaf type of bond is the G-F bond? 

(c) When you place molecules of GF 4 in an electric 
field, the molecules do not display any particular 
orientation. Explain why. 1313 Dl 

9. An atom, when bonded to nitrogen, results in a 
polar covalent bond, with nitrogen having a partial 
positive charge. 1313 E21 

(a) List all possible atoms that this atom could be. 

(b) Which of the atoms listed in (a) would result in 
the most polar bond? 

(c) Which atoms, when bonded to nitrogen, would 
result in a non-polar covalent bond? 


10. Predict the type of bond (ionic, non-polar covalent, 
or polar covalent) that would be expected to form 
between each pair of atoms: 013 DU 

(a) RbandCl 

(b) S and S 

(c) G and F 

(d) Ba and C 

(e) B and Se 

(f) Gs and Br 


4.3 Electronegativity and Bond Polarity 


221 






— Chemistry JOURNAL 

Gillespie and the VSEPR Model 

ABSTRACT HANDBOOK t_> 

Professor Emeritus Ronald J. Gillespie of McMaster University in Hamilton, Ontario, 
has made many important contributions to chemistry As a young inorganic chemist, 

Gillespie was interested in superacids, which are acids that are more acidic than 100 % 
sulfuric acid. He became curious about the structure and behaviour of different 
polyatomic ions. He used X-ray crystallography and spectroscopy to investigate these 
structures. However, Gillespies greatest contribution to chemistry was his develop¬ 
ment of the VSEPR theory to predict three-dimensional structure, which he devel¬ 
oped with another chemist, Ronald Nyholm. Gillespie and Nyholm built the VSEPR 
theory beginning with models developed by other chemists before them. Thanks 
to Gillespies understanding of inorganic and structural chemistry, we now have a 
simple method for predicting three-dimensional structure based on the electrical 
repulsion of valence electrons. 


Gillespie’s Early Training 

Dr. Ronald Gillespie was one of the contributing scientists who 
developed the VSEPR theory to predict three-dimensional 
structure (Figure 1). However, his career started with the 
study of acids. Gillespie was born in London, England, in 
1924 and received a bachelor of science degree in 1944 
from University College London. As a graduate student, he 
showed that when nitric acid was placed in a sulfuric acid 
solution, a nitronium ion, N02^, was formed. This work 
provided the first evidence of a superacid, which formed 
in a highly viscous medium. Although Gillespies most cel¬ 
ebrated work was in the field of three-dimensional structure, 
his work on superacids initiated and laid the foundation for 
other studies on strong acids. 



Figure 1 Dr. Ronald Gillespie 


From Superacids to VSEPR 

Gillespie’s work on superacids led him to investigate other 
polyatomic ions that form in superacidic solutions. He 
then became interested in the three-dimensional structure 
of these ions. In the early to mid-1950s, there were few 
physical and spectroscopic techniques available for studying 
chemical structures. As technology developed, Gillespie 
used new techniques, including X-ray crystallography and 
nuclear magnetic resonance (NMR), to characterize the 
new polyatomic ions that he discovered. From this work, 
Gillespie noticed that the angles between chemical bonds 
followed patterns, which led him to study chemical bonding 
and three-dimensional structure. 

Shortly after completing his Ph.D., Gillespie travelled to the 
United States for a one-year fellowship at Brown University 
in Rhode Island. During this time, he met Australian chemist 
Dr. Ronald Nyholm. Gillespie and Nyholm collaborated on 
a review that eventually developed into the model for which 
they are famous: the VSEPR theory of chemical bonding. 

Predicting Three-Dimensional Structure 

The goal of Gillespie and Nyholm was to summarize the 
main principles determining the three-dimensional struc¬ 
ture of inorganic molecules. While reading a paper on 
molecular geometry, Gillespie realized that if he arranged 
a molecule so that the valence electrons surrounding the 
central atom were as far apart as possible, he could predict 
the three-dimensional structure (Figure 2). Gillespie rec¬ 
ognized that this approach was an easier way to describe 
the geometry of molecules containing the main group ele¬ 
ments, and he showed that it worked for a large number of 
molecules. In his initial paper in 1957, Gillespie described 
how the repulsion of valence electrons was a result of the 
Pauli exclusion principle: no 2 electrons can have the same 
4 quantum numbers. 
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Figure 2 The three-dimensional structure of iodine pentafluoride as 
predicted by the VSEPR theory 

Gillespie has continued to develop the VSEPR theory 
since his initial paper. As other chemists discovered excep¬ 
tions to or inconsistencies in the model, he refined the theory 
to include or explain the exceptions, thereby improving both 
the theory and our understanding of three-dimensional 
structure. His current area of research is studying the transi¬ 
tion metals—the largest class of exceptions to the VSEPR 
theory. 

Dedication to Teaching 

As Gillespie was completing his Ph.D. in Chemistry, he 
was invited to teach a course in molecular properties. He 
then began teaching as an Assistant Lecturer at University 
College London. Afterwards, as a professor at McMaster 
University, Hamilton, Ontario, Gillespie continued to spend 
much of his time teaching. He first introduced the VSEPR 
theory to help his students understand how bonding affects 
three-dimensional structure. His passion for communi¬ 
cating his knowledge and enthusiasm for chemistry led to 


the authoring and coauthoring of several undergraduate 
chemistry textbooks. According to Gillespie, 

One problem is that students have difficulty 
making the connection between the macro¬ 
scopic world of observations and the micro¬ 
scopic world of atoms and molecules. Yet it is 
this aspect of chemistry that sets it apart from 
the other sciences. ... An understanding of this 
connection is probably the most important thing 
that a student can get out of an introductory 
[chemistry] course. (Reforming the General 
Chemistry Textbook, 1997) 

Gillespies success in research, teaching, and the devel¬ 
opment of the VSEPR theory demonstrate what having a 
dedication to one’s passion can achieve. During his tenure at 
McMaster University, Gillespie has received many coveted 
honours. Some of these honours include election as Fellow 
of the Royal Society of Canada in 1965, and of the Royal 
Society of London in 1977, and receipt of an Honorary 
Fellowship of the Chemical Institute of Canada in 1993. 

Further Reading 

Cardellini, L. (2010). Modeling chemistry for effective chem¬ 
ical education: An interview with Ronald J. Gillespie. 
Journal of Chemical Education, 87 (5): 482-486. 
Gillespie, R.J. (2008). Fifty years of the VSEPR model. 
Coordination Chemistry Reviews, 252 (12-14): 
1315-1327. 

Gillespie, R.J. (1997). Reforming the general chemistry 
textbook. Journal of Chemical Education, Vol. 74 No. 
5: 484-485. 

Gillespie, R.J., & Hargittai, I. (1991). The VSEPR model of 
molecular geometry. Boston: AUyn & Bacon. 


M%W Questions 

1. The article states that Gillespie has spent much 
time doing both science research and science 
education. Explain how teaching might have 
helped Gillespie continue developing the VSEPR 
theory. D 

2. According to Gillespie, what is the greatest challenge 
for students learning chemistry? Do you agree or 
disagree? Explain. QQ D 

3. A central goal of science is to find a few key 
principles that help to explain the overwhelming 


complexity of the real world. How do you think 
the VSEPR theory helped to make chemistry more 
comprehensible? O 

4. Scientists continually refine and even replace theories 
when newer theories do a better job of explaining 
observations. How do you think the VSEPR model 
has changed over the past 50 years? QE] D 

5. What connection did GiUespie make between 
VSEPR theory and quantum theory? QID 
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Figure 1 When you place an 
electrostatically charged balloon near a 
stream of water, the water stream bends 
toward the balloon. 


Molecular Polarity 

You have learned that different atoms can have different tendencies to attract bonding 
pairs of electrons. When 2 atoms with sufficiently different electronegativities com¬ 
bine, a dipole forms: one end of the bond is negative, and the other end is positive. 

Figure 1 shows what happens when a balloon charged with static electricity is 
placed near a stream of running tap water. As gravity pulls the water vertically down, 
the water bends. What causes this effect? 

Polar and Non-polar Polyatomic Molecules 

You have learned that diatomic molecules, such as hydrogen fluoride, are polar when 
their atoms have sufficiently different electronegativities. Polyatomic molecules 
(molecules with more than 2 atoms) can also exhibit polar behaviour. Water mol¬ 
ecules are an example of this. Each water molecule is composed of 1 oxygen atom 
and 2 hydrogen atoms. Since an oxygen atom has a greater electronegativity than 
a hydrogen atom, each H-O bond is polar (has a bond dipole). Figure 2 shows the 
charge distribution in a water molecule. 



5 


Figure 2 Representation of the charge distribution in a water molecuie, using a ball-and-stick modei 

The polarity of the individual water molecules causes the bending of the stream of 
running tap water in Figure 1. The static charge on the balloon is a negatively charged 
electric field. As shown in Figure 3, the dipoles in the water molecules become ori¬ 
ented toward this electric field, causing the entire stream of water to be pulled toward 
the charged balloon. 



(a) 

Figure 3 (a) In the absence of an electric field, the dipoles in water moiecules are randomiy oriented, 
(b) When a negatively charged balloon is placed next to the stream of water molecules, the dipoles 
cause the water molecules to move so that their positive poles align closer to the balloon. 
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Since an oxygen atom is more electronegative than a hydrogen atom, the negative 
ends of both bond dipoles in a water molecule point in the direction of the oxygen 
atom (Figure 4). Water has two lone pairs of electrons on the oxygen atom that give 
it a bent or V-shaped three-dimensional structure. As a result, the bond dipoles 
add together to give the water molecule a net dipole, represented by the red arrow 
in Figure 4. Therefore, water molecules are strongly polar. Molecules that have net 
dipoles are polar molecules. 


polar molecule a molecule that has a net 
dipole 


Figure 4 Water has a net negative dipole in the direction of the oxygen atom. 


However, not every molecule that has polar covalent bonds is a polar molecule. 
A non-polar molecule is a molecule with no net dipole. Some non-polar molecules 
have polar bonds but do not have a net dipole, due to the arrangement of atoms in 
a molecule. This happens when the sum of the individual bond dipoles is zero. For 
example, a carbon dioxide molecule is linear, with the negative charge distribution 
on the oxygen atoms and the positive charge distribution on the central carbon atom 
(Figure 5). However, since the polarities of these bonds are equal and opposite, they 
cancel each other out. 


5 ^ 5 ^ 

(a) (b) 

Figure 5 (a) The structure of and charge distribution in carbon dioxide. Oxygen is more 
electronegative than carbon, (b) The opposing bond polarities of carbon dioxide cancel each other 
out, and the carbon dioxide molecule has no net dipole. 


non-polar molecule a molecule that has 
only non-polar bonds, or a bond dipole 
sum of zero 


Testing for Polar Molecules 
(page 256) 

Now that you know the polarity of 
a molecule affects its behaviour 
when it is near differently charged 
objects, perform Investigation 4.5.1 
to examine the effect of charge on 
different substances. 


To predict whether a specific molecule is polar or non-polar, you must consider 
two characteristics: the types of bonds in the molecule (polar or non-polar) and the 
geometric shape of the molecule. Table 1 lists some common molecular structures 
that give rise to non-polar molecules. # web link 


Table 1 Types of Molecular Structures with Polar Bonds but No Net Dipole 


Type 

General 

example 

Cancellation of 
polar bonds 

Specific 

example 

Ball-and-stick 

model 

linear molecules 
with 2 identical 
bonds 

B—A—B 

h H 

CO2 

•=M 

planar 

molecules with 

3 identical 
bonds 

B 

A 

1 

SO3 


tetrahedral 
molecules with 

4 identical 
bonds (109.5° 
apart) 

B 

'B' 

1 

CCI4 
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Tutorial 1 Predicting the Polarity of Molecules 


In this Tutorial, you will determine the net dipole of a molecule. If the sum of the dipoles 
in the molecule is zero, the molecule is non-polar. If the sum is non-zero, the molecule 
is polar. Since you only want to know whether the molecular dipole is zero, you can use 
symmetry arguments. 

Sample Problem 1: Predicting the Polarity of Tetrafluoromethane 

Predict whether tetrafluoromethane, CF4, is a polar or a non-polar molecule. 

Solution 

step 1 . Draw the simplified Lewis structure of tetrafluoromethane. 

:F: 

.. I .. 

:F —C—F: 

" I •• 

:F: 

Step 2. Use the VSEPR theory to predict the three-dimensional structure, then draw a 
diagram. 

Since carbon is the central atom and it is bonded to 4 fluorine atoms, you would 
expect a molecule of tetrafluoromethane to have a tetrahedral shape. 


F 



F 


Step 3. Identify the electronegativity of each atom, and determine the partial charges in 
the molecule. 

The carbon atom is less electronegative than the surrounding fluorine atoms, 
so it accumulates a partial positive charge from each bond with fluorine. Each 
fluorine atom acquires a partial negative charge. 


5 p4.0 



4.0 

Step 4. Draw the bond dipoles, and determine whether the molecule has a net dipole. 

In this tetrahedral shape, all of the atoms bonded to the central carbon atom are 
identical and all the directions are equivalent. Therefore, the four bond dipoles 
cancel each other. The overall net dipole Is zero, so tetrafluoromethane Is a 
non-polar molecule. 


5-p4.0 
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Sample Problem 2: Predicting the Poiarity of Ammonia 

Predict whether ammonia, NH3, is a polar or a non-polar molecule. 

Solution 


step 1. Draw the simplified Lewis structure of ammonia. 

H—N—H 

I 

H 


Step 2. Use VSEPR theory to predict the three-dimensional structure, then draw a 
diagram. 

Nitrogen is the central atom that is bonded to 3 hydrogen atoms. There is 1 
lone pair of electrons on the nitrogen atom. The three-dimensional structure of 
ammonia is therefore trigonal pyramidal. 

/n 
W' J 

H 


Step 3. Identify the electronegativity of each atom, and determine the partial charges in 
the molecule. 


The nitrogen atom is more electronegative than the hydrogen atoms, so it has a 
partial negative charge from each bond. Each hydrogen atom acquires a partial 
positive charge. 


2.1 





2.1 


Step 4. 


Draw the bond dipoles, and determine whether the molecule has a net dipole. 


In a trigonal pyramidal shape, all of the atoms bonded to nitrogen are identical, 
but the bond dipoles do not cancel each other out. Therefore, the ammonia 
molecule has a net dipole. Ammonia is a polar molecule with a net dipole 
pointing in the direction of the lone pair of electrons on the nitrogen atom. 


let dipole I 


Practice 

1. Predict the polarity of each of the following molecules. Include a three-dimensional 
structure for each molecule. If the molecule is polar, indicate the direction of the net 

(a) NF3 [ans: polar] 

(b) CBr4 [ans: non-polar] 

(C) SFj [ans: polar] 

2. Predict the polarity of each the following molecules or ions: Ba B 

(a) P03^” [ans: polar] 

(b) NH4'^ [ans: non-polar] 

(c) B2H0 [ans: non-polar] 

(d) CH3CH2OH [ans: polar] 
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3. Some substances have bonds that we predict to be polar, but the molecule turns out 
to be non-polar. qid lai b 

(a) Write the formula of one such substance. 

(b) Draw the Lewis structure of the molecule, and show calculations to support the 
polarity of the bond. 

(c) Draw a diagram illustrating the structure of the molecule, and show why the 
molecule is non-polar. 


You have seen that bond polarity, molecular shape, and the distribution of atoms 
all influence the polarity of a molecule. Figure 6 is a flow chart that you can use to 
help you predict whether a molecule is polar or non-polar. 


C AII covalent ^ 
molecules J 


What Is the AEN value for each of the bonds within a molecule? 


r Molecule has polar ^ 
I covalent bonds. J 


Does the molecule have 1 bond or more than 1? 


Molecule has only 
non-polar 
covalent bonds. 


j 1 bon d 

Diatomic ^ 
molecule 


More than 1 bond 




C Polyatomic ^ 
molecule J 

I 

Is the shape of the molecule symmetrical? 



Yes, 

No, 


symmetrical 

asymmetrical 

f Molecule has ] 

1 symmetric bonds. 1 




Are the atoms/groups bonded to the central atom the same? 


1 Same 

1 Different 





This molecule is 

This molecule is 

This molecule is 

This molecule is 

This molecule is 

polar. 

non-polar. 

polar. 

polar. 

non-polar. 

Examples: HCI, HI 

Examples: CO2, CCI4 . 

Examples: CH2CI2, CHCI3 

Examples: NH3, H2O 

Examples: CI2, 03, PHg 


Figure 6 Flow chart to determine whether a molecule Is polar or non-polar 


Chapter 4 • Chemical Bonding 






















Review 


Summary 

• The polarity of a molecule depends on both the direction and polarity 
of its bonds. 

• When the sum of the bond dipoles is non-zero, the molecule is polar. 

• The bond dipoles for molecules with symmetrically arranged atoms add up to 
zero and the molecules are non-polar. 

• The polarity of a molecule can be predicted based on bond polarity, molecular 
shape, and the distribution of atoms. 


Questions 


7 


1. Use the VSEPR theory to explain why a molecule of 
diboron tetrafluoride, B 2 F 4 , is non-polar. QID 

2. Use the VSEPR theory to explain why a molecule of 
methanol, CH3OH, is polar. QQ 

3. Explain why phosphorus trihydride, PH3, is a 
non-polar molecule, while phosphorus trifluoride, 
PF3, is a polar molecule. OZI 

4. Use partial charges to represent the dipole in the 
bonds of the following molecules: 019 D 

(a) F-BinBF 3 (c) H-C in C 4 Hi(, 

(b) N-Cl in NCI3 (d) C-C in C 4 H 10 

5. Predict whether each of the following molecules is 
polar or non-polar: 131D 

(a) OCI2 (e) SO3 

(b) BeHj (f) CHF3 

(c) SiF4 (g) CCI2F2 

(d) SO 2 

6 . For each of the following molecules, draw the 
simplified Fewis structures and predict whether each 
molecule is polar or non-polar: Ba B 

(a) HOCN 

(b) CF3CI 

(c) H 2 CO 

7. Draw a three-dimensional diagram for each of the 
following molecules, and determine whether each 
molecule is polar or non-polar. Indicate any polarity 
on your diagram. DD B 

(a) PCI 3 (d) H 2 S 

(b) CIF3 (e) FCN 

(c) XeCl 4 

8 . (a) The molecule dichlorofluoromethane, CHFCI 2 , 

is used as a refrigerant. Tetrafluoromethane, 
CF 4 , was also considered as a possible 
refrigerant. Draw the three-dimensional 


structures of CHFCI2 and CF4. Predict the 
polarities of both molecules. 

(b) Explain the difference between the two 
molecules. What causes the difference? 

(c) What physical properties would be different due 
to the different polarities of these molecules? 
Which of these properties could be important to 
the use of each gas as a refrigerant? oiD EBIB B 

9. When a crystal of sodium chloride dissolves in 
water, the positive ends of the water dipole align 
with the negative chloride ions, and the negative 
ends of the water dipole align with the positive 
sodium ions. Draw a series of diagrams that 
illustrate this process. BD B 

10. Both water and carbon dioxide are important 

greenhouse gases because they can absorb infrared 
energy from sunlight, convert it into thermal energy, 
and release energy into the atmosphere. To absorb 
infrared energy, a molecule must have a vibrating 
dipole whose vibrational frequency matches the 
frequency of the infrared energy. Water has a strong 
dipole, so infrared energy vibrations cause its dipole 
to vibrate. Research the role of water and carbon 
dioxide as greenhouse gases to find answers to the 
following questions: # QQ Bi D 

(a) While water absorbs infrared light some 80 
times more efficiently than carbon dioxide, 
carbon dioxide absorbs enough to be a 
legitimate source of concern for climate change. 
However, given that carbon dioxide has no net 
dipole, how can it absorb infrared light at all? 

(b) When scientists discuss the greenhouse 
effect, carbon dioxide is the gas that is held 
responsible, even though there are other 
greenhouse gases such as water vapour. Why do 
you think this is? 
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Quantum Mechanics and Bonding: 
Hybridization 


Benzene is a common non-polar liquid, known and used by pharmacists and per¬ 
fumers in various forms since the fifteenth century. English scientist Michael Faraday 
(1791-1867) was the first to isolate benzene and determine its molecular formula: 
CgHg. For decades, the unusual formula of benzene stumped chemists because they 
were unable to determine the structure of a molecule that has an equal number of 
carbon and hydrogen atoms. Finally, in 1865—40 years after Faradays discovery—the 
German chemist Friedrich Kekule (1829-1896) proposed a three-dimensional struc¬ 
ture for benzene (Figure 1(a)). 



Figure 1 (a) The simplified Lewis structure of benzene (b) A computer-generated model showing 
the three-dimensional charge distribution in a benzene molecule. Red represents the region of 
highest electron density, and blue represents the region of lowest electron density. 


Notice how, in this structure, each carbon atom bonds to 1 hydrogen atom. It took 
another 65 years before this ring structure was confirmed by X-ray crystallography. 
This technology also revealed that all of the carbon-carbon bonds are equal in length: 
shorter than single bonds but longer than double bonds. The understanding of ben¬ 
zene’s structure was so important at the time that, 25 years after Kekules first paper, 
the German Chemical Society honoured him with an elaborate celebration. There, 
Kekule explained how he recognized the cyclic structure of benzene from a daydream 
in which he imagined a snake seizing its own tail. 

Look at the two different structures for benzene in Figure 1. What differences do you 
notice between them? The simplified Lewis structure in Figure 1(a) suggests that there 
are two types of carbon-carbon bonds: 3 single bonds and 3 double bonds. In such 
a structure, electrons making up the double bonds are always localized between the 
same 2 carbon atoms. A model of the three-dimensional charge distribution in benzene 
would be expected to show the carbon-carbon double bonds having a higher electron 
density than the carbon-carbon single bonds. Yet, the computer-generated model in 
Figure 1(b) shows only that electron density decreases uniformly as you move away 
from the centre of the molecule. This model suggests that there are no differences in 
the lengths of any of the carbon-carbon bonds and that the electrons are concentrated 
in the centre of the benzene ring. 

How have scientists explained these observations of the structure of benzene? 
One explanation is that the electrons in the carbon-carbon double bonds are not 
always localized between the same 2 carbon atoms. This idea is based on the con¬ 
cepts of quantum mechanics. You learned in Chapter 3 that the location of electrons 
is defined by probability distributions—regions in space where there is the greatest 
likelihood of finding an electron. 

The Lewis structure of a molecule provides a simplified view of bond formation, 
and allows you to determine the number of bonding and lone electron pairs. You can 
then predict molecular geometry using the VSEPR theory. But neither Lewis struc¬ 
tures nor VSEPR theory describes how bonds are actually formed, and how orhitals 
interact. In this section, you will learn more about molecular orbitals and how they 
are involved in bond formation. 
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Valence Bond Theory 


In Chapter 3, you learned how quantum numbers are used to describe the locations 
of electrons in an atom. Electron clouds can be constructed for a particular atom to 
represent areas that have a high probability of containing an electron. The complex 
Schrodinger wave functions and probability densities can be used to describe bonding 
and electrons. 

However, calculating the electron clouds surrounding a single atom, much less 
in a bond, is difficult. Even though modern computers have expanded the scope of 
quantum mechanics calculations to include relatively large molecules, the computer 
power and time needed to calculate electron clouds increase dramatically as the com¬ 
plexity of the molecule increases. So, it is very difficult to calculate quantitatively the 
distribution of electrons in the bonds of unusual molecules. 

A simpler approach to describing the location of electrons in bonds is to start with 
an atom and its valence orbitals and to form covalent bonds in these atoms through 
the valence orbitals. This method is called the valence bond theory. According to 
valence bond theory, a covalent bond forms when 2 atomic orbitals, each with an 
unpaired electron, overlap. When the covalent bond forms, the lowest energy state is 
obtained when participating electrons are of opposite spin. 

The simplest example of the valence bond theory is the bonding of 2 hydrogen 
atoms. The electrons in each of the hydrogen atoms reside in the Is orbital 
(Figure 2). When the 2s orbitals overlap, a covalent bond forms. In this bond, 
the electrons in the bonded Is orbital have opposite spins (Figure 3), similar to 
a filled atomic orbital. 


valence bond theory a theory stating 
that atomic orbitals overiap to form a 
new orbitai with a pair of opposite-spin 
electrons 


hydrogen atom [J] 

Is 

Figure 2 The valence orbital diagram of a hydrogen atom. One electron is in the Is orbital. 

separate H atoms overlap of 1 s orbitals covalent bond 

(a) (b) (c) H-H 

Figure 3 The formation of a covalent bond in elemental hydrogen, Hj, according to valence bond 
theory. When the hydrogen molecule forms, each 1 s orbital (a) overlaps to form a covalent bond 
(b). In the hydrogen molecule, the electrons have opposite spins, with a lower energy state than the 
separate hydrogen atoms (c). 

The example of 2 hydrogen atoms forming a covalent bond involves electrons from 
the Is orbital. Yet any unfilled orbital can overlap with another unfilled orbital. The 
diatomic molecule hydrogen chloride, HCl, also forms covalent bonds. The hydrogen 
atom contributes 1 electron from its Is orbital to form the bond. The valence orbital 
diagram of a chlorine atom is 


3c/ 


mini 1 1 


3s2 
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In the chlorine atom, the 3s orbital and two of the 3p orbitals are full with 2 electrons of 
opposite spin. However, one of the 3p orbitals contains 1 unpaired electron. The Is orbital 
from the hydrogen atom can overlap with this 3p orbital in the chlorine atom to form a 
covalent bond (Figure 4). Thep orbital in the chlorine atom has 2 lobes. When the bond 
forms, 1 lobe of the chlorine atom overlaps with the Is orbital from the hydrogen atom. 

hydrogen chloride 


Hatom Cl atom overlap of 1 s and Sp orbitals covalent bond 

H—Cl 


UNIT TASK BOOKMARK 


As you work on the Unit Task on 
page 268, think about how chemical 
bonding would be affected in the new 
periodic table. 


Figure 4 (a) When the hydrogen chloride molecule forms, the 1 s orbital in the hydrogen atom 
overlaps with the 3p orbital of the chlorine atom to form a covalent bond, (b) In the hydrogen chloride 
molecule, the electrons have opposite spins, with a lower energy state than the separate atoms. 

The valence bond theory involves taking existing atomic orbitals and overlap¬ 
ping them to produce new molecular orbitals for the bonding electrons. These new 
molecular orbitals concentrate electron density between the bonded atoms, as the 
VSEPR theory postulates. The VSEPR theory assumes that the majority of the elec¬ 
tron density for bonded pairs of electrons is in the vicinity of the bond. The valence 
bond theory helps explain why this assumption is justified. 

So far, you have considered only bonding in diatomic molecules. The valence bond 
theory can also describe bonding in polyatomic molecules. Consider a molecule of 
ammonia, which consists of 1 nitrogen atom and 3 hydrogen atoms arranged in a 
trigonal pyramidal structure. The valence electron diagram of the nitrogen atom has 
3 unpaired electrons in the p orbital: 

2p\ 

[TJJTf] 


2s2 



Each of the 3 hydrogen atoms contributes 1 electron from its Is orbital. Erom the 
previous examples, you would expect the 3 unpaired electrons from the 2p orbitals 
of the nitrogen atom to overlap with the Is orbital of each hydrogen atom, forming 
3 covalent bonds that have a lower energy state than the individual atoms (Figure 5). 



H atoms N atom overlap of 1 s and 2p orbitals three covalent bonds 

Figure 5 When the ammonia molecule forms, each 1 s orbital in the hydrogen atom overlaps with the 2p 
orbital with an unpaired electron from the nitrogen atom, forming three covalent bonds. In the ammonia 
molecule, the bonding electrons have opposite spins, with a lower energy state than the Individual atoms. 


The final structure in Figure 5 suggests that the bond angles in ammonia are 90°. 
Yet, you know from the VSEPR theory that the geometry of ammonia is a trigonal 
pyramidal structure with bond angles of 107°. To account for this observed bond 
angle, valence bond theory must be expanded to include the concept of orbital 
hybridization. 
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Hybrid Orbitals 


Suppose you were to use valence bond theory to describe the bonding in a molecule 
of methane, CH 4 . Each hydrogen atom contributes one Is electron. When you place 
the 4 valence electrons for carbon, 1 of the 2 electrons in the 2s orbital must go into 
the empty 2p orbital. 

Ititl I Itititl 

2s2 -► 2si 

m 

Since the s and p orbitals have different shapes, they should form two different 
types of chemical bonds with the 4 hydrogen atoms. One bond type would result 
from 2 overlapping s orbitals, and the other would result from overlapping an s and a 
p orbital. However, the C-H bonds in methane are all of equal length and are arranged 
symmetrically in a tetrahedral geometry. This is one of the problems with the valence 
bond theory. How does it account for the 4 equivalent chemical bonds in methane? 

The chemical bonds in molecules such as methane can be explained by the concept 
of hybrid orbitals. Hybrid orbitals form by combining orbitals with different shapes. 
For the carbon atom, you start with 1 s orbital and 3 p orbitals, and finish with 
four hybrid sp^ orbitals. The process of forming hybrid orbitals is called hybridization. 
Figure 6 illustrates how sp^ hybrid orbitals form. 

I t I t I I I t I t I t I hybrid 

2s2 2s^ I t I t I t I t I 

(a) |b) (c) 


hybrid orbital an orbital that forms from the 
combination of at ieast 2 different orbitals 

hybridization the process of forming 
hybrid orbitais from the combination of at 
ieast 2 different orbitais 


Figure 6 The eiectrons in a hybrid orbital, (a) A carbon atom with 4 valence electrons has two paired 2s 
electrons and two unpaired 2p electrons, (b) To create equal orbitals, a paired electron from the s orbital 
is promoted to the unfilled 2p orbital, (c) The s and p orbitals then merge to form a set of equivalent hybrid 
orbitals, each with 1 unpaired electron. Since four orbitals are combined, four orbitals are produced. 

Each of the hybrid sp^ orbitals is identical to the other. Since each hybrid orbital con¬ 
tains an unpaired electron, these sp^ orbitals can overlap with the Is orbital of a hydrogen 
atom to form the 4 equal covalent bonds in a methane molecule. The sp^ hybrid orbitals 
have a large lobe and a small lobe pointing in opposite directions (Figure 7). The large 
lobes of the four sp^ orhitals have the tetrahedral arrangement predicted for the bonding 
electron pairs in the VSEPR description of the methane molecule. 

There are many other examples where hybridization is needed to account for the 
observed properties of chemical bonds. One example is the beryllium hydride mol¬ 
ecule, BeH 2 . Each hydrogen atom contributes a single Is electron to each chemical 
bond. The valence electron diagram for a beryllium atom is 
2 p 


2s2 




Figure 7 Each bond in a methane 
molecule arises from the formation 
of a hybrid sp^ orbital in the carbon 
atom. This creates 4 hybrid orbitals 
with similar properties and results in 
equivalent chemical bonds with each 
hydrogen atom. 


Notice that there are no half-empty orbitals available for bonding. For a chemical 
bond to form, the s orbital and one of the p orbitals hybridize after a 2 s electron is 
promoted to a 2p orbital, leaving 2 empty 2p orbitals. 

2pi 

2si 

ffl 
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Figure 8 Beryllium hydride is a linear 
molecule. 

The result is the formation of 2 equivalent hybrid sp orbitals. The sp orbitals have a 
linear arrangement, so a beryllium molecule has a linear structure (Figure 8). 

2p 

r~n sp hybrid 

2 S Effl 

□ 


Now consider the borane molecule, BHj. Using the VSEPR theory, you can pre¬ 
dict that this molecule has a trigonal planar structure and that each hydrogen atom 
contributes one Is electron to each chemical bond. The valence electron diagram for 
the boron atom is 

2p^ 


2s2 


An electron is promoted from the 2s orbital to a vacant 2p orbital. There are now 
three unpaired electrons, one in the s orbital and two in two different p orbitals. 

Y 

2p^ 

Ititl 1 

2s' 

ffl 

Figure 9 Borane, BHg, is a trigonal planar 
molecule. The hybridized s/f orbital 
results in three equivalent chemical 
bonds to the hydrogen atoms. 

These orbitals combine to form the hybrid sp^ orbitals. The sp^ orbitals have a tri¬ 
gonal planar arrangement (Figure 9). 

2p 

1 1 sp^ hybrid 

2s nrrm 
□ 


Table 1 shows common hybrid orbitals and the resulting molecular structures that 
form from these orbitals. 


Table 1 Types of Hybrid Orbitals 


Number 
of valence 
electrons 

Initial 

orbital 

Hybrid 

orbital 

Geometry 

Example 

Orbital diagram 

2 

s 

sp 

linear 

BeHj 


3 

2s, 2p 

sp^ 

trigonal 

planar 

BHg 


4 

2s,2p 

Sif 

tetrahedral 

CH4 
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Double and Triple Covalent Bonds 

The valence bond theory creates a second dilemma. How do you describe the chemical 
bonding in molecules with multiple bonds? In the molecules you have examined 
so far, bonding occurs between unpaired electrons from s orbitals (H-H), p orbitals 
(H-Cl), and the sp, sp^, and sp^ hybrid orbitals (berylbum hydride, borane, and 
methane, respectively). These orbitals directly overlap with each other when one end 
of an orbital meets the other orbital. The lobes of each orbital point toward each other. 
This direct overlap results in the formation of a sigma (ct) bond, which is a bond that is 
formed when s orbitals, p orbitals, or hybrid orbitals overlap (Figure 10). 

(a) 

p orbitals 

(b) 



s and sp^ orbitals 

(c) 

Figure 10 The formation of sigma bonds, (a) A sigma bond forms from the overlap of two s orbitals, 
(b) A sigma bond can also form when two p orbitals overlap, or (c) when sp, s/f, or orbitals 

overlap with other orbitals. 

However, sigma bonds do not explain how multiple bonds form. Therefore, a 
different type of bond must exist in molecules with double and triple bonds. In a 
multiple bond, orbitals that are parallel to each other overlap, which results in the 
formation of pi (rr) bonds. The formation of pi bonds between two p orbitals is illus¬ 
trated in Figure 11. 

n 

p orbitals pi bonds 

Figure 11 The formation of pi bonds. Two p orbitals form bonds when the sides of the orbitals 
overlap. The result is that the electron density is above and below the bond axis. 

To investigate the formation of pi bonds, consider the double bonds of ethene, C 2 H 4 . 
From the Lewis structure of ethene (Figure 12(a), page 236), you can see that each 
carbon atom forms bonds with 3 other atoms. These bonds are sigma bonds that directly 
overlap with each other. The carbon atom undergoes partial hybridization to form three 
sp^ orbitals. The remainingp orbital is left with 1 electron in it (Figure 12(b)). 





sigma (v) bond a bond that is formed 
when the lobes of 2 orbitals directly 
overlap end to end 


pi ('ll) bond a bond that is formed when 
the sides of the lobes of 2 orbitals overlap 
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p orbital ■ 


H\ /H 



Figure 12 (a) Structural formula of ethene, C2H4. (b) In the ethene molecule, an s and a p orbital 
hybridize to form three sp^ orbitals. A single p orbital remains perpendicular to the plane of the 
hybrid orbitals. 


In ethene, both carbon atoms are partially hybridized in this way. The carbon atoms 
can each form 3 sigma bonds using the sp^ orbitals: 1 sigma bond forms with the second 
carbon atom and 2 sigma bonds form with hydrogen atoms (Figure 13(a)). This arrange¬ 
ment leaves each carbon atom with 1 additional unpaired electron in a p orbital. 
These unpaired electrons form the pi bond. The pi bond forms in the region above 
and below the sigma bonds (Figure 13(b)). # web link 




Figure 13 The carbon atoms in a molecule of C2H4 form hybrid Sjf orbitals, (a) These orbitals result 
in sigma bonds between C-C and C-H. (b) The remaining electron from each carbon atom forms a 
pi bond, shown as dashed lines. The sides of the p orbitals of each carbon atom overlap. 



Figure 14 In an ethyne molecule, an 
s and a p orbital hybridize to form two 
sp hybrid orbitals (blue); two p orbitals 
remain (gold). The two p orbitals are 90" 
from each other. 


A double bond always consists of 1 sigma bond and 1 pi bond. In the sigma bond 
between carbon atoms in ethene, the electron pair resides in the space between the 
atoms. In the pi bond between the carbon atoms, the electron pair occupies the space 
above and below the sigma bond. The electrons in a pi bond have opposite spins, just 
as in sigma bonds. Since there is an additional pair of electrons between atoms in the 
pi bond, a double bond is shorter in length than a single bond. In addition, a double 
bond is stronger and requires more energy to break than a single bond. 

Pi bonds are also present in triple bonds. To illustrate triple bonds, consider the 
molecule ethyne, C 2 H 2 , commonly known as acetylene. The Lewis structure for this 
molecule is 


H—C=C—H 

Since ethyne is a linear molecule, neither the sp^ nor the sp^ hybrid orbitals will 
describe the bonding in this molecule. As for double bonds, you have seen that all 
of the orbitals in a carbon atom do not necessarily form sp^ hybrid orbitals. A partial 
hybridization is possible, in which 2 sp hybrid orbitals form and 2 remaining p orbitals 
each hold a single electron. In ethyne, both carbon atoms are partially hybridized in 
this manner (Figure 14). 
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The carbon atoms can each form 2 sigma bonds using these sp orbitals: 1 sigma 
bond forms with the second carbon atom, and 1 sigma bond forms with a hydrogen 
atom (Figure 15(a)). Each carbon atom is left with 2 additional unpaired electrons, 
each in a p orbital (Figure 15(b)). These unpaired electrons form pi bonds with the 
second carbon atom. One pi bond forms in the region above and below the sigma 
bonds. The second pi bond forms at a 90° angle from the first pi bond. Thus, a triple 
bond consists of 1 sigma bond and 2 pi bonds (Figure 15(c)). 




Figure 15 (a) The sp orbitals of the carbon atom in an ethyne molecule form sigma bonds with a 
hydrogen atom and the opposite carbon atom, (b) The p orbitals of a carbon atom form 2 pi bonds. 
These pi bonds reside 90° from each other, (c) The complete sigma and pi bonds in ethyne 


Recall from Figure 1, page 230, that the benzene molecule has 3 double bonds. 
Based on what you have learned in this section, you now know that sigma and pi 
bonds create the double bonds. Sigma bonds form between the carbon and hydrogen 
atoms, and between the carbon atoms. Pi bonds form between the carbon atoms. As 
in ethene, the pi bonds occupy the space above and below the sigma bonds. However, 
in benzene there are 6 electrons in the pi bonds because there are 3 double bonds in 
the molecule. These electrons are distributed in a ring shape above or below the sigma 
bonds, anywhere within the ring. A computer-generated model of the molecule dem¬ 
onstrates the bonding and electron density in benzene (Figure 16). 



Figure 16 Representation of pi bonding in benzene. The pi bonds are shown as yellow and blue 
cages above and below the plane of the molecule. The cages represent delocalized bonding in the 
benzene molecule. 
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Summary 

• The valence bond theory predicts that a covalent bond forms when two 
atomic orbitals overlap and share electrons. 

• Partially filled s and p orbitals can overlap to share electrons. 

• Sometimes s and p orbitals hybridize, resulting in the creation of sp, sp^, and 
sp^ hybrid orbitals that bond with other atoms. 

• When hybridization occurs, four sp^, three sp^, or two sp orbitals form. The sp^ 
orbitals are tetrahedral, the sp^ orbitals are trigonal planar, and the sp orbitals 
are linear. 

• Single covalent bonds consist of sigma bonds, in which the end of one orbital 
lobe overlaps with another orbital lobe. 

• A pi bond is the result of parallel orbital lobes overlapping with each other. 
Double and triple bonds consist of both sigma and pi bonds. 


• A double bond has one sigma bond and one pi bond, 
one sigma bond and two pi bonds. 

Questions 


1. Determine the hybrid atomic orbitals that describe 
the bonding in a molecule of phosphine, PH3. QQ 

2. What is the difference between a pi bond and a sigma 
bond? QQ 

3. Describe the bonding in the elemental oxygen 
molecule, Oj. Be sure to include terms such as 
“orbitals,” “sigma bonds,” and “pi bonds” in your 
description. QQ 

4. (a) State the three-dimensional structure that 

results from sp, sp^, and sp^ hybrid orbitals. 

(b) Which of these hybrid orbitals can form 
multiple bonds? 1313 

5. The atoms in a single bond can rotate about the 
central axis without breaking the sigma bond, yet 
the bonds in a double or triple bond break when 
the central axis is rotated. Why? BID 

6. Predict the hybridization of each atom, and describe 
the three-dimensional structure of the following 

(a) CO 

(b) H 2 CO 

(c) SiF4 

7. Assume that each of the following atoms reacts with 
hydrogen: (i) boron; (ii) silicon; (iii) nitrogen; and 
(iv) chlorine. BQ E211D 

(a) Write the electron configuration for each atom. 

(b) Draw the orbital diagrams, showing the valence 
electrons. 

(c) Determine whether any electron needs to be 
promoted. If so, draw a new orbital diagram 
showing the excited-state atom. 
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triple bond has 


(d) Hybridize the orbitals as needed. Draw the 
orbital diagrams, showing the hybrid orbitals. 

(e) How many half-empty orbitals does each atom 
have? How many orbitals are available for 
bonding? 

(f) State the orbital each molecule uses to form 
sigma bonds with hydrogen. 

8. What is the hybridization of the central atom in 
each of the following molecules? BID ESI 

(a) H 2 S (d) CO 2 

(b) CCI4 (e) N2 

(c) NCI3 (f) B2F4 

9. In the benzene molecule, each carbon atom bonds 
to 2 carbon atoms and 1 hydrogen atom. BIS BD 

(a) What types of hybrid orbitals are involved in 
these bonds? 

(b) What is the bond angle that you would expect 
in this molecule? 

10. Do you agree with the following statement? If so, 
explain why. If not, revise the statement so that it is 
correct. “A triple bond forms from a pi bond and 
two sigma bonds. In the molecule HCN, the sp^ 
hybrid orbital of carbon results in a tetrahedral 

11. Propadiene, C3H4, is a highly unstable molecule 
consisting of a linear backbone of linear carbon 
atoms. BISDBB 

(a) Draw the Lewis structure of propadiene. 

(b) What type of hybrid orbitals are involved on 
the end carbon atoms? Justify your answer. 

(c) Predict the shape about the end carbon atoms. 

NEL 






Intermolecular Forces 

Some of the largest trees in the world are giant sequoias (Figure 1). Individuals of this 
species can grow as tall as a 30-storey building. Imagine how difficult it would be to 
carry a bucket of water to the top of a 30-storey building. Yet, these large trees regu¬ 
larly transport water from their roots up through their large trunks to their branches 
and leaves. The enormous sequoias require large amounts of water to flow up to an 
extraordinary height. How do they accomplish this task? They take advantage of the 
bonds between molecules. # web link 

You have learned that atoms can form stable units (molecules) by sharing electrons 
with other atoms. The bonds connecting the atoms in a molecule are called intramo¬ 
lecular bonds. The prefix intra- means “within.” Covalent bonds are intramolecular 
bonds. In addition, molecules can be attracted to one another by forces of attraction 
called intermolecular forces. The prefix inter- means “between.” Intermolecular forces 
are forces between molecules, not within molecules. These forces can cause large 
numbers of molecules to aggregate or interact. 

In 1873, Johannes van der Waals suggested that observed deviations from the 
ideal gas law arose because molecules of a gas that has a small but definite volume 
exert forces on each other. We now know that the forces described by van der 
Waals are a combination of many types of intermolecular forces, including dipole- 
dipole forces and London dispersion forces. (You will learn about London disper¬ 
sion forces later in this section.) These types of intermolecular forces are simply 
referred to as van der Waals forces. Later, the concept of hydrogen bonding was 
created to explain anomalous (unexpected) properties of certain liquids and solids. 
In general, intermolecular forces are considerably weaker than the covalent bonds 
between the atoms in a molecule. 

To understand the effects of intermolecular forces, think about what happens 
when a volume of water changes from solid to liquid to gas. The water molecules do 
not change. The intramolecular bonds between the hydrogen atoms and the oxygen 
atom do not break or rearrange. Regardless of whether a volume of water is in the 
solid, liquid, or gas state, each of its molecules always has 1 oxygen atom covalently 
bonded to 2 hydrogen atoms. Changes in state are due to changes in the forces of 
attraction between the molecules, not changes in the forces that hold atoms together 
within the molecules. 

In ice, water molecules do not have much ability to move, although they can 
vibrate. If you supply energy to ice through heating, the motions of the molecules 
increase. The water molecules eventually absorb enough energy to break away from 
the adjacent molecules and the ice melts. As you supply more thermal energy to the 
liquid water, the molecules eventually pass into the gaseous state. The added energy 
allows some water molecules to overcome their attraction to other water molecules, 
so these water molecules escape into the gas phase. The water has boded. 

This section focuses primarily on the structural and bonding characteristics of 
substances in the liquid phase. Section 4.8 will focus on the characteristics of sub¬ 
stances in the solid phase. 


Dipole-Dipole Forces and Hydrogen Bonding 

As you learned in Section 4.3, in an electric field molecules with polar bonds often 
behave as if they have a centre of positive charge and a centre of negative charge, or 
dipole. Polar molecules attract each other electrostatically by lining up so that the 
positive and negative ends are close to each other, causing intermolecular forces 
called dipole-dipole forces. In a liquid, where many molecules are close to each other, 
dipoles attract each other when opposite charges are aligned and repel one another 
when similar charges face each other. At any point in time, the dipoles find the best 
compromise between the attractive and repulsive forces. 



Figure 1 This sequoia is officially the 
largest giant sequoia. It is 82.9 m tall. 


intramolecular bond the chemical bond 
within a molecule 

intermolecular force a force that causes 
one molecule to interact with another 
molecule; occurs between molecules 

van der Waals forces many types of 
intermolecular forces, including dipole- 
dipole forces, London dispersion forces, 
and hydrogen bonding 


dipole-dipole force the intermolecular 
force that is caused when the dipoles of 
polar molecules position their positive and 
negative ends near each other 
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Figure 2(a) illustrates the alignment of polar molecules due to dipole-dipole 
forces, and Figure 2(b) illustrates the attractive and repulsive action of dipole-dipole 
forces in a liquid. Dipole-dipole forces are only about 1 % as strong as covalent or 
ionic bonds. They weaken rapidly as the distance between the dipoles increases. In 
substances at low pressures in the gas phase, where molecules are far apart from each 
other, these forces are relatively unimportant. 


hydrogen bond the strong dipole-dipole 
force that occurs when a hydrogen atom 
bonded to a highly electronegative atom 
(oxygen, nitrogen, or fluorine) is attracted 
to a partially negative atom on a nearby 
molecule 


0>.Q 

(a) 



repulsion 

(b) 


Figure 2 (a) The electrostatic interaction of two polar molecules (b) The interaction of many dipoles in 
a liquid 


There are unusually strong dipole-dipole forces among molecules in which a hydrogen 
atom is bonded to form a covalent bond with a highly electronegative atom—nitrogen, 
oxygen, or fluorine. Two factors account for the strengths of these dipole-dipole forces: 
the great polarity of the covalent bond and the unusual closeness with which the dipoles 
on these molecules can approach each other. Since dipole-dipole attractions of this 
type are so strong, they have a special name: hydrogen bonds. Figure 3 shows hydrogen 
bonding among water molecules. The hydrogen bonding occurs between the partially 
positive hydrogen atoms and the partially negative oxygen atoms. 
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Hydrogen Bonding (page 257) 

Now that you have learned how 
hydrogen bonds form, perform 
Investigation 4.7.1 to determine the 
effect of hydrogen bonds on chemical 
reactions. 


Figure 3 (a) The partial positive and negative dipoles in a water molecule (b) Hydrogen bonding 
(shown as blue dotted lines) among water molecules. The hydrogen atoms in the water molecules 
have lost most of their electrons to the more electronegative oxygen atom, so they can be 
approached more closely by the electron-rich oxygen atoms of adjacent water molecules. Even 
small changes in distances at the atomic level can result in dramatically larger electrostatic forces. 

Hydrogen bonding has a very important effect on a substance’s physical properties. 
For example. Figure 4 shows the boiling points of covalent hydrides of elements in 
Groups 14, 15, 16, and 17 of the periodic table as a function of the period in which 
the non-hydrogen atom is found. The tetrahedral hydrides of Group 14 (blue line) 
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show a steady increase in boiling point as the molar mass increases. This result is 
expected. None of these hydrides have molecular dipoles because each has 4 hydrogen 
atoms distributed symmetrically about the central atom: they are all non-polar mol¬ 
ecules. Every molecule with a central atom from Groups 15, 16, or 17 possesses a 
molecular dipole, but the lightest members in each group, NHj, HE, and HjO, have 
unexpectedly high boiling points. High boiling points mean that these molecules 
attract other molecules of the same type with forces that are greater than expected. So, 
it takes more energy than expected to convert these molecules from a liquid state to a 
gaseous state. Why do these 3 molecules have such highly attractive forces? 



As you work on the Unit Task on 
page 268, consider how the groups in 
your new periodic table will change. 
How will the physical properties of the 
elements change? 


Figure 4 The boiling points of the covalent hydrides of the elements in Groups 14,15,16, and 
17. The point connected by the dashed line shows the expected boiling point of water if it had no 
hydrogen bonds. 

The especially large dipole-dipole interactions generated by these 3 molecules 
can be attributed to the large electronegativities of the nitrogen, oxygen, and fluorine 
atoms they contain. The electronegativities are so large that the hydrogen atom prac¬ 
tically loses its electron altogether. Consequently, the negative ends of neighbouring 
molecules can get very close to the positive hydrogen nucleus (a proton). This results 
in an unusually large dipole-dipole force of attraction, a hydrogen bond. 

Nitrogen, oxygen, and fluorine are the only 3 elements in the periodic table whose 
atoms have this effect. Atoms of other elements either have a smaller electronegativity 
or are too large to move inside hydrogens atomic radius. For example, a chlorine atom 
has the same electronegativity as a nitrogen atom, but it is too large to get close enough 
to a hydrogen nucleus on a neighbouring molecule. The unusually strong dipole- 
dipole forces associated with hydrogen atoms bonded to atoms of nitrogen, oxygen, or 
fluorine are therefore given the special name of hydrogen bonds. Molecules capable of 
hydrogen bonding remain in the liquid state even at high temperatures—hence their 
very high boiling points. 

Hydrogen bonds must not be confused with covalent or other intramolecular bonds. 
As strong and important as hydrogen bonds are, they are still 10 to 20 times weaker 
than typical covalent bonds. They are, however, central to many important biological 
systems, such as organic molecules (molecules with a carbon chain backbone). For 
example, the alcohols methanol, CH3OH, and ethanol, CHjCHjOH, have much higher 
boiling points than you would expect from their molar masses. The polar O-H bonds 
in these molecules form hydrogen bonds that result in high boihng points. 
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Figure 5 The three-dimensional 
structure of the insulin protein molecule 
is in part due to hydrogen bonding 
between parts of the molecule. 



Figure 6 The 2 strands of DNA 
resemble a twisted ladder. The rungs of 
the ladder contain hydrogen bonds that 
form between the bases in each DNA 
strand. 

London dispersion forces the 

intermolecular forces that exist in non¬ 
polar molecules; they increase as the 
molecular mass increases 


Life as we know it would be impossible without hydrogen bonds. Hydrogen 
bonding is necessary for the proper structure and function of many biological 
molecules. Proteins are made of chains of different amino acids joined through a 
covalent amide bond. An amide bond joins the nitrogen atom of an N-H group of 
one amino acid to the carbon atom of a C=0 group of an adjacent amino acid. Both 
of these functional groups can participate in hydrogen bonding with neighbouring 
amino acids in other parts of the chain and are partially responsible for the three- 
dimensional shapes of protein molecules, such as the insulin molecule represented in 
Figure 5. Hydrogen bonds are important to the function of DNA, deoxyribonucleic 
acid. The three-dimensional structure of DNA is a double helix made of 2 complemen¬ 
tary strands held together by hydrogen bonds (Figure 6). 

London Dispersion Forces 

Even molecules without dipoles can exert forces on each other. All substances—even 
the nohle gases—exist in liquid and solid states under certain conditions because of 
intermolecular forces called London dispersion forces. These forces are named after Fritz 
London, the chemist who first suggested the idea of these forces in non-polar mol¬ 
ecules. While studying the boiling points of polar substances, London was not able 
to identify a specific pattern based on molecular mass and dipole-dipole forces. He 
hypothesized that there must be an additional force of attraction. He proposed that 
forces of attraction and/or repulsion exist between any 2 molecules. 

To understand the origin of these forces, consider a pair of noble gas atoms. 
Although you usually assume that the electrons of an atom are uniformly distributed 
around the nucleus, this is not true at every instant. As the electrons move around 
the nucleus, a momentary non-symmetrical electron distribution can develop. This 
effect produces a temporary dipole-like arrangement of charge. The formation of this 
temporary dipole can affect the electron distribution of a neighbouring atom. An 
instantaneous dipole that occurs spontaneously in one atom can induce a similar, and 
opposite, dipole in a neighbouring atom (Figure 7). 


Atom A Atom B 

No polarization 



Molecule A Molecule B 

No polarization 



Atom A Atom B 

Instantaneous dipole on atom A 
induces a dipole on atom B 

I 

8“ sr 


Atom A Atom B 

(a) 



Molecule A Molecule B 

Instantaneous dipole on molecule A 
induces a dipole on molecule B 

I 



Molecule A Molecule B 

(b) 


Figure 7 (a) An instantaneous dipole can occur In atom A. This dipole creates an induced dipole 
on neighbouring atom B. (b) Non-polar molecules such as elemental hydrogen can also develop 
instantaneous and induced dipoles. 
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The induced dipole results in an attractive force that is relatively weak and does not 
last long, but can be very significant for large atoms, for molecules with many atoms, 
or at low temperatures. For example, when atomic motion slows down sufficiently 
(in cold temperatures), the attractions due to London dispersion forces can become 
strong enough to form a solid. These attractions explain why the noble gas elements 
freeze (Table 1). 

Note from Table 1 that the freezing point rises as you go down the group. This 
is because the number of electrons increases as the atomic number increases. Since 
outer electrons are less tightly held by the nucleus, atoms with more electrons are 
more easily deformed. This phenomenon is called polarizability. The greater an atom’s 
polarizability, the easier it is to deform its charge distribution. Thus, large atoms with 
many electrons exhibit a higher polarizability than small atoms. The significance of 
London dispersion forces also increases greatly as the size of the atom increases or as 
the number of atoms in a molecule increases. 

Non-polar molecules such as hydrogen, carbon dioxide, methane, carbon tetra¬ 
chloride, and alkanes also follow this trend (see Figure 7(b)). Even though none of 
these molecules has a permanent dipole, they can still attract other molecules through 
London dispersion forces. All substances experience London dispersion forces. 
However, these forces are not always apparent because dipole-dipole interactions and 
hydrogen bonds are much stronger. 

Connecting Intermolecular Forces 
and Physical Properties 

Consider some of the physical properties of the hydrogen compounds that form 
from the Group 14 afoms (C, Si, Ge, and Sn). Based on what you have learned about 
three-dimensional structure and molecular polarity, you know that these molecules 
are non-polar tetrahedral molecules. Thus, London dispersion forces are the domi¬ 
nant intermolecular forces present in these molecules. As you go down a group in the 
periodic table, you would expect the London dispersion forces to increase, so larger 
molecules should have a greater tendency to stay together. Larger molecules should 
also have higher melting points and boiling points. The boiling point data in Table 2 
shows that this is exactly what happens. 

Numerous physical and chemical properties depend on the nature of intermo¬ 
lecular forces. Hydrogen bonds are the strongest intermolecular forces, and dipole- 
dipole forces are stronger than London dispersion forces. Therefore, molecules with 
hydrogen bonds have a greater tendency to stick together than molecules with weaker 
dipole-dipole forces. Similarly, molecules with dipole-dipole forces have a greater 
attraction to each other than molecules attracted by London dispersion forces only. 
So, molecules with dipole-dipole forces and/or hydrogen bonds have higher melting 
points, boiling points, surface tension, and viscosity than similar-sized molecules 
with only London dispersion forces. 

Regardless of the strength of the dipole, a positive dipole always attracts a nega¬ 
tive dipole. Thus, 2 different but polar molecules will tend to attract each other. For 
example, many ionic compounds interact favourably with water and readily dis¬ 
solve in it. Since water forms hydrogen bonds, other substances that can also form 
hydrogen bonds are even more soluble in water than molecules with just dipoles. 
Some important physical properties that strongly depend on intermolecular forces 
include melting point, boiling point, viscosity, solubility, binding affinity, miscibility, 
surface tension, adhesion, hydrophobicity, heat of vaporization, heat of fusion, elas¬ 
ticity, tensile strength, and capacitance. 


Table 1 The Freezing Points of the 
Group 8A Elements 


Element 

Freezing point (°C) 

helium 

-269.7 

neon 

-248.6 

argon 

-189.4 

krypton 

-157.3 

xenon 

-111.9 


polarizability the ability of a substance to 
form a dipolar charge distribution 


Table 2 Boiling Points of Group 4A 
Hydrogen Compounds 


Compound 

Boiling point (°C) 

CH 4 

-164 

SiH 4 

-112 

GeH 4 

-89 

SnH 4 

-52 
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4.7.2 


Tutorial 1 ' Intermolecular Forces and Physical Properties 


Boiling Points and Intermolecular 
Forces (page 258) 

Now that you have learned how to 
predict the properties of a substance 
based on its intermolecular forces, 
perform Investigation 4 . 7.2 to 
compare your predictions to known 
properties of substances. 


In this Tutorial, you will predict physical properties of different substances from the types 
of intermolecular forces among the molecules. 

Sample Problem 1; Predicting Boiling Points 

Predict which of the following molecules has the highest boiling point: Hj, I2, Fj, Brj, or Clj. 

Solution 

step 1. Determine the intermolecular force(s) for the set of molecules. 

Since these molecules are all molecular elements, each molecule is non-polar. 
The dominant intermolecular force is therefore the London dispersion force. 

Step 2. Determine the molecular mass of each molecule. 

See Table 3. 

Table 3 Molecules and Their Molecular Masses 


Molecule 

Molecular mass (u) 

H 2 

2.0 

F2 

38.0 

CI 2 

70.9 

Br2 

159.8 

I2 

253.8 


Step 3. Identify the molecule with the largest molecular mass. 

From Table 3 , this molecule is Ij. Since larger molecules have greater London 
dispersion forces, you can predict that the Ij molecule has the highest boiling point. 
Statement: The I2 molecule is predicted to have the highest boiling point. 

Table 4 lists the boiling points for the molecules in this Sample Problem. I2 has the 
highest boiling point; therefore, the Statement is correct. 

Table 4 Boiling Points of Several Molecules 


Molecule 

Boiling point (°C) 

H 2 

-253 

F 2 

-188 

CI 2 

-34 

Br2 

59 

I 2 

184 


Practice 

1. Predict which of the following molecules has the highest boiling point: CH3OH, 
CH3CH2OH, or CH3CH2CH2OH. Explain your reasoning. Ezn a [ans: cHjCHjCHjOH] 

2 . Of the 2 molecules CH3CH2CH2CH2NH2 and CI2, which should have a lower boiling 
point? Why? izna[ans:cy 
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Physical Properties of Liquids 

Liquids and liquid solutions are vital to our lives. Water is our most important liquid. 
Besides being essential to life, water provides a medium for food preparation, trans¬ 
portation, cooling machines, recreation, cleaning, and countless other uses. 

Liquids demonstrate many characteristics that help us understand their nature. 
A liquid is not as compressible as a gas, but liquids have higher densities than gases. 
Many of the properties of liquids give us direct information about the forces that 
exist between their entities (molecules, atoms, or ions). For example, when you 
pour a liquid onto a solid surface, it tends to bead as droplets. This effect is due to 
the intermolecular forces in the liquid. Although entities in the centre of a drop of 
liquid are completely surrounded by other entities, those at the surface experience 
attractions only from the side and helow (Figure 8). This uneven pull on the surface 
entities draws them into the body of the liquid. The energy of the system is lowest 
only if the number of entities at the surface is as low as it can be; that is, if the surface 
area is minimized. The result is a droplet of liquid with a shape that has the minimum 
surface area—a sphere. 


surface 



C 


Figure 8 The outer entities of liquid attract entities in the interior. The entities at the surface only 
interact with entities beiow and beside them. Remember that the entities in a liquid are in constant 
motion. 


To increase a liquids surface area, entities must move from the interior of the 
liquid, where there are many attractions, to the surface, where there are fewer attrac¬ 
tions. This movement raises the energy, and the liquid resists. The resistance of a 

liquid to increase its surface area is the surface tension of the liquid. As you would surface tension the resistance of a liquid 

expect, liquids with relatively large intermolecular forces, such as those with polar to increase its surface area 

molecules, have relatively high surface tensions. 

Polar liquids also exhibit capillary action—the rising of a liquid in a narrow tube. capillary action the spontaneous rising 

Two types of forces are responsible for capillary action: cohesive forces and adhesive of o lidoid in a narrow tube 

forces. Cohesive forces are intermolecular forces among the entities of the liquid; 
adhesive forces are the forces between the liquid entities and their container. You have 
seen examples of cohesion in polar molecules. Adhesive forces come into play when 
a polar liquid is placed in a container also made from a polar substance. For example, 
glass contains many oxygen atoms with partial negative charges that attract the posi¬ 
tive end of a polar molecule such as water. This force makes the water creep up the 
walls of a glass tube. Adhesive forces tend to increase the surface area of the water, 
while cohesive forces try to minimize the surface area. Water has strong cohesive 
(intermolecular) forces as well as strong adhesive forces toward the glass. The result 
is that water “pulls itself” up a glass capillary tube (a tube with a small diameter). The 
height to which the water travels is where the force of gravity on the mass of the water 
balances the waters attraction to the glass surface. # career link 
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viscosity the measure of a liquid’s 
resistance to flow 


The meniscus that water forms in a narrow tube has a concave shape (Figure 9(a)). 
This shape arises because the adhesive forces among water molecules and glass mol¬ 
ecules are stronger than the cohesive forces among the water molecules. On the other 
hand, a non-polar liquid such as mercury shows a convex meniscus (Figure 9(b)). This 
behaviour is characteristic of a Hquid in which the cohesive forces among entities of 
the liquid are stronger than the adhesive forces among the liquid and glass molecules. 


water mercury 



Figure 9 (a) Water molecules have strong adhesive forces toward glass molecules, and form a concave 
meniscus, (b) Mercury atoms have stronger cohesive than adhesive forces, resulting in a convex meniscus. 


Another property of liquids that is strongly dependent on intermolecular forces is 
viscosity, the measure of a liquids resistance to flow. Liquids with large intermolecular 
forces are highly viscous. For example, glycerol, CjHgOj, has the structure 


H—C—O—H 

I 

H—C—O-H 

I 

H—C—O—H 

I 

H 

Glycerol has an unexpectedly high viscosity—over 1000 times that of water—due to 
its ability to form multiple hydrogen bonds with its O-H groups (Figure 10). 



Figure 10 The hydrogen bonding in glycerol gives it a high viscosity. 

Longer molecules are usually more viscous than smaller, shorter molecules 
because long molecules can become tangled with each other. For example, gasoline, 
with an average length of 8 carbons, is a non-viscous liquid. Yet the hydrocarbon 
chains in grease, a viscous group of substances, are 20 to 25 carbons long. 

How do intermolecular forces explain the transport of water in giant sequoia 
trees? All plants use very thin tubes called xylem tubes to transport water from the 
ground to their leaves. In this process, the plant exploits both the surface tension and 
the capillary action of water. As water evaporates in the leaves, millions of menisci 
are formed in the tiny vascular bundles of the xylem tubes. As the surface tension of 
water works to reduce the surface area of these menisci, water molecules intercon¬ 
nected by hydrogen bonds pull each other up the full length of the plant by capillary 
action, even as high as the upper branches of a giant sequoia. 
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Review 


Summary 

• Intermolecular forces occur between, not within, molecules. 

• The attraction between polar molecules is from electrostatic dipole-dipole 
forces. These forces attract oppositely charged and repel like charged ends of 
nearby molecules. 

• Molecules in which a hydrogen atom is covalently bonded to nitrogen, 
oxygen, or fluorine form hydrogen bonds, which are unusually strong 
dipole-dipole interactions. 

• Intermolecular forces caused by inducing temporary dipoles in atoms and 
molecules are called London dispersion forces. AU molecules can produce 
London dispersion forces, but these forces are weak and tend to be important 
in interactions between non-polar molecules. London dispersion forces 
typically increase as a molecule’s mass and size increase. 

• Molecules that have stronger intermolecular forces have higher melting 
points, boiling points, viscosity, and surface tension than molecules with 
weaker intermolecular forces. 


7 


Questions 


1. From the following groups, identify the substance that 
has the listed property. Explain your answer. QQ 

(a) highest boiling point: HBr, Kr, CI2 

(b) highest freezing point: H2O, NaCl, HBr 

(c) lowest vapour pressure at 25 °C: CI2, Br2,12 

(d) lowest freezing point: N2, CO, CO2 

(e) lowest boiling point: CH4, CH3CH3, 
CH3CH2CH3 

(f) highest boiling point: HF, HCl, HBr 

2. From the following groups, identify the substance 
that has the listed property. Explain your answer. QID 

(a) highest boiling point: CCI4, CF4, CBr4 

(b) lowest freezing point: LiF, F2, HCl 

(c) lowest vapour pressure at 25 °C: CH3OCH3, 
CH3CH2OH, CH3CH2CH3 

(d) greatest viscosity: HF, H2O2 

(e) greatest heat of vaporization: H2CO, CH3CH3, 
CH4 

3. (a) Why does ammonia have a very high solubility 

in water? 

(b) Draw a diagram of water interacting with 

ammonia molecules using Lewis structures. 013 D 

4. Predict which substance in each of the following 
pairs has stronger intermolecular forces, and 
explain your reasoning: Od Eii B 

(a) C02orOCS 

(b) Se02orS02 

(c) CH3CH2CH2NH2 or H2NCH2CH2NH2 


(d) CH 3 CH 3 orH 2 CO 

(e) CH 30 HorH 2 CO 

5. Consider the compounds CI 2 , HCl, F 2 , NaF, and HF. 
Which compound has a boiling point closest to that 
of argon? Explain your reasoning. Qd EH 

6 . The following compounds have boiling points (in no 
particular order) of —42.1 °C, —23 °C, and 78.5 °C. 
Match the boiling points to the correct compounds, 
and give reasons for your answer. Qd EZQ 

(a) ethanol, CH3CH2OH 

(b) dimethyl ether, CH3OCH3 

(c) propane, CH 3 CH 2 CH 3 

7. Molecular compounds can have London dispersion 
forces, dipole-dipole forces, and hydrogen bonding. 
Identify all the intermolecular forces present in each 
of the following compounds: dd Em 

(a) alcohols (for example, CH3OH) 

(b) amines (for example, CH 3 NH 2 ) 

(c) hydrocarbons (for example, CH3CH3) 

(d) carboxylic acids (for example, CH3COOH) 

(e) ethers (for example, CH3OCH3) 

8 . For the compounds listed in Question 4, if the 
molecular masses of the substances were equal, 
which substance would you expect to have the 
highest boiling point? Why? Qd Em 
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Figure 1 The Boeing 787 Dreamliner, 
made of composite materials, is more 
fuel-efficient than older aircraft. 


composite material a material composed 
of two or more distinct materials that 
remain separate from each other in the 
solid phase 





• Na^ 

Q ci- 

(a) sodium chloride 


The Structure and 
Properties of Solids 

The rising cost of fuel has had a profound impact on the price we pay to travel. You 
are likely aware of how expensive gasoline is these days. Now imagine the cost of 
filling a commercial airplanes fuel tank, which is 3000 times larger than a car’s gas 
tank! Given how much fuel an airplane consumes, it is not surprising that the cost of 
an airline ticket has increased substantially in recent years. 

Because of high fuel prices, airplane designers have been working to develop 
lighter, quieter, and more fuel-efficient airplanes such as the Boeing 787 Dreamliner 
aircraft (Figure 1). This model of plane uses approximately 20 % less fuel than a 
comparable Boeing 767 model. The 787 Dreamliner is the first major airplane to 
use composite materials —materials made from 2 or more substances that have sig¬ 
nificantly different chemical and physical properties. In composite materials, the 
substances remain separate and distinct from each other. Many common products, 
such as boats, bricks, surfboards, and even concrete, use composite materials. The 
787 Dreamliner is made of at least 50 % composite materials, being mostly carbon 
and reinforced plastic. This combination provides a high strength-to-weight ratio and 
makes the airplane lighter than other models. Composite materials are also resistant 
to corrosion, heat, and chemicals—ideal for high-atmosphere travel. The properties 
of a composite material are determined by the structural and bonding characteristics 
of the substances from which it is made. 

In this section, you will learn about the structural and bonding characteristics of 
substances in the solid phase. There are many different types of solids, such as ionic 
solids, metallic solids, molecular solids, and network solids. These are all crystalline 
solids. Figure 2 shows three types of crystalline solids. You can see that the structural 
properties of each solid are different from each other. 




Cc 

(b) diamond 




Figure 2 Examples of the different types of crystalline solids, (a) Sodium chloride is an ionic solid 
composed of alternating sodium, Na+, and chloride, Cl^, ions, (b) Diamond is a solid arrangement 
of carbon atoms, (c) Ice is the solid form of water. The blue dotted lines show hydrogen bonds 
between adjacent polar water molecules. 
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Ionic Crystals 


You are already familiar with ionic crystals because you have studied the ionic bond 
that forms between Na'*' and Cl“ ions. This ionic crystal forms from the interaction 
of metal (sodium) and non-metal (chloride) ions. The ions arrange in a crystal lattice 
structure, with alternating packing of the positive and negative ions (Figure 2(a)). 

Many of the physical properties of NaCl(s) are also characteristic of other ionic 
crystals. For example, NaCl(s) is a hard, brittle solid. When it dissolves in water, the 
solution conducts electricity, but solid NaCl does not conduct electricity. Ionic crys¬ 
tals tend to have high melting points. Magnesium oxide (used in antacid tablets) is 
an ionic solid that has a melting point of 2852 °C. This property is the result of the 
strong ionic bonds that hold the oppositely charged ions together. 


Metallic Crystals 


If you had the task of describing a metal, what words would you use? You might say 
that a metal is shiny or silvery. You may also describe a metal as a good conductor of 
thermal energy and electricity. In the solid state, metals form a metallic crystal, which 
is a structure composed of closely packed atoms held together by electrostatic inter¬ 
actions and free-moving electrons. Unlike ionic crystals, not all metallic crystals have 
similar properties. For example, solid gold is quite soft and easily moulded, making 
it useful in making jewellery. In contrast, solid aluminum, which is used to make 
items such as soft-drink cans, is much harder than gold so it keeps its shape better 
than gold. The melting points of metallic crystals also vary widely. Some metals, such 
as mercury, melt below room temperature, whereas others, such as tungsten, melt at 
temperatures higher than 3000 °C. 

What theory can explain these varied characteristics of metallic crystals? The 
electron sea theory postulates that metals are composed of closely packed atoms whose 
valence electrons are free to move. In this model, the positively charged nuclei of the 
atoms in the crystal remain at fixed points while the electrons are mobile (Figure 3). 
Imagine that you have placed several small marbles in a cup of water. The water 
(representing electrons) can move freely in the cup, but the marbles (representing 
nuclei) remain relatively fixed in place. The mobile electrons do not associate with 
1 nucleus only, but move from nucleus to nucleus and thereby hold the positively 
charged nuclei together. This theory explains metallic bonding, the bonding that holds 
the nuclei and electrons of metals together. 


metallic crystal a solid with closely 
packed atoms held together by electrostatic 
interactions and free-moving electrons 


electron sea theory a theory that states 
that the electrons in a metallic crystai 
move freely around the positively charged 
nuclei 


metallic bonding the bonding that holds 
the nuclei and electrons of metals together 


00'Q 0 0'0'0"© 

0e-0“''- 

(a) (b) 

Figure 3 In the electron sea model of metallic solids the electrons are mobile, (a) Model of the 
Group 1 alkali metals with 1 valence electron (b) Model of the Group 2 alkaline earth metals with 2 
valence electrons 

The electron sea theory explains several properties of metallic crystals. The atoms 
within metallic crystals have low ionization energies because they possess loosely 
held electrons that can move freely outside their valence orbitals. The strong forces 
of attraction between the positive nuclei and the electrons result in closely packed 
metallic crystal structures. 
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Table 1 lists examples of common properties of metallic solids and an explanation 
of these properties. 


Table 1 Properties of Metallic Solids 


Property 

Explanation 

sheen 

Mobile valence electrons absorb and emit light energy of many 
wavelengths of light. 

malleability 

The “electron sea” allows atoms to slide over each other. 

electrical conductivity 

Mobile valence electrons produce an electric current when a metal is 
connected to a battery. 

hardness 

The “electron sea” surrounding the positive nuclei produces strong 
electrostatic attractions that hold the nuclei together. 


Molecular Crystals 


molecular crystal a solid composed 
of individual molecules held together by 
intermolecular forces of attraction 


Table 2 Properties of Molecular Crystals 


Property 

Reason 

low melting 
point 

intermolecular 

interactions 

little hardness 

intermolecular 

interactions 

electrical 

non-conductor 

composed of 
neutral molecules 



Figure 5 Polarized light micrograph 
of a crystal of iodine, Ij. The structure 
is a regular arrangement of iodine 
molecules. 


covalent network crystal a solid in 
which the atoms form covalent bonds in 
an interwoven network 


Some substances, called molecular crystals, form crystal lattice structures when in the 
solid state, including sulfur, iodine, water, and carbon dioxide. Molecular crystals are 
similar to ionic crystal lattices except that they are often more complex. For example, 
the molecular crystal of water (ice) can form several different types of structures in 
the frozen form. Figure 4 shows a symmetrical hexagonal structure that is often the 
form of ice in a snowflake. 



Figure 4 Two angles of the molecular model of a hexagonal lattice of solid water in a snowflake. 
In this illustration, atoms of both hydrogen and oxygen are red, covalent bonds between atoms are 
light grey, and hydrogen bonds between molecules are dark grey. 


The intermolecular forces within a molecular crystal determine its structure and 
properties. Remember that intramolecular forces are much stronger than intermo¬ 
lecular forces. Intermolecular forces include London dispersion, dipole-dipole, and 
hydrogen bonding forces. Polar molecules exhibit both dipole-dipole forces and 
London dispersion forces, and non-polar molecules exhibit only London disper¬ 
sion forces. The weak intermolecular forces help determine the properties of neutral 
molecules, which is why molecular crystals tend to have lower melting points and be 
less hard than ionic crystals. Molecular crystals contain neutral molecules, so they do 
not conduct an electric current very well, either in their pure form or in solution 
(Table 2). Figure 5 shows a light micrograph of a crystal of iodine, l 2 (s), where mol¬ 
ecules display a regular arrangement of equally spaced atoms within a lattice. 


Covalent Network Crystals 

A covalent network crystal is a solid in which the covalent bonds between atoms form an 
interwoven network. Diamond, the hardest naturally occurring substance on Earth, is an 
example of a covalent network crystal. The carbon atoms in a diamond molecule form 
a tetrahedral structure, as shown earlier, in Figure 2(b) on page 248. Each carbon atom 
forms 4 single covalent bonds to other carbon atoms by way of sp^ hybrid orbitals. The 
network of covalent bonds is the source of the name for these crystals. You can predict 
some of the properties of covalent network crystals, using diamond as a model. 
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Covalent network crystals tend to have very high melting points and extreme 
hardness. The melting point of diamond is over 3500 °C. Therefore, the covalent 
bonding structure in a network solid must be very strong. You may have observed 
many hydrocarbon molecules that contain carbon-carbon covalent bonds, such 
as ethane and octane. The carbon-carbon bonds in diamond are no different than 
the carbon-carbon bonds in these molecules. However, the strength of diamond 
is a result of its interlocking network structure (Figure 6). Think of the strength of 
a braided rope. If you were to separate the individual strands, you would find that 
they are not very strong. Yet, when you braid the strands together, the rope is much 
stronger than any one strand. 

Since the atoms in diamond interlock, they do not move around easily. This 
accounts for the extreme hardness of covalent network crystals. A large amount of 
energy is required to break the bonds in a covalent network crystal and melt it. The 
electrons in covalent network crystals do not move freely through the crystal because 
the atoms and covalent bonds hold the electrons in place. Thus, covalent network 
crystals are not good conductors of electricity. 

Carbon atoms can form other structures in addition to the structure found in dia¬ 
mond (Figure 7(a)). Carbon atoms can form layers or sheets when in the solid phase, 
such as in graphite (Figure 7(b)), large spherical molecules in buckyballs (Figure 
7(c)), and long, thin carbon nanotubes (Figure 7(d)). # web link 



(b) graphite (d) carbon nanotube 

Figure 7 The different structures of soiid carbon, (a) The tetrahedrai arrangement of carbon atoms in 
a diamond, (b) The iayered sheet structure of carbon atoms in graphite. A weak bonding interaction 
occurs between the iayers of carbon sheets, (c) The ring-like arrangement of carbon atoms in a 
buckyball (d) The long, tube-like structure of carbon atoms in nanotubes 

Graphite has very different properties from diamond. Graphite is slippery, black, 
and an electrical conductor. These differences are a result of the difference in bonding 
within graphite. The carbon atoms arrange in a hexagonal sheet. Each carbon atom in 
a sheet of graphite bonds to 3 other carbon atoms in a trigonal planar arrangement. 
Therefore, electrons in sp^ hybrid orbitals form the covalent bonds in graphite. This 
arrangement results in delocalized electrons inp orbitals that can move from one side 
of the sheet to the other, which accounts for the electrical conductivity of graphite. 
Graphite has strong covalent bonds along the plane of the graphite sheet, and weaker 
London dispersion forces hold the graphite layers together (Figure 7(b)). 



Figure 6 The covalent arrangement of 
carbon atoms in a solid diamond 
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buckyball a spherical arrangement of 
carbon atoms that forms a hollow, 
cage-like structure 


carbon nanotube a solid made of carbon 
atoms similar to graphite rolled into a 
cylinder 


semiconductor a substance that 
conducts a slight electric current at 
room temperature but has increasing 
conductivity at higher temperatures 



Figure 9 This microchip, which can 
contain millions of transistors, is built on 
a wafer of semiconductor material. 


A buckyball consists of 60 carbon atoms arranged in a soccer ball-like structure. 
Its actual name is buckminsterfullerene, in honour of Richard Buckminster Fuller, 
who built architectural domes of this shape. The carbon atoms link together to form 
a hollow, dome-shaped cage. Buckyballs are extremely stable structures that have very 
high melting points. In the past 15 years, buckyballs have become popular because 
they have many different applications. Uses for buckyballs include chemical sensors, 
photovoltaic cells, cosmetics, and vehicles for delivering pharmaceutical drugs to 
cells. Carbon nanotubes are very similar in structure to buckyballs except that they have 
a cylindrical shape that is rolled at specific angles. The properties of nanotubes differ 
depending on their circumference, length, and twist. Nanotubes were discovered in 
1991, and scientists are still learning more about the properties and applications of 
these structures. 

Most covalent network crystals comprise the elements and compounds of carbon 
and silicon. The element silicon belongs to the same group (Group 14) as carbon in 
the periodic table. Silicon compounds make up most rocks, sand, and soil found on 
Earth. Crystalline quartz is a covalent network crystal of the silica molecule, Si02 
(Figure 8(a)). Quartz forms a regular structure of molecules within the crystal. 

When you heat solid silica above its melting point and then cool it rapidly, solid 
glass forms. Glass has a much more disordered structure than quartz (Figure 8(b)). 
Cooling molten glass quickly forms a structure that is not crystalline. In fact, glass 
more closely resembles a very viscous liquid than it does a crystalline solid. The 
properties of glass can change depending on the addition of different additives. For 
example, horosilicate glass, made of boron oxide and silica, produces a glass that 
does not expand or contract much when its temperature changes. Borosilicate glass 
is commonly used in labware and cookware because it resists breaking when heated 
or cooled rapidly. 


\ 
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(a) (b) 

Figure 8 Two-dimensional representations of (a) a quartz crystal and (b) quartz glass. Note the 
irregular structure of the glass in contrast to the regular structure in the crystal. 


Semiconductors 

Transistors are essential components of electronic devices. As transistors have 
decreased in size, so has the size of electronic devices, while the capabilities of these 
devices have increased. You can listen to music, work at a computer, and watch tele¬ 
vision because of transistors. Transistors act as amplifiers and switches in electronic 
circuits. Semiconductors are essential components of transistors. Semiconductors 
consist of covalent crystals of elements such as silicon or germanium that conduct a 
small amount of electric current in standard conditions. When you increase the tem¬ 
perature slightly, the conductivity increases significantly. Engineers modify silicon or 
germanium by adding a small amount of an element such as arsenic or boron in a 
process called doping. This process allows engineers to create semiconductors with 
specific conductive properties (Figure 9). 
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The atoms in a semiconductor have full valence electron shells, so electrons 
do not move from one atom to another. Thus, semiconductors are normally non¬ 
conductors. Semiconductors are sometimes doped with arsenic, which has 1 more 
valence electron than silicon. A slight increase in temperature causes these addi¬ 
tional electrons in arsenic to jump to a higher energy level. When the electrons are 
in an excited state, they move from atom to atom easily and the semiconductors 
conductivity increases (Figure 10(a)). This type of semiconductor is an n-type semi¬ 
conductor. Silicon can also be doped with boron, which has 1 less valence electron 
than silicon. The missing electron creates a hole around the boron atoms that elec¬ 
trons from surrounding atoms move to fill, which also increases the semiconductor s 
conductivity (Figure 10(b)). This type of semiconductor is a p-type semiconductor. 

1^ CAREER LINK 


Identifying Solids (page 259) 

Now that you know about the 
different types of solids, perform 
Investigation 4.8.1 to identify solids 
based on their physical and chemical 
properties. 



n-type semiconductor 


(a) 



p-type semiconductor 


(b) 


Figure 10 (a) A silicon crystal can be doped with arsenic, which has one more valence electron 
than silicon, (b) A silicon crystal can also be doped with boron, which has one less valence electron 
than silicon. 


Research This 


3-D Photocopiers 

Skills: Researching, Analyzing, Evaluating, Communicating 

Imagine that you are building a small bird feeder at home and 
you run out of nails. Typically, you would go to the store to 
purchase the nails. Now suppose you had a 3-D photocopier, or 
“fabricator”—a futuristic machine able to reproduce any three- 
dimensional object. Instead of going to the store, you could just 
reproduce the nails at home with the touch of a button. This idea 
may sound like science fiction to you, but scientists and engineers 
are beginning to deveiop such a machine (Figure 11). 



Figure 11 A 3-D photocopier may one day allow you to create 
any object. Just design the object that you need from your 
computer and in a matter of seconds, a real-life replica is 
produced. 


HANDBOOK " *^.1 

To design a machine like this, it is important to understand 
the structure of the atoms and molecules that comprise these 
objects, because this technoiogy would rely on the concepts 
of chemical bonding and the structure of matter. Although the 
reality of such a machine may be many years into the future, the 
concept is interesting and a good topic of conversation. 

1. Research 3-D photocopiers to find out the latest progress in 
their development. 

A. In what ways could this machine change your life? D 

B. What type of object do you think you would 3-D photocopy 
most often? 

C. What types of objects would be most difficult to 3-D 
photocopy? D 

D. Are there any objects that you could not make with this 
machine? D 

E. How could this machine promote green chemistry? D 

F. Describe any drawbacks to using such a machine. D 
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Review 


7 


Summary 

• The four types of solids are ionic crystals, metallic crystals, molecular 
crystals, and covalent network crystals. 

• Ionic crystals form when a metal reacts with a non-metal, producing 
oppositely charged ions that are electrostatically attracted to each other. An 
example of an ionic crystal is sodium chloride. 

• Metallic crystals are bound by a sea of electrons. This region of negative 
charge explains the electrical conductivity, hardness, and flexibility of 
metals. An example of a metallic crystal is aluminum. 

• The properties of molecular crystals are in part determined from the 
intermolecular dipole-dipole and hydrogen bonding forces in these 
substances. Lower melting points, less hardness, and electrical 
non-conductivity are characteristics of molecular crystals. Ice is an 
example of a molecular crystal. 

• Hardness, electrical non-conductivity, and high melting point are 
characteristics of covalent crystals. Diamond is an example of a 
covalent crystal. 

• Semiconductors are often made of silicon or germanium. Engineers modify 
silicon or germanium by doping it with a small amount of an element such 
as arsenic or boron. 

Questions 


1. Make a chart summarizing the properties of the four 
types of solids. Use the following headings: QID B 

• Type of solid 

• Particles involved 

• Primary force of attraction 

• Boiling point 

• Electrical conductivity: solid, liquid, solution 

• Other physical properties of crystal 

• Conditions necessary for formation 

• Examples 

2. Predict the type of solid that you would expect to 
have each of the following characteristics: 130 

(a) greatest electrical conductivity 

(b) lowest melting point 

(c) highest conductivity when dissolved in water 

(d) lowest hardness 

3. Provide an explanation for each of your answers in 
Question 2. QID 

4. Compare and contrast the structures of the 
following solids: QI!] 

(a) C 02 (s) versus H 20 (s) 

(b) NaCl(s) versus HCl(s) 

5. Explain what the term “doping” means and why 
engineers dope semiconductor materials. QQ 


6. What type of solid is a substance that 

(a) conducts electricity and has a high melting 
point? 

(b) does not conduct electricity as a solid but does 
when dissolved in water? 

(c) does not conduct electricity and has a high 
boiling point? 

(d) does not conduct electricity and has a low 
boiling point? QQ 

7. Suggest a method to distinguish each of the 
following pairs of solids: Di D 

(a) ionic crystal, molecular crystal 

(b) metallic crystal, covalent crystal 

(c) molecular crystal, metallic crystal 

(d) ionic crystal, covalent crystal 

8. Explain how you could tell experimentally if 
titanium dioxide, Ti 02 , is an ionic solid or a 
molecular solid, oi!] B D 

9. Switching salt and sugar on a table is a common 
prank. Since both substances look alike, they 
can be switched easily. Despite their similar 
appearance, salt and sugar differ in their properties 
because one is a molecular solid and the other is an 
ionic solid. Explain how and why their properties 
are different, m dd D 
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Investigations 



Three-Dimensional Shape 

Chemists use VSEPR theory to predict the structure of 
molecules. A molecule’s structure can reveal important 
characteristics, such as its reactivity, behaviour, and 
electrical conductivity. Chemists also use molecular 
models to visualize the structure of a molecule. In this 
activity, you will use the VSEPR theory to predict the 
structure of different molecules, and then you will use a 
molecular modelling kit to visualize these molecules. 

Purpose 

To test your understanding of the VSEPR theory and 
observe the three-dimensional structure of molecules 

Equipment and Materials 

• molecular modelling kit 

• guide of colour codes for atoms in kit 

Procedure hanSk • ‘ *2-'' 

Part A: Three-Dimensional Structure 

1. Use the VSEPR theory to predict the structures of the 
following molecules: C 2 H 6 , C 2 H 4 , C 2 CI 2 , CH 3 CH 2 OH, 
NF3, CCI4, and OF2. 

2. Use the modelling kit to construct the molecules for 
the substances listed above. 

Part B: Prediction of Molecular Polarity 

3. Predict whether each of the molecules contains polar 
or non-polar covalent bonds. 

Analyze and Evaluate 

(a) What type of geometry does each molecule in this 
activity have? Da 

(b) In your prediction, which molecules contained bonds 
that were polar? DO 

(c) Which molecules are polar? ill 

(d) Explain why your answer to (c) may be different from 
your answer to (b). Dl 


• Questioning • Planning • Anaiyzing 

• Researching • Controlling Variables • Evaluating 

• Hypothesizing • Performing • Communicating 

• Predicting • Observing 


(e) Based on the results from the modelling kit, complete 
a table in your notebook using the headings shown in 

Table 1. ISDB 


Table 1 


Molecule 

Shape 

Bond 

angle 

Are the 

bonds 
polar or 
non-polar? 

Is the 

molecule 
polar or 
non-polar? 

















(f) Evaluate your predictions. DO 


Apply and Extend 

(g) A student performed a similar analysis of the 
molecules PH3, CH3OH, CH3COOH, and BF3. Create 
a table like the one you completed in (e) for your 
structure predictions of these molecules. ESI B 

(h) Which of the 4 molecules in (g) would orient in an 
electric field? Explain your reasoning, m 

(i) State the geometry around each atom (excluding 
hydrogen) in the following compound, and indicate 
which areas of the molecule would be polar and 
which would be non-polar: QID 
HC=C-CH2-CH=CH-CH2-0H 

(j) Predict the shapes of the following molecules: BEl ESI 

(i) AsClj 

(ii) ASOCI 3 

(iii) ASCI 3 

(k) Determine the polarity of the molecules in (j). ESI 
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CONTROLLED EXPERIMENT 


SKILLS MENU 


Testing for Polar Molecules 

Polar molecules can be affected when you place them 
near a charged object. For example, a negatively charged 
balloon causes a stream of water to deflect toward the 
balloon. This occurs because of the polar nature of water. 
Water has 1 partial negatively charged oxygen atom and 
2 partial positively charged hydrogen atoms. The partial 
positively charged hydrogen atoms in water are attracted 
to the negatively charged balloon. However, this attraction 
does not occur in all molecules. A non-polar molecule 
does not display partial charge distribution. Thus, non¬ 
polar molecules are not affected by a charged object. 

In this investigation, you will determine the effect of 
placing a charged object in the vicinity of various liquids. 
From these data, you will be able to conclude which 
molecules are polar and which molecules are non-polar. 

Testable Question 

What effect does the polarity of a liquid have on the 
deflection that results from a nearhy charged object? 

Prediction 

Predict which of the following molecules you expect to be 
polar: water, acetone, hexane, and ethanol 


• Questioning 

• Researching 

• Hypothesizing 

• Predicting 


• Pianning • Anaiyzing 

• Controlling Variables • Evaluating 

• Performing • Communicating 

• Observing 


© Acetone, hexane, and ethanol are flammable. Be sure there 
are no open flames nearby. 

© Hexane and ethanol are toxic. Be sure there is good 

ventilation in the lab. Do not pour the liquids down the sink. 
When you have finished with them, dispose of them in the 
containers provided. 

O Use glass burettes only. Some organic solvents break down 
plastic, ruining plastic burettes. 

Procedure handbook Is *2-'' 

1. Put on your eye protection and lab apron. 

2. Rub the acetate strip with a paper towel. 

3. Allow a stream of the first solution to flow from the 
dropper bottle or burette into the beaker. 

4. Hold the acetate strip near the liquid stream as it falls 
from the dropper or burette. Observe any effect the 
acetate strip has on the solution. 

5. Repeat Steps 2-4 with all solutions. 

6 . Repeat Steps 2-5 with the vinyl strip. 

7. Dispose of the solutions as directed by your teacher. 


Variables 

Identify the manipulated and responding variables and all 
variables that will be controlled in the experiment. 

Experimental Design 

A charged acetate strip and a charged vinyl strip will be 
held near a stream of polar and non-polar liquids. The 
effect of the charged acetate strip and the charged vinyl 
strip on the stream will be observed. 

Equipment and Materials hanSk ^ ^ 

• chemical safety goggles 

• lab apron 

• paper towel 

• beaker 

• acetate strip ( -I-) 

• vinyl strip (-) 

• dropper bottles or burettes filled with 

- water 

- acetone @ 

- hexane @(5) 

- ethanol 0(5) 


Analyze and Evaluate 

(a) What variables were measured, recorded, and/or 
manipulated in this investigation? E2i 

(b) Draw the three-dimensional structures of the solvents 
tested in this experiment. Include their polarity. ED D 

(c) Identify the substances that were deflected when they 
dripped close to the charged acetate strip. BO 

(d) Would you expect polar or non-polar substances to be 
deflected by the charged acetate strip? Explain. Di 

(e) Describe any sources of experimental error. How might 
they have affected your results? Bn 

Apply and Extend 

(f) Predict the results of this investigation if you had 
used a stream of each of the following substances: 
methanol, cyclohexane, pentane, tetrahydrofuran 
(THF), and carbon tetrafluoride. Look up the 
structure of these compounds first, if necessary. Bi D 

(g) At your 7-year-old sisters birthday party, you show 
her and her friends a “magic trick” by using a charged 
balloon to bend a stream of water. They ask you to 
explain what is happening. How could you explain this 
to them in a way they could understand? laig BD D 
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SKILLS MENU 


■BBISH8lj||gliiM CONTROLLED EXPERIMENT 

• Questioning 


Hydrogen Bonding 


• Researching 

• Hypothesizing 

• Predicting 


• Planning • Anaiyzing 

• Controiiing Variabies • Evaiuating 

• Performing • Communicating 

• Observing 


Intermolecular forces are important in solids and liquids. 
When two pure substances mix in a chemical process, they 
either give off energy (exothermic reactions) or absorb 
energy (endothermic reactions). An exothermic reaction 
results in a temperature increase in the surroundings, 
whereas the surroundings experience a temperature 
decrease in endothermic processes. In this investigation, 
you will design a procedure to determine the effect 
of adding ethanol or glycerol (Figure 1) to water by 
measuring temperature change. After completing the 
investigation, you will be able to determine how hydrogen 
bonding affects a chemical reaction. 



Figure 1 Dyed glycerol solution mixing with water 


Equipment and Materials handbook L 

• chemical safety goggles 

• lab apron 

• two 10 mL graduated cylinders 

• polystyrene cup with lid (lid has centre hole for 
thermometer) 

• 2 thermometers or temperature probes 

• 250 mL beaker 

• water 

• ethanol ® © 

• glycerol 


© 

© 

o 


Ethanol is flammable and toxic. Be sure there are no open 
flames nearby. 

Some people are allergic to glycerol and may feel irritation 
to the skin or eyes. 


Procedure handbook .. ■ * 1 - 2 . 

1 . Prepare a complete procedure as a series of numbered 
steps. Make sure that you clearly identify the masses, 
volumes, and equipment that you will use. Include 
any necessary safety precautions. 

2. After your teacher approves your procedure, carry it out. 


Testable Question 

Will ethanol or glycerol undergo a greater increase in 
temperature when mixed with water? 

Prediction/Hypothesis 

Write a hypothesis relating changes in hydrogen bonding 
to temperature change. Based on your hypothesis, predict 
whether ethanol or glycerol will undergo a greater temperature 
change when mixed with water. Explain your reasoning. 

Variables 

Identify all variables that will be measured and/or 
controlled in the experiment. Specify the manipulated 
and responding variables. 

Experimental Design 

Equal amounts of ethanol and water, and glycerol and 
water, will be mixed. Then, the temperature changes that 
result from these reactions will be determined using a 
coffee-cup calorimeter. 


Analyze and Evaluate 

(a) What variables were measured, recorded, and/or 
manipulated in each part of this investigation? m 

(b) Which substance created the largest temperature 
change? Compare your results with your hypothesis. 
Give reasons for any differences. E2II 

(c) Do you think that your results are accurate? Why or 
why not? BQ 

(d) Evaluate your procedure. How can you improve it? DU 

Apply and Extend 

(e) Propose a way to set up the reaction to produce a 
more representative experiment. If time allows, test 
this new experiment. ESI 
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OBSERVATIONAL STUDY 


Boiling Points 

and Intermolecular Forces 


• Hypothesizing 

• Predicting 


• Pianning • Anaiyzing 

• Controiiing Variabies • Evaiuating 

• Performing • Communicating 

• Observing 


When you raise the temperature of a liquid to boiling, 
you put energy into the liquid. Strong intermolecular 
forces in a liquid require a large amount of energy (a high 
temperature) to make the liquid boil. Liquids that contain 
few intermolecular forces require less energy to boil and 
thus have a lower boiling point. In this investigation, you 
will determine the effect of dipole-dipole and London 
dispersion forces in different molecules on the boiling 
point of a liquid. You will use these data to compare and 
correlate polarity and molecular mass with the boiling 
point of a liquid. 


Purpose 

To determine the boiling points of various substances 


Equipment and Materials hanSk ^ 

• chemical safety goggles 

• lab apron 

• test tube 

• 250 mL beaker 

• thermometer 

• hot plate 

• 3 solvent dropper bottles of 

- butanol ©® 

- propanol ©@ 

- isopropanol @@ 

• water 




Butanol, isopropanol, and propanol are highly flammable and 
should be kept at a distance from any source of ignition. Do 
not use any open flames. 


© 

O 


Do not aim test tubes with alcohol directly at yourself or your 
lab partner, because toxic fumes may be released. 

People who have allergies to any of the chemicals may have 
irritations of the eyes or skin. 


n ■ SKILLS 

Procedure handbook ai.2,a2.3 

1. Put on your eye protection and lab apron. 

2. Place 5 drops of one alcohol into a test tube. 

3. Put 150 mL of water into the 250 mL beaker. Put the 
thermometer into the beaker. 


4. Place the test tube into the beaker, and put the beaker 
onto the hot plate. 

5. Heat the water and test tube until the alcohol 
evaporates. You will need to watch closely to 
determine when this happens. 

6. When the alcohol has evaporated, record the 
temperature of the water. 

7. Carefully pour out the water in the beaker and 
replace it with 200 mL of fresh water. 

8. Repeat Steps 2-7 with each of the other alcohols. If 
the alcohol does not evaporate within 10 min, record 
the temperature and note that it did not boil. 

9. Dispose of solvents in the proper waste container or 
as instructed by your teacher. 

Analyze and Evaluate handbook ^ *6.5 

(a) What variables were measured, recorded, and/or 
manipulated in each part of this investigation? EH 

(b) Graph your data in a table by plotting boiling point 
versus molar mass. EH D 

(c) Explain the graph of the molecules in terms of 
intermolecular forces. EH 

(d) Why is there a difference in boiling point between 
propanol and isopropanol? EH 

Apply and Extend 

(e) The following molecules consisting of Group 2 atoms 
have the following melting points: 

BeH2 = 250 °C 
MgHj = 327 °C 
CaH2 = 816°C 

Explain these results in terms of intermolecular 

(f) You want to use a solvent to rinse a beaker, but 
you want the solvent to evaporate quickly. Using 
information from this investigation, which solvent 
should you use? Can you think of a solvent that 
would be better? Explain why it would be 
better. HDEHD 
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Identifying Solids 

You will design and carry out an investigation to use 

• Questioning 

• Researching 

• Hypothesizing 

• Predicting 

• Pianning 

• Controlling Variables 

• Performing 

• Observing 

• Anaiyzing 

• Evaiuating 

• Communicating 


the physical properties of a substance to identify its 


classification. 


Analyze and Evaluate 


Purpose 

To determine the types of solids for 
4 unidentified substances 

Equipment and Materials 

• chemical safety goggles 

• lab apron 

• four 250 mL beakers 

• hot plate 

• test tubes (number will be determined in your 
procedure) 

• test-tube rack 

• other equipment as determined in your plan 

• 4 unidentified solids (obtained from your teacher) 

• water 

Tie back loose hair or clothing. Do not touch the test tubes 
after heating. Put them in a test-tube rack carefully after 
heating. 

Procedure handbook Ix *2-3 

1 . Write a set of detailed steps to collect data that wiU 
help you to identify the types of solids for the 

4 unidentified substances (ionic crystals, metallic 
crystals, molecular crystals, and covalent crystals). 
Include a detailed list of equipment and materials. 
Describe any safety precautions you will take. 

2. Once your teacher has approved your design, carry out 
your procedure. 


(a) What variables were measured recorded, and/or 
manipulated in this investigation? Dl 

(b) Identify the 4 solids and explain your reasoning. DU 

(c) Identify any sources of error in your investigation. 
What would you change to reduce this error if you 
were able to repeat this investigation? Em 

Apply and Extend 

(d) Classify each of the following solids: 

C02(s), KCl(s), Si02(s), and Fe(s). Em 

(e) Copy Table 1 into your notebook and 
complete it. Ema 


Table 1 


Type of 
crystal 

Is it 

soluble 
in water? 

Will an 

aqueous 
solution be 
conductive? 

Will the 
solid be 
conductive? 

Will the 

liquid 

conduct? 

Can it be 

easily 

crushed? 

ionic 






metallic 






covalent 






molecular 







(f) Samples of sodium fluoride, copper shot, sugar, and 
graphite are placed on a metal plate, one in each 
corner. You heat the centre of the plate. In what order 
will the substances melt? Explain your answer. QQ Em 
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SUMMARY 


Summary Questions 


1. Create a quiz of 25 questions for this chapter based 
on the Key Concepts on page 192. Be sure to provide 
answers to the questions. 


Vocabulary 

ionic bond (p. 194) 
isoeiectronic (p. 195) 
covalent bond (p. 195) 
bonding electron pair (p. 195) 
Lewis structure (p. 196) 
duet rule (p. 196) 
octet rule (p. 196) 
lone electron pair (p. 197) 
simplified Lewis structure (p. 200) 
space-filling model (p. 201) 
coordinate covalent bond (p. 204) 
three-dimensional structure 

(p.206) 


2. Look back at the Starting Points questions on 

page 192. Answer these questions using what you have 
learned in this chapter. Compare your latest answers 
with the answers that you wrote at the beginning of 
the chapter. Note how your answers have changed. 


sigma (a-) bond (p. 235) 
pi (n) bond (p. 235) 
intramolecular bond (p. 239) 
intermolecular force (p. 239) 
van der Waals forces (p. 239) 
dipole-dipole force (p. 239) 
hydrogen bond (p. 240) 
London dispersion forces 
(p. 242) 

polarizability (p. 243) 
surface tension (p. 245) 
capillary action (p. 245) 


valence shell electron-pair 
repulsion (VSEPR) theory 
(p. 206) 

electron-pair repulsion (p. 206) 
non-polar covalent bond (p. 217) 
polar covalent bond (p. 217) 
electronegativity (p. 218) 
dipole (p. 219) 
polar molecule (p. 225) 
non-polar molecule (p. 225) 
valence bond theory (p. 231) 
hybrid orbital (p. 233) 
hybridization (p. 233) 


viscosity (p. 246) 
composite material 
(p. 248) 

metallic crystal (p. 249) 
electron sea theory 
(p. 249) 

metallic bonding (p. 249) 
molecular crystal (p. 250) 
covalent network crystal 
(p. 250) 

buckyball (p. 252) 
carbon nanotube (p. 252) 
semiconductor (p. 252) 


Grade 12 Chemistry can lead to a wide range of careers. Some require a college diploma, 
a B.Sc. degree, or work experience. Others require speciaiized or postgraduate degrees. 
This graphic organizer shows a few pathways to careers mentioned in this chapter. 


Select two careers related to Chemical Bonding that you find interesting. Research 
the educational pathways that you would need to follow to pursue these careers. What 
is involved in the required educational programs? Prepare a brief report of your findings. 
For one of the two careers that you chose above, describe the career, main duties 
and responsibilities, working conditions, and setting. Also outline how the career 
benefits society and the environment. 


12LJ Chemistry 

OSSD — 

/ 

IIU Chemistry 


B.Sc. ^ Ph.D. - > 1 fluid dynamics scienti^ 

—* j X-ray crystallograph^ 
B.Eng. D. Eng. ^ - >- | semiconductor engine^ 
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SELF-QUIZ 


QID Knowledge/Understanding Dl Thinking/Investigation 


Communication D Application 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. How many electrons surround the carbon atom in a 
molecule of carbon monoxide? (4.1) QID 

(a) 2 

(b) 6 

(c) 8 

(d) 12 

2. What is the geometry of carbon dioxide, COj? 

(4.2) QQ 

(a) linear 

(b) tetrahedral 

(c) trigonal planar 

(d) trigonal pyramidal 

3. Which of the following bonds is the most ionic in 
character? (4.3) QQ 

(a) S-P 

(b) N-C 

(c) Al-O 

(d) Si-P 

4. Which of the following molecules would you NOT 
expect to orient in an electric field? (4.3) QQ 

(a) NH 3 

(b) H 2 O 

(c) CO 

(d) BH 3 

5. Which of the following is a polar molecule? (4.5) ISIS 

(a) BCI3 

(b) CF 4 

(c) NCI3 

(d) CO 2 

6 . What type of hybridization occurs in the carbon 
atoms of C 2 F 2 ? (4.6) QID 

(a) sp 

(b) sp^ 

(c) sp^ 

(d) no hybridization occurs 

7. Which of the following affects the viscosity of a 
substance? (4.7) QID 

(a) London dispersion forces 

(b) hydrogen bonding 

(c) dipole-dipole forces 

(d) all of the above 


8 . Which of the following substances has the lowest 
freezing point? (4.7) QID 

(a) NaCl 

(b) H 2 O 

(c) CH 4 

(d) CI2 

9. Which type of solid has a low melting point, is a 
non-conductor of electricity, and is not very hard? 
(4.8) m 

(a) ionic crystal 

(b) metallic crystal 

(c) molecular crystal 

(d) covalent network crystal 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

10. Most Lewis structure drawings contain atoms that 
obey the octet rule. (4.1) QID 

11. Atoms that can be surrounded by more than 8 
valence electrons have empty d orbitals. (4.1) QlD 

12. The VSEPR theory determines molecular shape by 
maximizing repulsive forces between atoms bonded 
to a common central atom. (4.2) QID 

13. A diatomic molecule that contains chemical 
bonds between atoms having a large difference in 
electronegativity will orient in an electric field if the 
molecules dipoles are not cancelled by symmetry. 
(4.3) m 

14. Linus Pauling is best known for his VSEPR theory of 
molecular geometry. (4.4) QID 

15. A planar molecule with 3 identical bonds is a non¬ 
polar molecule. (4.5) QID 

16. A molecule of carbon tetrafluoride, CF 4 , contains only 
sigma bonds. (4.6) QQ 

17. A covalently bonded molecule that can form 
hydrogen bonds with other molecules is likely to 
have a higher boiling point than a covalently bonded 
molecule of similar molecular mass that cannot form 
hydrogen bonds. (4.7) QID 

18. Small molecules are usually more viscous than large, 
complex molecules. (4.7) QID 

19. Semiconductors can be doped to change the electrical 
conductivity of the material. (4.8) QID 


I Go to Nelson Science for an online self-quiz. 

WEB LINK 
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REVIEW 


QIS Knowledge/Understanding ESI Thinking/Investigation 


Communication D Appiication 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. Which is the correct Lewis structure of carhon 
dioxide? (4.1) QQ 

(a) 0=C=0 

(b) = 9 -C- 0 : 

(c) : 0 =C= 0 : 

(d) :6=C=0: 

2. Which of the following represents the molecular 
geometry of boron trifluoride, BF 3 , and nitrogen 
trifluoride, NF3, predicted by the VSEPR theory? 

(4.2) QQI 

(a) Both structures are trigonal planar. 

(b) Both structures are trigonal pyramidal. 

(c) BF 3 is trigonal planar, and NF 3 is trigonal 
pyramidal. 

(d) BF 3 is trigonal pyramidal, and NF 3 is trigonal 
planar. 

3. Which of the following bonds is the least ionic in 
character? (4.3) QID 

(a) S-P 

(b) N-C 

(c) Al-O 

(d) Si-P 

4. Which of the following sets of bonds is listed in order 
of decreasing bond polarity? (4.3) QID 

(a) H-H, H-O, H-N, H-F 

(b) H-F, H-N, H-O, H-H 

(c) H-F, H-O, H-N, H-H 

(d) H-O, H-F, H-N, H-H 

5. To determine the polarity of a molecule, you need to 
know 

(a) the types of bonds in the molecule 

(b) the Lewis structure of the molecule 

(c) the geometry of the molecule 

(d) all of the above (4.5) QID 

6 . Which of the following is a non-polar molecule? (4.5) QID 

(a) CFCI3 (c) NI 

(b) BI 3 (d) H 2 O 

7. A molecule has a central carbon atom with sp^ 
orbitals. The bond angles are 

(a) 180° (c) 109.5° 

(b) 120° (d) 90° (4.6) m 


8. Which of the following substances has the highest 
boiling point? (4.7) QID 

(a) sodium chloride (c) methane 

(b) water (d) ammonia 

9. Which of the following is NOT characteristic of 
London dispersion forces? (4.7) QID 

(a) They are the weakest intermolecular forces. 

(b) They increase as the molecular mass of a 
substance increases. 

(c) They form when a hydrogen atom interacts with 
an electronegative atom. 

(d) They are weaker than intramolecular bonds. 

10. Which of the following solids has the highest melting 
point? (4.7) QID 

(a) sodium chloride 

(b) water 

(c) lead 

(d) diamond 

11. Which of the following is NOT characteristic of 
semiconductors? (4.8) QID 

(a) They are made of atoms with half-full valence 
shells. 

(b) They have a small energy gap between empty and 
valence orbitals. 

(c) They can be doped with arsenic to create n-type 
semiconductors. 

(d) They can be doped with boron to create p-type 
semiconductors. 

12. To create an n-type doped silicon semiconductor, the 
doping agent should have the following number of 
valence electrons: (4.8) QID 

(a) 2 (c) 3 

(b) 5 (d) 1 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

13. The most stable form of an atom exists when it has a 
full valence shell of electrons. (4.1) QlD 

14. You can determine the molecular geometry of 
diborane, H 2 BBH 2 , by determining the geometry of 
each boron atom separately and then combining the 
structures. (4.2) QID 

15. A molecule that has two equal but oppositely pulling 
dipoles, such as carbon dioxide, will orient in an 
electric field. (4.3) QID 
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16. Ronald Gillespie’s VSEPR theory has helped chemists 
to understand the basic concepts of molecular 
geometry. (4.4) QQ 

17. Nitrogen dioxide, NO 2 , is a polar molecule. (4.5) QQ 

18. Linear molecules with three different types of atoms 
are non-polar molecules. (4.5) QQ 

19. A molecule of difluoroethyne, C 2 F 2 , contains only 
sigma bonds. (4.6) Qd 

20. The smaller the molecular mass of a substance, the 
larger the London dispersion forces within it. (4.7) Bd 

21. Hydrogen bonds are very strong dipole-dipole forces. 
(4.7) Bd 

22. When ionic crystals dissolve in water, the resulting 
solution can conduct electricity. (4.8) Bd 

23. The electrons in covalent network crystals move freely 
through the crystals. (4.8) Bd 

Understanding 

Write a short answer to each question. 

24. Chemical bonds keep atoms together in a unit. In a 
short paragraph, compare and contrast the difference 
between ionic and covalent bonds. (4.1) Bd 

25. Lewis structures provide information about chemical 
bonding and the electrons in molecules. (4.1) Bd D 

(a) Draw the Lewis structure of tetrabromomethane, 
CBr4. 

(b) In a paragraph, describe the bonding and 
electrons in a molecule of tetrabromomethane. 

26. For each of the following elements, explain what type 
of bond it will form and the reasons it forms this type 
of bond. Include a brief outline of the steps involved: 
hydrogen, carbon, sodium, and helium. (4.1) Bd 

27. Sometimes atoms do not follow the octet rule. (4.1) Bd 

(a) Describe two cases where an atom in a molecule 
can have more or fewer than 8 valence electrons. 

(b) When a molecule has an atom with fewer than 
8 valence electrons, would you expect it to be 
stable? Explain. 

(c) A molecule contains an atom with fewer than 
8 valence electrons. What type of bond would 
you expect that atom to form? 

28. (a) Compare and contrast the three-dimensional 

structure of methane and ammonia. 

(b) How are the angles in these molecules different? 

(c) Explain why these bond angles are not the same. 
(4.2) Bd 

29. Describe the three-dimensional structure of boron 
tribromide, BBrj. In your description, include a 
discussion about bonding electrons, identify the 
reason for the geometry, and describe the bond angle. 
(4.2) Bd 


30. Describe the bond polarities of elemental bromine, 
Br 2 ; calcium oxide, CaO; and carbon monoxide, 

CO. Include a description of the electronegativity 
difference of each bond in your answer. What does 
the electronegativity difference tell you about the type 
of bond that forms? (4.3) Bd B 

31. (a) Explain how bond polarity differs in the 

molecules hydrogen chloride, HCl, and elemental 
chlorine, CI 2 . 

(b) How would you expect these 2 molecules to 
behave if placed in an electric field? (4.3) Bd 

32. Rank the following bonds in order of decreasing 
electronegativity difference: C-S, S-Cl, N-S, P-S, and 
S-O. (4.3) Bd 

33. (a) Indicate which of the following molecules would 

NOT have a net dipole: water, carbon monoxide, 
carbon tetrachloride, boron trifluoride, and 
nitrogen tribromide. 

(b) Explain your answer to Part (a). 

(c) Indicate the direction of the dipole for the molecules 
from Part (a) that have a dipole. (4.5) Bd 

34. Explain why methane is not a polar molecule but 
ammonia is a polar molecule. (4.5) Bd 

35. Arrange the following molecules in terms of most polar 
to least polar and explain your order: (4.5) Bd 
CCI2H2, CCI4, CF2H2, CF2CI2 

36. (a) Explain, using the valence bond theory, the 

orbitals involved in bonding in a molecule of 
carbon tetrafluoride, CF4. 

(b) What type of bond is formed? (4.6) Bd 

37. (a) Why are hybrid orbitals used to describe bonding 

in molecules? 

(b) What is the hybridization of the carhon atoms in 
a molecule of dibromoethyne, C 2 Br 2 ? 

(c) What types of bonds form between all atoms in 
dibromoethyne, C 2 Br 2 ? (4.6) Bd 

38. The molecule ethanol is a common solvent in many 
chemistry applications. Why is ethanol a good 
solvent? (4.7) Bd D 

39. (a) Which of the following molecules has physical 

properties that are primarily determined 
by London dispersion forces: phosphorus 
trichloride, PCI 3 ; sodium chloride, NaCl; silicon 
tetrachloride, SiCl 4 ; or methanol, CH3OH? 

(b) Which of the molecules from Part (a) has the 
strongest forces of attraction? (4.7) Bd 

40. Why is the shape of a meniscus of water in a glass 
cylinder different from the shape of a meniscus of 
mercury in a glass cylinder? (4.7) Bd 
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41. Relate the physical properties of each of the following 
compounds to the type of bonding that occurs in 
each: (4.8) m 

(a) KBr(s) 

(b) U,0{s) 

(c) C(s) (diamond) 

(d) Cu(s) 

42. Explain how doping silicon with either phosphorus or 
gallium increases the electrical conductivity of pure 
silicon. (4.8) 130 D 

43. List three physical properties of 

(a) metals 

(b) ionic crystals 

(c) molecular crystals of polar compounds 

(d) molecular crystals of non-polar compounds 

(e) network crystals (4.8) 00 

Analysis and Application 

44. Draw the Lewis structure for each of the following 
molecules: (4.1) Baa 

(a) HL 

(b) PBr 3 

(c) CH3OH 

(d) H 2 O 2 

(e) SL^ 

45. Draw the Lewis structure for each of the following 
ions: (4.1) BDD 

(a) PCl 2 “ 

(b) CIO 3 - 

(c) CIO 2 - 

46. How many lone pairs of electrons are on the central 
atom in each of the following molecules? (4.1) QID 

(a) SO 2 (c) BP 3 

(b) NBr 3 (d) H 2 O 

47. (a) Draw the Lewis structure of the sulfate ion, S 04 ^“. 

(b) Sodium sulfate, Na 2 S 04 , contains both ionic and 

covalent bonds. Identify the bonds. (4.1) BO B 

48. How many electrons surround the central atom in 
each of the following molecules? How many bonding 
pairs and lone pairs does each molecule have? 

(4.1) BO 

(a) SO 2 

(b) NBr 3 

(c) BP 3 

(d) CO 2 

(e) SClg 

(f) SiCl 4 

(g) H 2 

(h) AlBr 3 


49. Use the VSEPR theory to predict and draw the shape 
of each of the following molecules: (4.2) BO B 

(a) SCI 2 

(b) AIP3 

(c) CH 3 NBr 2 

(d) CH 3 BP 2 

(e) CH3COCH2CH3 

50. Predict and draw the three-dimensional structure, 
including bond angles, for each of the following 
molecules: (4.2) BO B 

(a) Se 03 

(b) Se 02 

51. What is the shape of each of the following molecules? 
(4.2) m 

(a) CS2 (c) CH3CN 

(b) CH3SH (d) C2P4 

52. Draw a Lewis structure for each of the following 

molecules or ions. Not all obey the octet rule. Indicate 
any coordinate bonds. (4.2) BO B 

(a) PH 4 + (c) P 04 ^- (e) O 3 

(b) OH- (d) SO 2 (f) NO 2 - 

53. Arrange the bonds in each of the following groups in 
order of increasing polarity: (4.3) BO 

(a) Li-H, Mg-H, B-H, N-H, O-H 

(b) Al-P, Ga-Br, Ge-Cl, Sn-L 

(c) P-S, P-Cl, P-O, P-P, P-H 

54. Identify each of the following chemical bonds as 
ionic, covalent, or polar covalent: (4.3) ISZS 

(a) P-P 

(b) Li-H 

(c) Mg-Cl 

(d) P-H 

(e) Si-Br 

(f) Ge-H 

55. Indicate the bond polarity by determining the partial 
positive and partial negative charges on the atoms in 
each of the following bonds: (4.3) BD 

(a) Cl-Si (c) Al-I 

(b) Li-H (d) Ge-H 

56. Identify all atoms that can form a polar covalent 
bond with bromine such that the bromine atom has a 
partial positive charge. (4.3) Bi 

57. Which of the following molecules would orient in an 
electric field? Explain why. (4.5) BD 

(a) CS 2 

(b) CH3OH 

(c) C 5 H 12 

(d) SGI 2 

(e) OP 2 
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58. Use partial charges to represent the dipole in the 
bonds of each of the following molecules: (4.5) EZD 

(a) B-BinB 2 H 4 

(b) S-CinCHjSH 

(c) H-CinC 5 Hi 2 

(d) C-NinHOCN 

59. Identify the molecules that have polar bonds but do 
not have a net dipole. State your reasoning. Then 
determine which molecules have a net dipole. State 
your reasoning. (4.5) BIl 

(a) SiBr 4 (c) BH 2 F 

(b) SiHBrj (d) PH 3 

60. Predict the polarity of each of the following 
molecules: (4.5) ESI 

(a) Se 02 (d) SeOj 

(b) SBr 2 (e) N 2 O 

(c) Si 02 

61. When a negatively charged ebonite rod is brought 
close to a stream of water, the water will be attracted 
to the rod. When a positively charged glass rod is 
brought close to a stream of water, the water will also 
be attracted to the rod. (4.5) QQ D D 

(a) Explain why this is possible. 

(b) Draw a diagram for each situation, clearly 
showing the water molecules’ dipole. 

62. Predict the hybridization of the indicated atom in 
each of the following molecules: (4.6) ca 

(a) CinCHjOH 

(b) NinNClj 

(c) B in BBrj 

(d) CinHCOH 

63. What is the hybridization at the central atom in each 
of the following molecules? (4.6) E2a 

(a) SiF 4 

(b) BeBr 2 

(c) AICI3 

(d) C 2 CI 4 

(e) CO 

64. Indicate the types of bonds formed in each molecule 
in Question 63. (4.6) Em 

65. (a) Draw the Lewis structure of an oxygen molecule, 

02 - 

(b) Describe the bonds in the oxygen molecule. 

66 . In graphite, the carbon atoms are joined together 
by covalent bonds formed from their sp^ orbitals. 

(4.6) QQEIiDEl 

(a) Draw a diagram of what a layer of graphite would 
look like. Include at least 12 atoms of carbon. 


(b) Each sp^ orbital contains 1 electron, which enters 
into a covalent bond. Since each carbon has 4 
valence electrons, what orbital would the fourth 
electron be in? 

(c) Each layer in graphite is attracted to the layer 
above it and the layer below it. Based on what 
you know about orbitals, explain how this is 
possible. 

67. Why are triple bonds shorter and stronger than 
double or single bonds? Why are double and triple 
bonds more reactive than single bonds? Use diagrams 
to support your answer. (4.6) ESI B 

68 . Illustrate the bonding in the nitrogen molecule, N 2 . 
Indicate sigma and pi bonds, and the orbitals used to 
make each. (4.6) Em B 

69. (a) Draw a Lewis structure of 1,3-butadiene, 

CH 2 CHCHCH 2 . 

(b) Determine the hybrid orbitals used by each 
carbon atom. 

(c) Draw the orbitals of the molecule before bonding 
and after the bonds have formed. 

(d) Label the sigma or pi bonds, and indicate the 
orbitals used in each bond. 

(e) Would the same orbitals be used in 1,2-butadiene, 
CH2CCHCH3? Why or why not? (4.6) Em B 

70. Ethanol and methoxymethane are isomers of each 
other (they have the same molecular formula, 

C 2 HgO). Ethanol, CH 3 CH 2 OH, boils at 78.4 °C, 
whereas methoxymethane, CH3OCH3, boils 

at —23.7 °C. Explain why their boiling points are 
different. (4.7) Em 

71. Indicate which compound in each of the following 
pairs has the higher boiling point: (4.7) Em 

(a) «-pentane, CH 3 CH 2 CH 2 CH 2 CH 3 , or neopentane, 

CH 3 

I 

H3C —C —CH3 

I 

CH 3 

(b) HForHCl 

(c) HClorLiCl 

(d) pentane, CH 3 CH 2 CH 2 CH 2 CH 3 , or hexane, 
CH 3 CH 2 CH 2 CH 2 CH 2 CH 3 

72. Predict which substance from each pair listed will 
have greater intermolecular forces: (4.7) Em 

(a) propane (C 3 H 8 ) or ethanol (C 2 H 5 OH) 

(b) SiH 4 orCH 4 

(c) H 20 orH 2 S 

(d) C2H5OH or CH3COH 

(e) C 2 H 5 OH or C 4 H 9 OH 
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Evaluation 


73. Table 1 shows the boiling points and the energy 
required to evaporate various substances. Explain 
explain each difference below. (4.7) BIID 


Table 1 


Compound 

Boiling point (°C) 

A//, 3 p (kJ/mol) 

benzene, CgHe 

80 

33.9 

naphthalene, CioHg 

218 

51.5 

carbon tetrachloride, 

CCI4 

76 

31.8 

acetone, CH3COCH3 

56 

31.8 

benzoic acid, CgHgCOOH 

249 

68.2 


(a) Acetone has a lower boiling point than carbon 
tetrachloride. 

(b) Naphthalene has a higher AH^^p than benzene. 

(c) Benzoic acid has a higher boiling point than 
benzene. 

(d) Naphthalene has a lower AH^^p than benzoic acid. 

74. Identify the type of solid that each of the following 
substances forms: (4.8) Em 

(a) CaS 04 

(b) NaOH 

(c) U 

(d) PH 3 

75. What type of bonding would you expect for each of 
the following solids? (4.8) im 

(a) K2S (c) Zn 

(b) SiH 4 (d) Si 02 

76. What type of bonding would you expect for each of 
the following substances? List one additional property 
that you would expect each substance to have. (4.1, 

4.8) QIDD 

(a) a molecular element that is a gas at room 
temperature 

(b) a hard, silver-grey solid that conducts electricity 
as a solid 

(c) a very hard, insoluble crystal that does not 
conduct electricity as a solid or a liquid 

(d) a hard, brittle solid that dissolves in water 

77. Compare and contrast the chemical properties you 
would expect for the solids aluminum and aluminum 
oxide. (4.8) Em 

78. Which of the solid substances in each pair has a 
higher melting point? Explain your answer. (4.8) Em 

(a) SiC and Pb 

(b) l 2 andNa 3 P 04 

(c) H 20 andH 2 Se 


79. Peroxyacetylnitrate (PAN) is present in 

photochemical smog. Draw a Lewis structure for 
PAN. The arrangement of atoms is 


HO o 

I I / 

H—C—C—O—O—N 


80. (a) Many different types of animals (including 

mollusks, bivalves, corals, and snails) have 
protective shells made from calcium carbonate, 
CaC 03 . Draw a Lewis structure of calcium 
carbonate. Include charges in your drawing. 

(b) Predict the shape and bond angles of the 
carbonate ion. 

(c) Which orbital is used by the carbon atom to form 
each type of bond? (4.1, 4.6) Em B 

81. Your classmate was reviewing notes on bonding, 
and said, “A bond is either purely covalent, polar, or 
purely ionic. It is all very black and white.” Do you 
agree or disagree with this statement? Justify your 
answer. Are there any exceptional cases where it could 
be true or untrue? (4.3) QQ Em B 

82. Molecules with d orbitals can have more than 
8 electrons around the central atom. The Lewis 
structure for sulfur hexafluoride, SFg, is 


.. :F: .. 

:F I :F: 

:F I F: 

• :F: " 

(a) State the orientation that would allow the greatest 
separation between bonding electrons in sulfur 
hexafluoride, and state the shape of this molecule. 

(b) Draw the three-dimensional structure of 
phosphorus pentachloride, PCI5. (4.2) QQ Em B 

83. Which of the following substances would you expect 
to be the most polar: carbon dioxide, CO 2 ; carbonate 
ion, C 03 ^“; methanol, CH3OH; or methyl mercaptan, 
CH3SH? Explain your answer. (4.3, 4.5) Em D 

84. A capacitor is a device that stores electrical energy. 
Which of the following substances, water or hexane, 
C 6 Hi 4 ( 1 ), would be a better choice for use in a 
capacitor? Explain. (4.5) Em B 
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85. For each molecule below, draw the Lewis structure, 
predict the geometry, determine the bond angle and 
polarity, and indicate the hybridization. (4.1, 4.2, 4.3, 

4.5.4.6) mma 

(a) OF 2 (c) BeF 2 

(b) CF 4 (d) C 2 F 2 

86 . The molecule H 2 C=CHCH=CH 2 is a 4-carbon 
hydrocarbon molecule with 2 double bonds. (4.1, 4.2, 

4.3.45.4.6) mma 

(a) Draw the Lewis structure for this molecule. 

(b) Determine the structure and hybridization 
around each carbon atom, including bond angles. 

(c) State whether the molecule is polar. 

87. Explain the geometry and shape of the phosphate ion, 
P 04 ^ . Include bond angles and hybridization. (4.2, 

88 . Propyne, C 3 H 4 (g), is a 3-carbon hydrocarbon with 
multiple bonds. Propose a structure for propyne, 
describing angles, hybridization, and types of bonds. 
(4.2, 4.3, 4.6) m 

89. Consider the three-dimensional structure of iodine 
pentafluoride, IF5, according to the VSEPR theory. 
(4.2, 4.3, 4.6) ESI 

(a) Does this molecule follow the octet rule? 

(b) How many electrons are in the valence shell of 
iodine? 

90. Hydrogen peroxide, H 2 O 2 , is a viscous liquid with a 
relatively low vapour pressure and a boiling point of 
152.2 °C. Explain why this molecules physical properties 
are different from those of water. (4.7) O 

91. Use intermolecular forces to account for the trends in 
melting points in Table 2. (4.7, 4.8) QQ E2i 


Table 2 


Compound 

Melting point (°C) 

NaCI 

801 

MgClj 

708 

AICI3 

190 

SiCl4 

-70 

PCI3 

-91 

SCI2 

-78 

CI2 

-101 


Reflect on Your Learning 

92. You have studied different types of chemical bonds 
in this chapter. Write a one-page report about the 
topic and why it is important to you. What else would 
you like to know about this topic? How could you go 
about acquiring this knowledge? B 


93. When studying this chapter, you first read about types 
of chemical bonds and then about VSEPR theory. 
Write a paragraph explaining why it was helpful to 
learn about these topics in this order instead of in the 
reverse order. B 

94. How did the information you learned in this 
chapter affect your thinking about the structure and 
properties of solids? B 

95. How would you explain the concepts of molecular 
polarity, intermolecular forces, and structure of 
solids to a fellow student who has not taken 
chemistry? QZSB 


Research link 

96. Vitamin C is an essential nutrient that we need to 
protect us against oxidation. This molecule is also a 
cofactor, which means it is used in chemical reactions 
and changes slightly during a chemical reaction. 
Research and draw the Lewis structure of vitamin C. 
Include molecular polarity in your analysis. EBl B D 


97. Intermolecular forces are common in biological 
molecules. Investigate the intermolecular forces in 
DNA, including base pairing. Describe structures and 
the number of hydrogen bonds that form per base 
pair. Use this information to describe the stability and 
structure of DNA. EZa D 


98. Many common household cleaners, such as stain 
removers, are based on the use of polar and non-polar 
molecules. Investigate the ingredients in some stain 
removers, and determine how polar and non-polar 
molecules are involved in these cleaners. EBl B 


99. Research carbon nanotubes and their chemical 
and physical properties. How does the bonding in 
carbon nanotubes differ from other substances made 
of carbon? What are some applications of carbon 
nanotubes? BD 


100. Asbestos is a naturally occurring fibre thaf has 

amazing fire-resistant properties. DU D 

(a) Research the bonding in asbestos. 

(b) What type of structure is asbestos? Explain 
how its structure determines its fire-resistant 
properties. 

(c) Why has asbestos been important to the 
Canadian economy in the past? 

(d) What are the health concerns with asbestos? How 
are the health concerns related to its structure? 

(e) There are still places in Canada where asbestos 
is mined and then exported to other countries. 

Do you think this practice should continue? Give 
reasons for your answer. 
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UNIT 2 UNIT TASK 


J 


Altered Reality 


In our universe, the arrangement of the elements in 
the periodic table is a direct consequence of their four 
quantum numbers: n, I, rrii, and For example, all 
Group 1 elements have a similar electron configuration 
of 1 electron in the outermost s orbital. This configuration 
determines many of the groups chemical properties. The 
following is a description of each quantum number: 

• m main energy level, n = 1, 2, 3, 4, ... 

• 1: shape of the orbitals (s, p, d,f etc.), Z = 0 to « - 1 

• mi magnetic quantum number for orbital 
orientation, where mi = -I to +Z 

• mi spin quantum number, +\ 

Imagine a new universe in which this chemical reality 

has changed, and the universe now follows a different set 
of quantum number rules—the old rules no longer apply. 
In the new universe, the following change occurred: 

m, = -{n + 1) to {n + l) 

All of the other quantum numbers, n, I, and m^, remain 
the same. 


This change in one quantum number changes not only 
the laws of physics, but the periodic table as well—the 
chemical properties of the elements change. Your new 
universe is made of elements that are arranged differently 
and follow a different set of fundamental standards from 
the elements in this universe (Figure 1). 

Task 

In this Unit Task, you are a chemist who is responsible for 
developing a new periodic table of the first 40 elements. 
You will need to compile this new periodic table based on 
the new definition of the magnetic quantum number. This 
exercise will help you understand how chemists developed 
the original periodic table that we use today. In this task, 
you will test your understanding of the use of quantum 
numbers to describe the organization of elements in the 
periodic table. 
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Purpose 

To understand the relationship between quantum numbers 

and periodic trends among the elements by creating a new 

periodic table of the elements based on a hypothetical 

change to the magnetic quantum number 

Procedure 

1. Using enough space for 40 elements, draw the outline 
of your new periodic table in which elements have a 
magnetic quantum number m; = -(n+1) to (n+1). 

2. Identify the groups and periods in your new periodic 
table. 

3. Add the elements to your new table. You can use the 
names of the current first 40 elements, or you can 
create your own element names. 

Analyze and Evaluate 

(a) What variables did you use in this activity? What did 
you change? What was the result of each change? EBl 

(b) Explain how the number of electrons allowed into 
the s, p, d, and/orbitals has changed from the real 
periodic table. DD 

(c) In your new periodic table, why is there a different 
number of groups compared to the real periodic 
table? EZa 

(d) In your new periodic table, why is there a different 
number of elements in a given period compared to 
the real periodic table? BD 

(e) What are the atomic numbers of the elements in the 
new universe that are likely to have properties similar 
to the alkali metals in our universe? Why? E2II 

(f) How many of the first 40 elements are probably 
non-metals? Why? Dl 

(g) What is the electron configuration of element 
number 20 in the new periodic table? ESI 

(h) How do you think chemical bonding would be 
different in this new universe? EBl 

(i) Copy Table 1 into your notebook and complete it 
with the allowed values for all four quantum numbers 
for the elements in your new periodic table. EBl D 


Table 1 Quantum Numbers for New Periodic Table 


Principal 

quantum 

number 

(«) 

Secondary 

quantum 

number 

(!) 

Magnetic 

quantum 

number 

Spin 

quantum 

number 

(ms) 

1 

0(s) 



2 

0(s) 




1(P) 



3 

0(s) 




1(P) 




2(d) 




Apply and Extend 

(j) Imagine that you have just made a purchase and the 
company from which you have bought your item 

is ready to send it to you. Explain how quantum 
numbers are similar to your address. D D 

(k) What would happen if you only gave the store your 
street address? Compare this situation to knowing 
only one quantum number. B D 


Your completed Unit Task will be assessed according to 

the foiiowing criteria; 

Knowledge/Understanding 

/ Identify the manipulated and controlled variables. 

Thinking/Investigation 

/ Develop a plan to determine the arrangement of elements 
in your new periodic table. 

/ Correctly use the variables in the activity. 

/ Fill out the new periodic table correctly. 

/ Analyze the results. 

/ Evaluate the new periodic table. 

Communication 

/ Effectively illustrate the new periodic table. 

/ Prepare a suitable lab report that includes the complete 
procedure for creating the new periodic table, the 
completed new periodic table, a summary of the new 
periodic table, and your analysis and evaluation of the 
new periodic table. 

Application 

/ Analyze the new table and compare it to the current 
periodic table. 
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UNIT 2 SELF-QUIZ 


D Knowledge/Understanding DU Thinking/Investigation 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. Which of the following is true about the proton? 

(3.1) m 

(a) It is negatively charged. 

(b) It was the last subatomic particle to be 
discovered. 

(c) Its mass is less than that of an electron. 

(d) It is located in the nucleus. 

2. How many neutrons does the argon isotope igAr 
contain? (3.1) QQ 

(a) 18 

(b) 19 

(c) 37 

(d) 55 

3. Which subatomic particles are located in the nucleus 
of the atom? (3.1) BID 

(a) protons and neutrons 

(b) protons and electrons 

(c) neutrons and electrons 

(d) protons, neutrons, and electrons 

4. What happened when Ernest Rutherford fired alpha 
particles at a thin piece of gold foil? (3.1) BEl 

(a) Most of the alpha particles bounced straight back, 
and a few went straight through. 

(b) All of the alpha particles were scattered at 
different angles. 

(c) Most alpha particles went straight through, a 
few were scattered at different angles, and some 
bounced straight back. 

(d) All of the alpha particles went straight through. 

5. What is the mass number of an atom that contains 
3 protons and 4 neutrons? (3.1) BIS 

(a) 1 

(b) 3 

(c) 4 

(d) 7 

6. What are isotopes? (3.1) BIS 

(a) atoms with the same number of protons but a 
different number of electrons 

(b) atoms with the same number of protons but a 
different number of neutrons 

(c) atoms with the same mass number but a different 
number of neutrons 

(d) atoms with the same mass number but different 
atomic numbers 


7. The Bohr model of the atom 

(a) applies to all atoms except hydrogen 

(b) explains the hydrogen emission spectrum 

(c) explains continuous spectra 

(d) is the current model of the atom (3.2) BID 

8. When is a line spectrum produced? (3.2) BID 

(a) when white light is passed through a prism 

(b) when excess energy is released by the emission of 
light of various wavelengths 

(c) when electrons are emitted from the surface 
of a material 

(d) when electromagnetic energy is emitted from a 
black object that has been heated 

9. How many sublevels can be present in the third 
principal energy level? (3.4) BID 

(a) 3 (c) 9 

(b) 6 (d) 12 

10. What are the possible values of m; for / = 1? (3.4) BID 

(a) 0 (c) -2,-1,0, 1,2 

(b) -1,0,1 (d) -3,-2,-1,0, 1,2,3 

11. Which of the following lists the allowed subshells for 
« = 3? (3.4) BID 

(a) ls,2s,2p,3s,3p,3d 

(b) 3s, 3p 

(c) 3s,3p,3d 

(d) 3s,3p,3d,3f 

12. According to the aufbau principle, 

(a) it is impossible to know the exact position of an 
electron 

(b) electrons are added to the lowest-energy orbital 
available 

(c) the lowest energy configuration for an atom is the 
one that has the maximum number of unpaired 
electrons 

(d) energy can exist only in discrete amounts 
(3.5) m 

13. What is the electron configuration of the sodium 
atom? (3.5) BID 

(a) ls^2s^2p®3s' 

(b) ls^2s^2p^3s^ 

(c) \^2s^2p^3^3p^ 

(d) 15^25^2^1 

14. Which of the following elements has 3 valence 
electrons? (3.5) BID 

(a) lithium (c) titanium 

(b) magnesium (d) aluminum 
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15. Which element has the electron configuration 
ls^2s^2p^3s^3pHs^3d^°4p^^ (3.5) m 

(a) Br (c) Pb 

(b) Cl (d) Kr 

16. Which of the following correctly matches the group 
name and the group label on the periodic table? 

(3.5) QQ 

(a) noble gases — 18 

(b) alkali metals — 2 

(c) halogens — 16 

(d) alkaline earth metals — 13 

17. The sodium ion, Na’*', has 

(a) 11 protons and 11 electrons 

(b) 11 protons and 10 electrons 

(c) 12 protons and 11 electrons 

(d) 10 protons and 11 electrons (4.1) QIS 

18. A bromide ion has the same number of electrons as 

(a) I (c) Ar 

(b) Cl (d) Kr (4.1) m 

19. What type of bond is formed by the transfer of 
electrons between atoms? (4.1) QID 

(a) ionic bond 

(b) polar covalent bond 

(c) non-polar covalent bond 

(d) coordinate covalent bond 

20. Which of the following compounds would you expect 
to have covalent bonds? (4.1) QQ 

(a) KCl (c) CO 2 

(b) Na20 (d) BaS 

21. What type of molecular geometry results from 4 shared 
electron pairs around the central atom? (4.2) ISD 

(a) linear (c) trigonal planar 

(b) bent (d) tetrahedral 

22. From its Lewis structure, how many lone electron 
pairs are there on nitrogen in nitric acid, HN 03 (aq)? 

(4.2) QQ B 

(a) 0 (c) 2 

(b) 1 (d) 3 

23. Which of the following molecules has a linear shape? 

(4.2) [3ig 

(a) BeCl 2 (c) H 2 S 

(b) H2O (d) CCI4 

24. Which element has the lowest electronegativity? 

(4.3) m 

(a) F (c) At 

(b) H (d) Fr 


Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

25. The electron is the most massive particle in an atom. 
(3.1) m 

26. The neutron is a negatively charged subatomic 
particle. (3.1) QQ 

27. A radioisotope is an isotope that emits subatomic 
particles. (3.1) QEl 

28. Most of the mass of an atom is concentrated in a 
positive, dense centre called the nucleus. (3.1) QQ 

29. A line spectrum results when white light is passed 
through a prism. (3.2) QQ 

30. The movement of an electron to a different energy 
level is called a transition. (3.2) 019 

31. John Dalton originated the idea that the electron also 
exhibits wave properties. (3.3) CSS 

32. The Heisenberg Uncertainty Principle states that it 
is impossible to know the speed and position of an 
electron at the same time. (3.3) 121!] 

33. According to the Pauli exclusion principle, in a 
given atom, 2 electrons can have the same set of four 
quantum numbers. (3.4) QID 

34. The valence electrons are the electrons in an atom 
that can be gained or lost in a chemical reaction. 

(3.5) QID 

35. Ionic compounds are electrically charged. (4.1) QID 

36. Most ionic compounds are crystalline solids at room 
temperature. (4.1) QID 

37. Three-dimensional structure describes the three- 
dimensional arrangement of atoms in a pure 
substance. (4.2) QID 

38. Carbon dioxide molecules have a bent shape. (4.2) QID 

39. In a polar covalent bond, electrons are shared equally 
between atoms. (4.3) QID 

40. Electronegativity is the ability of an atom in a 
molecule to attract electrons to itself (4.3) QID 

41. A molecule is polar if it contains at least one polar 
bond and is not symmetrical about the central atom. 

(4.5) QQ 

42. Hybridization is based on the concept that all 
hybridized orbitals are identical. (4.6) QID 

43. Semiconductors are doped with atoms that have 
the same number of valence electrons as the 
semiconductor atoms. (4.8) QID 
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UNIT 2 


S Knowledge/Understanding Di Thinking/Investigation 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. Which of these statements correctly describes the 
nucleus of an atom? (3.1) QQ 

(a) It is neutral. 

(b) It is positively charged and very dense. 

(c) It contains protons and electrons. 

(d) It has a small mass compared to the rest of the 
atom. 

2. Which of the following correctly describes a neutron? 

(3.1) m 

(a) It is located in the nucleus. 

(b) It has no charge. 

(c) It has approximately the same mass as a proton. 

(d) all of the above 

3. The mass number of an atom is 

(a) the number of protons in the nucleus 

(b) the sum of the protons and electrons 

(c) the sum of the protons and neutrons 

(d) the sum of the protons, neutrons, and electrons 

(3.1) m 

4. Which of the following pairs of symbols represents 
isotopes of the same element? (3.1) 1213 

(a) and 

(b) 'gC and 

(c) '^Cand'g^C 

(d) '^Cand^^C 

5. A neutral atom has an atomic number of 26 and a 
mass number of 58. How many protons, neutrons, 
and electrons does the atom have? (3.1) QIS 

(a) 26 protons, 26 neutrons, and 26 electrons 

(b) 58 protons, 26 neutrons, and 26 electrons 

(c) 26 protons, 32 neutrons, and 26 electrons 

(d) 26 protons, 58 neutrons, and 32 electrons 

6. What is the name given to the observation that 
electrons are emitted from matter after the matter 
absorbs energy from short waves of electromagnetic 
radiation? (3.2) 1213 

(a) the photoelectric effect 

(b) blackbody radiation 

(c) quantum theory 

(d) the Pauli exclusion principle 


7. What can happen when a substance absorbs energy? 

(3.2) QQ 

(a) Electrons in the substance transition from their 
ground state to an excited state. 

(b) Excess energy is released by the emission of light 
of various wavelengths. 

(c) Electrons are emitted from the surface of the 
material. 

(d) all of the above 

8. Which of the following is included in quantum 
theory? (3.1) 1213 

(a) Light has properties of waves. 

(b) Light has properties of particles. 

(c) Particles have properties of waves. 

(d) all of the above 

9. According to Heisenbergs uncertainty principle, 

(a) atomic orbitals can be described by a set of 
quantum numbers 

(b) electrons travel in distinct paths called orbits 

(c) it is impossible to know the exact position and 
speed of an electron at the same time 

(d) in a given atom, no 2 electrons can have the same 
set of four quantum numbers (3.3, 3.4) 013 

10. What is the maximum number of electrons that can 
occupy the second energy level? (3.4) 1213 

(a) 1 

(b) 2 

(c) 4 

(d) 8 

11. Which of the following orbitals is the highest in 
energy? (3.4) 013 

(a) 3p 

(b) 3d 

(c) 4s 

(d) 4p 

12. Which of the following orbital designations is 
incorrect? (3.4) 1213 

(a) ip (c) 3/ 

(b) 2d (d) all of the above 

13. Which is the electron configuration for the element 
gallium? (3.5) 013 

(a) ls^2s^2p'’3s^3p®4s^3d®4p® 

(b) ls^2s^2p^3s^3pHs^3d^° 

(c) ls^2s^2p^3s^3p^3d^°4sHp^ 

(d) lshp^2s^2p^3s^3pHsHp^ 
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Which of the following correctly matches the group 
name with the number of valence electrons? (3.5) QID 

(a) noble gases — 3 

(b) alkali metals — 4 

(c) halogens — 5 

(d) alkaline earth metals — 2 

What is the basis of ionic bonding? (4.1) □!!] 

(a) the equal sharing of bonding electrons 

(b) the transfer of an electron from a non-metal to a 
metal 

(c) the electrostatic attraction between oppositely 
charged ions 

(d) the unequal sharing of bonding electrons 
Which of the following describes how an atom can 
obtain an octet of electrons? (4.1) □!!] 

(a) by gaining electrons until it has 8 valence 
electrons 

(b) by losing electrons until it has 8 valence electrons 

(c) by sharing electrons until it has 8 valence 
electrons 

(d) all of the above 
A fluoride ion has 

(a) 9 protons and 10 electrons 

(b) 9 protons and 9 electrons 

(c) 10 protons and 9 electrons 

(d) 9 protons and 8 electrons (4.1) QIS 

Which of the following contains a coordinate covalent 
bond? (4.1) BID 

(a) NH 4 + 

(b) CI 2 

(c) H 2 O 

(d) NaCl 

How many electrons are in a typical calcium ion? 

(4.1) m 

(a) 2 

(b) 18 

(c) 20 

(d) 22 

In reactions with non-metals, metals tend to 

(a) gain electrons and become negative ions 

(b) gain electrons and become positive ions 

(c) lose electrons and become negative ions 

(d) lose electrons and become positive ions (4.1) BQ 
Which of the following pairs of elements would most 
likely form a covalent compound? (4.1) BIS 

(a) aluminum and silicon 

(b) calcium and oxygen 

(c) hydrogen and sulfur 

(d) calcium and potassium 


22. Which of the following molecules has a triple bond? 

(4.2) BQ 

(a) NH 3 

(b) HF 

(c) CO 2 

(d) C 2 H 2 

23. What is the shape of a molecule of carbon 
tetrachloride, CCI4? (4.2) BB 

(a) linear 

(b) trigonal planar 

(c) tetrahedral 

(d) octahedral 

24. How many lone electron pairs does the Lewis 
structure for the ammonia molecule have on the 
central atom? (4.2) BB 

(a) 0 

(b) 1 

(c) 2 

(d) 3 

25. In a polar covalent bond, valence electrons are 

(a) equally shared between atoms 

(b) unequally shared between atoms 

(c) transferred from a metal to a non-metal 

(d) transferred from a non-metal to a metal (4.3) BB 

26. Which element has the highest electronegativity? 

(4.3) BB 

(a) I 

(b) Br 

(c) Cl 

(d) F 

27. If the difference in the electronegativity between 
2 atoms is less than 0.5, then the bond between 
them is 

(a) polar covalent 

(b) non-polar covalent 

(c) ionic 

(d) none of the above (4.3) BB 

28. What type of orbital hybridization is present in a 
water molecule? (4.6) BB 

(a) sp 

(b) sp^ 

(c) sp^ 

(d) sp^d 

29. Hydrogen bonding is the strong intermolecular force 
between hydrogen atoms and 

(a) oxygen atoms 

(b) fluorine atoms 

(c) nitrogen atoms 

(d) all of the above (4.7) BB 


Unit 2 Review 273 




Indicate whether each statement is true or faise. If you think 
the statement is false, rewrite it to make it true. 

30. A proton is a negatively charged subatomic particle. 

(3.1) m 

31. Radiation is the travel of particles or energy waves 
through a medium or in space. (3.1) □!!] 

32. Electrons are attracted to protons but repel each 
other. (3.1) m 

33. The atomic number of an atom is the sum of the 
protons and neutrons in the nucleus. (3.1) Qd 

34. The nucleus accounts for most of an atom’s mass. (3.1) BC] 

35. Each element has a unique number of protons. (3.1) Bd 

36. A quantum is a packet of energy. (3.1) Bd 

37. If an electron emits a photon, it can drop to a lower 
energy level. (3.2) Bd 

38. The highest energy state for an atom is its ground 
state. (3.2) m 

39. Spectroscopy of excited gaseous elements led to the 
discovery of line spectra. (3.2) Bd 

40. Blackbody radiation is the energy that would be 
emitted from an ideal blackbody. (3.1) Bd 

41. Quantum theory is the theory that energy can exist 
only in discrete amounts. (3.3) Bd 

42. An orbit is the region around the nucleus where there 
is a high probability of finding an electron. (3.3) Bd 

43. The principal quantum number indicates the main 
energy level of an electron in an atom. (3.4) Bd 

44. The electron configuration for the element calcium is 
[Ar]4s\ (3.5) Bd 

45. A magnesium atom has 3 valence electrons. (3.5) Bd 

46. A lithium atom has 2 electrons in its second energy 
level. (3.5) Bd 

47. Ionic bonds are formed by a transfer of electrons 
from metal atoms to non-metal atoms. (4.1) Bd 

48. The bond between 2 chlorine atoms is ionic. (4.1) Bd 

49. Lewis structures show the arrangement of electrons in 
a molecule. (4.1) Bd 

50. Ionic compounds are composed of 2 or more 
non-metal ions. (4.1) Bd 

51. A triple bond contains 3 shared pairs of electrons. 

(4.2) Bd 

52. The Lewis structure for a water molecule has 1 lone 
pair of electrons on the central atom. (4.2) Bd 

53. The valence shell electron-pair repulsion (VSEPR) 
theory describes how atomic orbitals and hybrid 
orbitals overlap to form a new orbital with a pair of 
opposite-spin electrons. (4.2) Bd 

54. The polarity of a bond decreases as the 
electronegativity difference increases. (4.3) Bd 


55. The end-to-end overlap of orbitals forms a pi bond. 

(4.6) Bd 

56. Intramolecular forces occur between molecules. 

(4.7) Bd 


Match the scientist on the left with the most appropriate 


discovery on the right. 

57. (a) Max Planck 

(b) Albert Einstein 

(c) Louis de Broglie 

(d) Niels Bohr 

(e) Wolfgang Pauli 

(f) Werner 
Heisenberg 

(g) Erwin 
Schrodinger 

(h) James Chadwick 

(i) J.J. Thomson 

(j) Ernest 
Rutherford 


(i) idea that energy 
from a blackbody is 
quantized 

(ii) discovery of the 
neutron 

(hi) discovery of the 
nucleus 

(iv) idea that the 
energy of electrons 
is quantized 

(v) the photoelectric 
effect 

(vi) discovery of the 
electron 

(vii) the exclusion 
principle 

(viii) equation describing 
the energy and 
location of an 
electron in a 
hydrogen atom 

(rx) uncertainty 
principle 

(x) quantum theory 
(3.1, 3.2, 3.3) G&g 


Match the term on the left with the most appropriate 


description on the right. 

58. (a) linear 

(b) trigonal planar 

(c) tetrahedral 

(d) octahedral 


(i) has four bond angles 
of 90° in a plane and 
two bonds at 90° to 
the plane 

(ii) has a bond angle of 
180° 

(iii) has bond angles of 
109.5°, each equally 
positioned in four 
locations around the 
central atom 

(iv) has bond angles of 
120° and all of the 
atoms are found in the 
same plane (4.2) Bd 
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Understanding 

Write a short answer to each question. 

59. Explain J.J. Thomson’s “blueberry muffin model” of 
the atom. (3.1) 013 

60. What was Robert Millikan’s contribution to atomic 
theory? (3.1) QQ 

61. Explain how and why the results of Rutherford’s gold 
foil experiment differed from his expectations. 

(3.1) m 

62. What was the problem with the Rutherford atomic 
model? (3.1) 013 

63. How do isotopes of a given element differ? How are 
they similar? (3.1) 013 

64. How do the numbers of protons and electrons in a 
neutral atom compare? (3.1) 013 

65. What is the relationship between an isotope and a 
radioisotope? (3.1) 013 

66 . What part of Dalton’s atomic theory did Thomson 
disprove with the discovery of electrons? (3.1) QQ 

67. According to Dalton’s atomic theory, all atoms of 
a given element are identical in mass and other 
properties. Is this correct? Explain. (3.1) 013 

68 . The three mass numbers of the three isotopes of neon 
are 20, 21, and 22. How many neutrons does each 
isotope have? (3.1) 013 

69. What is a cathode ray tube? (3.1) 013 

70. How does the mass of the nucleus compare with the 
mass of the rest of the atom? (3.1) 013 

71. Name two phenomena that support the concept that 
light is a packet of energy. (3.1) 013 

72. Why was the Bohr atomic model, although incorrect, 
a significant contribution to atomic theory? (3.2) 013 

73. How are scientists able to determine what elements 
are present in distant stars? (3.2) 013 

74. Draw an illustration that describes the relationships 
among emission spectra, line spectra, and continuous 
spectra. (3.2) OOD 

75. What conclusions did scientists draw from each of the 
following observations? (3.1, 3.2) 013 

(a) An atom emits a specific set of frequencies of 
light when it is excited by thermal energy or 
electricity. 

(b) A beam of electrons is deflected by an electric 
field toward a positively charged plate. 

76. What is an atomic orbital? (3.3) 013 

77. Why is it impossible to determine both the exact 
location and the velocity of an electron? (3.3) 013 

78. What information is given by the solutions to 
Schrodinger’s equation? (3.3) 013 


79. Using n to represent the principal energy level 
number, write equations that show the relationship 
between 

(a) the principal energy level number and the 
number of sublevels (subshells) 

(b) the principal energy level number and the 
number of orbitals 

(c) the principal energy level number and the 
maximum number of electrons in an energy level 

80. Explain why the following set of quantum numbers is 
not possible: n = 3; / = 3; m; = 0 (3.4) 013 

81. What is the maximum number of electrons that can 
have the same 

(a) n, /, nil, quantum numbers? 

(b) n, I, and m/ quantum numbers? 

(c) n and I quantum numbers? (3.4) 013 

82. Identify the elements with these electron 
configurations: (3.5) 013 

(a) ls^2s^2p'’3s^3p®3d^“4s^4p® 

(b) ls"2s"2p®3s" 

(c) ls^2s^2p^3s^3p^3d^°4s^4p^4(f5s^ 

(d) \s^2s^2p^3^3p^ 

83. An orbital representation uses circles or lines to 
represent atomic orbitals, and arrows to represent 
electrons. The direction of the arrow (up or 
down) represents the electron spin direction. Eor 
example, the orbital representation of a 3p sublevel 
consists of three lines or circles with each line 

or circle representing an orbital. Draw an orbital 
representation of a 3p sublevel that 

(a) shows a violation of Hund’s rule 

(b) shows a violation of the Pauli exclusion principle 

(c) is a correct representation of a 3p sublevel with 
3 electrons (3.5) [313 B 

84. Write the name of the element that fits each 
description. (3.5) 1313 

(a) has 5 valence electrons in its third energy level 

(b) noble gas with 2 valence electrons 

(c) non-metal with 1 valence electron 

(d) semiconductor with 3 valence electrons 

85. State the number of valence electrons in an atom of 
each element below. (3.5) 1313 

(a) aluminum 

(b) oxygen 

(c) helium 

(d) bromine 
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86. The term “isoelectronic” refers to entities that have 
the same electron configuration. For example, the 
magnesium ion, Mg^^, and the fluoride ion, F“, are 
isoelectronic. Write the formulas for two other atoms 
or ions that are isoelectronic with the magnesium and 
fluoride ions. (3.5) QQ 

87. Why are there no transition elements in periods 1, 2, 
and 3? (3.5) UB 

88. Write the electron configuration of 

(a) the element with the highest electronegativity 

(b) the non-metal element in Group 4A 

(c) the transition element with the lowest atomic 
number 

(d) the noble gas that has 2 valence electrons 
(3.5) m 

89. How many electrons are transferred from the 
beryllium atom to the sulfur atom when they form an 
ionic bond? (4.1) QCI 

90. Explain why a fluoride ion is larger than a fluorine 
atom. (4.1) ™ 

91. Indicate whether each of the following atoms is more 
likely to form a cation (a positively charged ion) or an 
anion (a negatively charged ion): (4.1) QID 

(a) calcium 

(b) chlorine 

(c) lithium 

(d) oxygen 

92. Indicate the most likely number of electrons each of 
the following atoms will gain or lose in forming ionic 
bonds: (4.1) 1301 

(a) sodium 

(b) phosphorus 

(c) chlorine 

(d) strontium 

93. Draw a Venn diagram to compare and contrast ionic 
bonding and covalent bonding. (4.1) Qig oa D 

94. Why are ionic compounds electrically neutral? (4.1) QCl 

95. Consider the following Lewis structure, where E is an 
unknown element. What are some possible identities 
for element E? (4.2) BIS 


H-/ 

H 


H 

k 109.5° 

:: I 

H 


96. What is the difference between a bonded electron pair 
and a lone pair? (4.2) BIS 

97. What is electron-pair repulsion? (4.2) B!S 


98. How does electron-pair repulsion affect the shape of a 
molecule? (4.2) BB 

99. The molecule with the chemical formula 
HOOCCH2COCH3 is a 4-carbon chain with 

1 oxygen atom (carbonyl group) double-bonded 
to carbon 3 and 1 oxygen atom (carboxylic acid) 
double-bonded to carbon 1. Use the VSEPR theory 
to describe the geometry around each of the carbon 
atoms. (4.2) EH 

100. What happens when the electronegativity difference 
between 2 atoms is very large? (4.3) BB 

101. Place the following elements in order of increasing 
electronegativity: K, Br, Na, O, S. (4.3) BB 

102. Choose the element in each of the following pairs that 
has the highest electronegativity: (4.3) BB 

(a) K and Ca 

(b) O and F 

(c) S and Si 

(d) Ga and Ge 

103. The electronegativity of the element hydrogen is the 
same as that of the element phosphorus, greater than 
that of the element boron, and less than that of the 
element carbon. List the following bonds in order of 
decreasing polarity: P-H, O-H, N-H, F-H, C-H. 

(4.3) BB 


104. Predict the type of bond—ionic, non-polar covalent, 
or polar covalent—that forms between the following 
pairs of elements: (4.3) BB 

(a) RbandCl 

(b) S and S 

(c) CandF 

(d) Ba and S 

(e) NandP 

(f) BandH 

105. Write Lewis structures, and predict the molecular 
structures of oxygen dichloride, OCI 2 ; krypton 
difluoride, KrF 2 ; beryllium hydride, BeH 2 ; sulfur 
dioxide, SO 2 ; sulfur trioxide, SO 3 ; nitrogen trifluoride, 
NFj; iodine trifluoride, IF 3 ; tetrafluoromethane, CF 4 ; 
selenium tetrafluoride, SeF 4 ; krypton tetrafluoride, 
KrF 4 ; iodine pentafluoride, IF 5 ; and arsenic 
pentafluoride, AsFj. Which of these molecules are 
polar? (4.1, 4.2, 4.5) BBB 


106. (a) Determine the electron configuration of each of 
the following atoms: 

(i) P (iii) Br 

(ii) S (iv) Si 

(b) Use your answers from (a) to draw the orbital 
diagram of the valence electrons for each of the 
above atoms. (4.6) BB B 
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107. For each of the atoms in Question 106, determine the 
orbital it would use to bond with hydrogen atoms to 
form the following compounds: (4.6) QID 

(a) PH 3 

(b) H 2 S 

(c) HBr 

(d) SiH 4 

108. Each of the following atoms reacts with 
hydrogen: (i) boron; (ii) nitrogen; (iii) carbon; 
and (iv) fluorine. (4.6) QlD Di D 

(a) Write the electron configuration for each atom. 

(b) Draw the orbital diagrams, showing the valence 
electrons for each atom. 

(c) Determine whether any electrons need to be 
promoted. If so, draw a new orbital diagram 
showing the excited-state atom. 

(d) Hybridize the orbitals as needed. Draw the orbital 
diagrams, showing the hybrid orbitals. 

(e) How many half-empty orbitals does each atom 
have? How many orbitals are available for 
bonding? 

(f) State the orbital each atom would use to form a 
sigma bond with a hydrogen atom. 

(g) Draw the resulting molecule. 

109. Predict the hybridization of each atom, and describe 
the three-dimensional structure of each of the 
following molecules: (4.6) I3I!1 E2I1 

(a) BeCl 2 

(b) H 2 S 

(c) H 2 CO 

(d) SiF 4 

110. Which liquid would have the greater surface 
tension: butane, CH 3 CH 2 CH 2 CH 3 , or 1 -propanol, 
CH 3 CH 2 CH 2 OH? Why? (4.7) QlD 

111. Discuss the similarities and differences between 

(a) polar bonds and hydrogen bonds 

(b) dipole-dipole interactions and London dispersion 
forces (4.7) QID EZD 

112. Explain how the properties of each solid allow it to be 
used as described: (4.8) QQ D 

(a) Copper is the most common metal used in 
electrical wires. 

(b) Diamonds are used in industry as abrasives and 
drill tips. 

(c) Liquid nitrogen (boiling point -196 °C) is used 
as a refrigerant. 


113. Explain the difference between intramolecular forces 
and intermolecular forces. (4.8) QID 

114. (a) Characterize each of the following forces as 

intramolecular or intermolecular: 

(i) van der Waals 

(ii) London dispersion 

(iii) dipole-dipole 

(iv) hydrogen bonds 

(v) covalent bonds 

(b) Arrange the forces in (a) from strongest to 
weakest. (4.8) QID 

115. Why does molten potassium chloride, KCl(l), conduct 
electricity even though solid potassium chloride does 
not? (4.8) QID D 

116. Draw a chart showing the similarities and differences 
between 

(a) metallic and ionic bonds 

(b) network solids and covalent molecules 
(4.8) QIDB 

117. What type of substance is each of the following? 

(4.8) QIDDn 

(a) Gallium crystals are shiny and silver-coloured. 
They are good conductors of electricity. Gallium 
metal melts at 29.8 °G. 

(b) This compound has a very high melting point, 
is hard and brittle, and conducts electricity as a 
liquid but not as a solid. 

(c) Liquid tin(IV) chloride does not conduct 
electricity. It forms crystals that are soft, and it 
has a melting point of —33 °G. 

(d) Paradichlorobenzene is one of the main 
ingredients in mothballs. It has a melting point of 
54 °G and crushes fairly easily. 

(e) Mica is an unusual rock that cleaves (breaks) in 
very thin layers. It has a melting point of 

1378 °G. It is chemically unreactive, and is stable 
when exposed to electricity, light, moisture, and 
extreme temperatures. 

(f) Some semiconductors are made of the transition 
metal boron. Boron is very hard and has a 
melting point of 2349 °G. 

(g) Hydrargyrum is a name once used for one of 
the elements. It is a shiny silver liquid at room 
temperature that conducts electricity very well. 

118. How could you tell experimentally whether titanium 
dioxide, Ti 02 , is an ionic solid or a network solid? 
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119. What type of solid does each of the following 
substances form? (4.8) QQ EZD 


(a) CO 2 

(g) KBr 

(b) Si 02 

(h) H 2 O 

(c) Si 

(i) NaOH 

(d) CH 4 

0) u 

(e) Ru 

(k) CaC 03 

(f) I 2 

( 1 ) PH 3 


120. Identify the four substances in Table 1 as ionic, 
network, metallic, or molecular solids. (4.8) Qd 

Table 1 


Compound 

Conducts 
electricity 
as a solid 

Other properties 

diborane, BjHe 

no 

gas at 25 “C 

silicon dioxide, Si02 

no 

high melting point 

cesium iodide, Csl 

no 

aqueous solution 
conducts electricity 

tungsten, W 

yes 

high melting point 


121. Briefly describe lattice structures. (4.8) Qd 

122. Explain why ionic compounds are brittle. (4.8) Qd 

123. Indicate whether each of the following is a property 
of ionic compounds or covalent compounds: (4.8) Qd 

(a) form crystal lattices 

(b) low melting and boiling points 

(c) tend to be brittle solids 

(d) tend to be soluble in water 

(e) tend to have low solubility in water 

(f) have high melting and boiling points 

Analysis and Application 

124. Figure 1 shows how the electron clouds of 

2 hydrogen atoms interact as a covalent bond 
forms. (4.1) ddElIlD 

(a) Draw a similar diagram showing how hydrogen 
and chlorine atoms will react to form a covalent 
bond. Show the attractive and repulsive forces. 

(b) Draw a similar diagram showing how 2 fluorine 
atoms will react. 



H atom H atom H2 molecule 

Figure 1 


125. Using what you know about the structure of metals, 
covalent crystals and ionic substances, and the 
quantization of light, explain why the photoelectric 
effect is best demonstrated using metal. (3.1,4.8) Qd D 

126. Water is an unusual molecule. It has high melting 
and boiling points that are uncharacteristic and can 
dissolve many ionic compounds. As a result, it is 
the solvent of life. Biological life without water is 
difficult to imagine. Indeed, recent evidence of liquid 
water on Mars has sparked new interest in whether 
life has existed there in the past or currently exists. 
Based on your understanding of the structure of 
water predicted by VSEPR theory, suggest why water’s 
structure is ultimately responsible for its remarkable 

127. Biacetyl and acetoin are added to margarine to make it 
taste more like butter. The structures of both compound s 
are shown in Figure 2. (4.3,4.5,4.6) EZD D D 


O O 
II II 

CH3-C-C-CH3 


CH3—CH—C—CH3 

I 

OH 


Figure 2 

(a) Draw the Lewis structure for each compound and 
indicate the hybridization of the carbon atoms. 

(b) Predict values for all C-C-O bond angles. 

(c) How many sigma bonds and how many pi bonds 
are there in biacetyl and acetoin molecules? 

128. Illustrate the bonding using diagrams of the orbitals 
for each of the following. Show the bonding orbitals 
formed. (4.6) Qig EZD B 

(a) HF (d) NF 3 

(b) Fj (e) C 2 CI 4 

(c) BCI3 

129. Water is an extremely effective solvent for dissolving 
polar and ionic compounds. To work as a cleaning 
agent, the water first has to reach the "dirt.” This 
can become a problem. The same property of water 
that makes it such a good solvent—its ability to 
form strong dipole-dipole interactions—also makes 
it difficult to get into the small spaces where dirt 
lingers. Water would rather interact with other water 
molecules than leave its neighbouring molecules 

in search of dirt. This tendency to be attracted to 
other similar molecules is called surface tension. 
Water’s surface tension is extremely high. Surface 
tension is the enemy of cleaning systems. Special 
chemicals called surfactants are added to detergents 
specifically to lower the surface tension of water so it 
can penetrate small spaces and dislodge and dissolve 
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dirt. If you were asked to design a surfactant, what 
chemical properties would you want your surfactant 
molecule to have? How would you explain to a 
consumer how your surfactant works? (4.7) EBl B D 

130. Hydrogen peroxide (HjOj) is a syrupy liquid with 
a relatively low vapour pressure and a boiling point 
of 152.2 °C. Explain the differences of these physical 
properties from those of water. (4.7) 019 D 

131. Hydrogen bonds greatly affect the properties of water. 
In a format of your choice, describe how the world 
around us would be different if water did not have 
hydrogen bonds. (4.7) qq bq B B 

132. The element selenium is a semiconductor used in 
photocopiers. What type of semiconductor would be 
formed if a small amount of indium impurity were 
added to pure selenium? (4.8) Bi B 

Evaluation 

133. Evaluate the benefits to society of nanoparticles 
used in medicine. What impact would the widespread 
use of nanoparticles have on the environment? 

(3.7) BBB 

134. Cyclotrons, synchrotrons, and linear accelerators have 
been used to discover new subatomic particles. What 
social benefits are associated with these discoveries? 
(3.7) BBD 

135. Evaluate the cost and environmental impact of several 
types of light bulbs. Include the advantages and 
disadvantages of each type. (3.7) Bi B D 


Reflect on Your Learning 

136. Many of the concepts in this unit are abstract. 
Describe some of the strategies you have used to 
understand these concepts. B 

137. What information in this unit did you find most 
interesting? Why? What information did you find 
least interesting? Why? B 

138. Think about what you already knew about atomic 
structure and bonding before beginning this unit. 
What misconceptions did you have? Where did 
they come from? How has working through this 
unit helped you identify and correct your 
misconceptions? B 

139. How would you explain to a friend or family member 
who does not have any chemistry training what you 
learned in this unit? B 

!S!8^) 

Research 


140. Many specialized materials have been created on the 
basis of scientific research into the structure of matter 
and chemical bonding. Research disposable diapers. 


(a) What properties of disposable diapers enable 
them to hold so much liquid? 

(b) What impact has the widespread use of such 
diapers had on the environment? 


141. An amorphous solid has no specific arrangement of 
its atoms or ions. Tar and wax are amorphous solids. 
Glass is also an amorphous solid. Most glass contains 
silicon dioxide, Si02, as the main ingredient. B D 

(a) Based on its chemical structure, is silicon dioxide 
an ionic or covalent compound? 

(b) Research the properties of glass. Do the 
properties of glass more closely match those of 
an ionic compound or a covalent compound? 
Discuss the structure and properties of glass. Give 
details to support your opinion on whether glass 
is an ionic or covalent compound. 

142. Technological devices that are based on the principles 
of atomic and molecular structures can have societal 
benefits and costs. Discuss a technology that is based 
on the principles of atomic emission. Describe the 
social and economic implications of the technology. 
Share your findings in a written report. D B 

143. The colours observed in fireworks displays are 
produced by heafing metal salts. Use Internet 
resources to determine how salts are used in fireworks 
displays and the processes that cause these salts to 
emit light. Greate a poster or electronic slideshow to 
share your findings. B B 


144. What is known about the atom is due to contributions 
from several disciplines. Describe the contributions to 
atomic theory of at least eight philosophers, chemists, 
physicists, and mathematicians, choosing two people 
from each category. Prepare a timeline to display what 
you learned. BB 

145. (a) What types of metals are used in dental amalgams? 

What properties of these metals allow them to be 
used for this purpose? 

(b) What metals are used to make coins? What are 
the properties of these metals? Why are they used 
instead of other metals? B B 


146. Hair is composed mainly of a protein called keratin. 
What types of chemical bonds are present in hair? 
How do chemical processes such as perming and 
colouring affect these bonds? Use Internet resources to 
answer these questions. Prepare an advertisement or 
an electronic slideshow to share your findings. BD D 

147. Choose a radioisotope that is used in the diagnosis 
of disease. Explain what care must be taken in the 
storage, use, and disposal of this material. Prepare a 
workplace training brochure from the information 
you find. B D 
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Energy Changes and Rates of Reaction 


OVERALL 

EXPECTATIONS 

• analyze technologies and chemical 
processes that are based on energy 
changes, and evaluate them in 
terms of their efficiency and their 
effects on the environment 

• investigate and analyze energy 
changes and rates of reaction in 
physical and chemical processes, 
and solve related problems 

• demonstrate an understanding 
of energy changes and rates of 
reaction 


1 ^ 

* 


Energy changes and rates of 
chemical reaction can be described 
quantitatively. 

The efficiency of chemical reactions 
can be improved by applying 
optimal conditions. 

Technologies that transform 
energy can have societal and 
environmental costs and benefits. 


UNIT TASK PREVIEW \ 


In this Unit Task, you wili quantitatively anaiyze the rate of a 
chemical reaction. You wili compare the effectiveness of the 
addition of different cataiysts to changing the rate at which 
hydrogen peroxide is broken down into simpier substances. The 
Unit Task is described in detaii on page 402. As you work through 
the unit, look for Unit Task Bookmarks to see how information in 
the section relates to the Unit Task. 
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FOCUS ON STSE 


Questions 

1. Give an example of a fuel that is renewable and a fuel that is non-renewable. 
Justify your choices. 

2. Explain what is meant when we describe a process as being “carbon neutral.” 


3. Berkeley researchers found that the reaction in which water is broken down into 
hydrogen and oxygen atoms occurred much faster after they added cobalt oxide 
that had been ground into a fine powder. Suggest an explanation to account for 
this observation. 

. Scientific research can be very expensive. If you were the director of a lab 
conducting research into artificial photosynthesis, what organizations or companies 
would you approach to fund your research, and why? Are there any groups or 
organizations that you think would be likely to turn down your request? Explain. 


Imagine if you could use solar energy to convert carbon dioxide gas and liquid water into 
fuel that could be used in place of fossil fuels. That is exactly what researchers at the 
Lawrence Berkeley National Laboratory in California are trying to do. These researchers 
are trying to develop an artificial version of photosynthesis. Photosynthesis is a chemical 
process that occurs in green plants. During photosynthesis, plants capture solar energy 
and use it to convert carbon dioxide gas and liquid water into energy-rich molecules such 
as glucose. 

Artificial photosynthesis offers the promise of a renewable alternative to fossil fuels. 
Another important potential advantage of fuels produced through artificial photosynthesis 
is that they would be “carbon neutral”. A carbon neutral fuel neither contributes to nor 
reduces the concentration of carbon in the atmosphere, making it environmentally friendly. 
Increases in atmospheric carbon dioxide gas concentration are a primary cause of global 
warming, which can lead to global climate change. For this reason, alternative fuels that 
do not increase atmospheric carbon concentrations are in demand. The carbon dioxide 
required to produce artificially photosynthesized fuel is readily available and very inex¬ 
pensive. Atmospheric carbon dioxide is continually replenished by many activities, such 
as respiration of organisms and by burning hydrocarbon fuels to heat our homes and 
power our vehicles. 

A key step in photosynthesis involves breaking down water molecules into hydrogen 
and oxygen atoms. To do this requires energy. In green plants, this reaction occurs at room 
temperature, using the energy of sunlight. Early attempts to mimic this reaction in the lab 
resulted in reactions that were too slow to be a practical way of producing fuels. That may 
soon change. Berkeley researchers have found that adding cobalt oxide crystals to the 
reaction mixture makes the breakdown of water occur much faster. Although this com¬ 
pound is not a reactant in artificial photosynthesis, it causes the reaction to occur faster. 
Next, scientists must find ways to mimic the many other steps in the complex process of 
photosynthesis. This ambitious goal will involve considerable research and development. 



UNIT 3 ARE YOU READY? 


r 


CONCEPTS 

• describe the particle theory of matter 

• understand the properties and behaviour of gases in terms 
of molecular motion 

• describe various types of chemical reactions, including 
synthesis, decomposition, and combustion reactions 

• understand a variety of energy transfers and transformations, 
and explain them using the law of conservation of energy 

• distinguish, qualitatively, the relationship between 
efficiency and thermal energy transfer 


SKILLS 

• write balanced chemical equations 

• perform stoichiometric calculations 

• use significant digits 

• identify safe laboratory procedures 

• draw Lewis structures to represent the bonds in ionic 
and molecular compounds 

• use appropriate terminology related to chemical reactions 


Concepts Review 

1. Figure 1 shows three devices whose functions involve 
energy transformations. Identify the type of energy 
transformation(s) occurring in each case. QQ 



Figure 1 Examples of devices that involve the transformation of 
energy from one form to another: (a) A jet taking off (b) A solar panel 
generating electricity (c) An electric arc torch melting metal 


2. A cold pack used for first-aid treatment is activated 
when two substances mix. Does the reaction between 
these substances absorb energy or release energy? 
Explain your reasoning. QID 


3. Explain why sodium metal reacts violently in water, 
while gold metal is inert. QID 

4. The kinetic molecular theory states that all matter is 
made up of particles that are in constant motion. Draw 
a diagram to illustrate the arrangement of particles 

in each of the different states of matter. Use arrows 
to show how the particles are moving. QID B 

5. For each example shown in Figure 2, state whether 
the water molecules release or absorb energy. QID 


Figure 2 Examples of water (a) melting, (b) condensing, (c) boiling, 
and (d) freezing 

6. The following equation represents the decomposition 
of hydrogen peroxide: 

2 Hp^Caq)-> 2 H^OO) + O^ig) 

Predict whether the reaction absorbs energy or releases 
energy. Explain your reasoning. QID E2Q 

7. Outline the changes in molecular motion that are 
predicted to occur when a sample of ice is heated until 
it is converted to steam. Explain your reasoning, using 
the particle theory of matter. Assume that the ice turns 
to liquid before it becomes steam. QQ D 
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Skills Review 

8 . Identify the variable that causes each of the following 
effects; QQiai 

(a) Sugar dissolves in hot water faster than in an equal 
volume of cold water. 

(b) Vinegar, 0.8 mol/L acetic acid, is safe to consume 
while lab-grade acetic acid, 15.0 mol/L, is 
corrosive. 

9. Draw a Lewis structure for each of the following 

(a) chlorine, CI 2 (d) carbon tetrachloride, CCI 4 

(b) nitrogen, N 2 (e) carbon dioxide, CO 2 

(c) water, HjO (f) ethene, C 2 H 4 

10. (a) Write the chemical equation representing the 

complete combustion of octane, C 8 Hi 8 (l). 

(b) Calculate the volume of carbon dioxide that would 
be produced by the combustion of 1.00 g of octane 
at SATP. 

(c) What volume of oxygen would be required to react 
with the 1.00 g of octane? QQ DU 

11. Write a balanced chemical equation to represent the 
following chemical reactions. Classify these reactions 
as being synthesis, decomposition, single displacement, 
or combustion, qb] E2i D 

(a) Solid potassium chlorate breaks down into solid 
potassium chloride and gaseous oxygen when heated. 

(b) Iron(III) oxide reacts with aluminum to produce 
iron and aluminum oxide. Assume all reactants 
and products are solids. 

(c) Gaseous butane, C 4 H 10 , burns in air to produce 
gaseous carbon dioxide and water vapour. 

(d) Potassium metal corrodes in air to form solid 
potassium oxide. 

12. If pure carbon, C(s), undergoes combustion in the 
presence of a limited amount of oxygen gas, 02 (g), 
carbon monoxide gas, CO(g), is produced. Carbon 
monoxide gas can react with oxygen gas to produce 
carbon dioxide gas, C 02 (g). lan Bffl D 

(a) Write a balanced chemical equation to represent 
each of these changes. 

(b) If 2.0 mol of carbon were reacted, what volume of 
carbon monoxide would be produced at SATP? 
What volume of carbon dioxide? 

(c) Write the balanced chemical equation for the 
combustion reaction between solid carbon and 
oxygen gas to produce carbon dioxide gas. 

(d) If 2.0 mol of solid carbon were reacted, what 
volume of carbon dioxide gas would be produced? 

(e) Compare your answers from (b) and (d). Explain 
the similarities and differences. 


13. For each of the following, convert between the 


specified units: QID Dl 


(a) 24 4001 = 

kj 

(b) 0.48 ks = 

g 

(c) 1.52 X 10"= g = 

mg 

14. (a) Write the balanced chemical equation for the 


complete combustion reaction of propane, C 3 H 8 (g) 
(Figure 3). 



Figure 3 Combustion of propane gas in a camp stove 


(b) What mass of carbon dioxide gas will be produced 
if 6.11 g of propane gas reacts with excess oxygen 
gas? QIDEZa 


15. Solve the following problems. Express the answer to 
the correct number of significant digits. QEl EZO 

. ^ 45 J 

(a) -— 


2.46 


mol 


(b) (50.00 g)(^4.18 ^)(0-33 °C) 

(2.100 g)( 0.891 1(245.4 °C - 225.0 °C) 

(0 - ^^ - 

1.65 mol 

16. You are writing a procedure for an investigation 
that involves a burning candle. Identify four safety 
precautions related to the burning candle that should 
be including in the procedure. IBIS EBl 



Throughout this unit you will see Career Links. Go to the Nelson 
Science website to find information about careers related to Energy 
Changes and Rates of Reaction. On the Chapter Summary page at 
the end of each chapter you will find a Career Pathways feature 
that shows you the educational requirements of the careers. There 
are also some career-related questions for you to research. 
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Thermochemistry 


KEY CONCEPTS 

After completing this chapter you will 
be able to 

• compare the energy changes of 
different substances, perform 
calorimetry calculations, and 
describe the relationship 
between reactions using 
enthalpy terms 

• represent thermochemical 
equations using different 
methods, and determine 
whether a reaction is exothermic 
or endothermic 

• calculate and use bond energies 
to estimate the enthalpy change 
of a reaction 

• define and solve problems using 
Hess’s law 

• write formation reactions and 
calculate enthalpy changes 
using standard enthalpy of 
formation values 

• describe current and future 
energy sources and explain their 
advantages and disadvantages 


What Is the Relationship between Chemical 
Reactions and Energy? 

A fundamental characteristic of energy is that it is never destroyed; it is 
transformed from one form to another. All your energy needs are met by 
energy transformations. For example, when you use a cellphone, chemical 
energy in the battery is first transformed into electrical energy and then into 
sound energy. If you go for a run, the cells in your body transform some of 
the chemical energy associated with glucose molecules into the kinetic energy 
of moving muscles. Some of this chemical energy is also transformed into 
thermal energy, so your body temperature increases and you start to sweat. 

Similarly, some quantity of chemical energy is transformed to another form 
of energy whenever reactants are converted to products during a chemical 
reaction. For example, consider the combustion reactions that take place 
in a campfire. These reactions convert stored energy found in cellulose and 
other substances found in wood into thermal energy, light energy, and sound 
energy. When you are camping, you might use the thermal energy to cook 
your food and warm your body while you enjoy the sound energy of the 
crackling fire. You might use the light energy to help you see after sundown. 

A chemical reaction either releases or absorbs energy in some form, 
depending on the specific reactants and products. For example, cellular res¬ 
piration is the process used by your body to provide chemical energy that 
you can transform to the kinetic energy of moving muscles. During cellular 
respiration, energy is released as your cells break down glucose and form 
carbon dioxide gas and water vapour. In contrast, during the process of photo¬ 
synthesis, energy in sunlight is absorbed to form glucose from carbon dioxide 
gas and liquid water. 

The study of energy transformation in chemical reactions is a major field 
of chemistry. Understanding energy transformations helps chemists to predict 
how much energy a chemical reaction will release or absorb. These predictions 
can then be applied to finding new and more efficient methods of harnessing 
energy. In this chapter, we will explore different ways in which the quantity of 
energy associated with a chemical reaction can be determined. 


Answer the following questions using your current knowledge. 3. Why do some reactions release energy while others 


You will have a chance to revisit these questions later, 
applying concepts and skills from the chapter. 

1. What forms of energy do you use in your everyday life? 
What are some sources of this energy? 

2. Provide some examples from your daily life of chemical 
reactions that release energy and others that absorb energy. 


absorb energy? 

4. How do chemical reactions and nuclear reactions differ? 
How are they similar? 

5. Suggest some new or alternative sources of energy 
that we may use in the future, and briefly describe their 
advantages and disadvantages. 


284 Chapter 5 • Thermochemistry 









Mini Investigation 


Measuring Temperature Change 

Skills: Performing, Observing, Evaiuating, Communicating handbook ^ 


In this investigation, you will observe and measure the 
temperature changes that occur when various substances 
dissolve in water. 

Equipment and Materials: chemical safety goggles; 
gloves; 100 ml graduated cylinder; 100 ml beaker; alcohol 
thermometer; electronic balance; stirring rod; weighing boats 
or papers; water; sodium hydroxide, NaOH(s) @; ammonium 
chloride, NH4CI(s) ©; sodium chloride, NaCI(s); calcium 
chloride, CaCIjIs) ©; urea, CO(NH2)2(s); calcium acetate, 

Ca(C2H302)2(s) @ 


y Sodium hydroxide and calcium acetate are 
r corrosive. Avoid skin and eye contact. If you spill 
these chemicals on your skin, wash the affected 
area with a lot of cool water. 


© 


Ammonium chloride and calcium chloride can 
be toxic if ingested and may cause skin or eye 
irritation. Avoid skin and eye contact. In the case 
of contact, wash the affected area with plenty of 
cool water. Inform your teacher. 


1. Put on your safety goggles and gloves. 

2. Using the graduated cylinder to measure 25 ml of water. 
Pour the water into the 100 ml beaker. 

3. Measure and record the initial temperature of the water. 

4. Using the electronic balance, weigh out 0.5 g of any one 
of the compounds listed under Equipment and Materials. 

5. Add the compound you chose in Step 4 to the water in 
the beaker (from Step 2). Stir with the stirring rod. 

6. Measure and record the final temperature of the mixture. 

7. Repeat Steps 1 to 5 with two other substances. 

8. Dispose of the mixtures as directed by your teacher. 

A. Which substance caused the greatest change in 
temperature when dissolved in the water? di 

B. Which of the substances released energy when dissolved 
in the water? What evidence supports this? Eza 

C. Which of the substances you used absorbed energy 
when they dissolved in the water? What evidence 
supports this? ebi 
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Figure 1 Our use of fossil fuels is 
unsustainable. New sources of green, 
sustainable energy are needed to meet 
the world’s growing demand. 


thermochemistry the study of the energy 
changes that accompany physical or 
chemical changes in matter 

energy the ability to do work; SI units 
joules (J) 

work the amount of energy transferred by 
a force over a distance; SI units joules (J) 

potential energy the energy of a body or 
system due to its position or composition 

kinetic energy the energy of an object 
due to its motion 


Energy Changes in Chemical and 
Nuclear Reactions 

Our ability to harness energy has contributed greatly to the development of human 
civilization. For most of human history, the only way to transport people and things 
over land was by walking or through animal labour. Then, during the Industrial 
Revolution of the 1800s, inventors found ways to harness thermal energy to do work. 
Energy released hy burning coal was used to heat water, releasing steam fast enough 
to move mechanical parts in machines. People and goods could then be moved long 
distances by steam-powered locomotives and boats. The next advance took place in 
the late 1800s in the form of the internal combustion engine, which produces energy 
by burning gasoline. Today, there are more than half a hiUion vehicles that are powered 
by the internal combustion engine (Figure 1). As this number grows, the demand 
for inexpensive and reliable sources of fuel also increases. Most of these vehicles use 
fossil fuels, which are non-renewable and negatively effect the environment. How will 
we meet our energy needs for transportation and other activities in more sustainable 
ways? To answer this challenge, we need to understand the energy changes that take 
place in chemical and nuclear reactions. 


The Nature of Energy 

The study of energy changes during physical or chemical changes in matter is called 
thermochemistry. The study of thermochemistry uses some familiar terms in very pre¬ 
cise ways. Scientists define energy as the ability to do work. Work is the energy trans¬ 
ferred to an object by a force that causes the object to move. For example, the energy 
to lift satellites into orbit comes from simple chemical reactions that release huge 
quantities of thermal energy. The hot expanding gases released during the rocket 
launch do work on the rocket by pushing it into the sky. No work is done, however, if 
the force of the gases is inadequate to get the rocket off the ground. Both energy and 
work are measured in joules (J). 

All forms of energy can be classified as either kinetic energy or potential energy. 
Potential energy is energy due to the position or composition of an object. Kinetic 
energy is the energy of motion. For example, the water behind a dam has a great deal 
of potential energy because of its elevation. This energy can be used to do work on 
the blades of turbines in a hydroelectric generating station. As the water falls, the 
potential energy is transformed into kinetic energy. The falling water causes the 
turbine blades to spin. The kinetic energy of the spinning turbines is transferred to a 
generator and transformed into electrical energy, another form of potential energy. 

The energy associated with chemical bonds is also potential energy. Chemical 
bonds are the result of attractive forces between the nucleus of one atom or ion 
and the negative charges of electrons in the other atom or ion. The amount of 
energy released or absorbed in a chemical reaction equals the difference between 
the potential energy of the bonds in the reactants and the potential energy of the 
bonds in the products. For example, energy is released during the combustion of 
gasoline because the products have less potential energy than the reactants. In an 
internal combustion engine, the products of this combustion reaction are hot gases. 
The molecules in the hot gases that are produced by the engine move much faster 
than the molecules in the incoming cool air. Therefore, the combustion gases have 
more kinetic energy. This energy is used to do work on the mechanical parts inside 
the engine that eventually make the car move. 


Chapter 5 • Thermochemistry 







Thermal Energy, Heat, and Temperature 

The total quantity of potential energy and kinetic energy of a substance is called 
thermal energy. In general, the quantity of thermal energy of a substance depends 
on how fast its entities—atoms, ions, molecules, or polyatomic ions—are moving. 
When a substance absorbs thermal energy, its entities move at a greater speed, 
and the substance warms up. When a substance releases thermal energy to its 
surroundings, its entities move more slowly, and the substance cools. In science, 
heat is a verb that refers to the transfer of thermal energy from a warm object to 
a cool object. So, when you heat water in a kettle on a stove, you transfer thermal 
energy from the burner to the kettle to the water. Similarly, when an object cools, 
it transfers thermal energy to its surroundings. 

Temperature is a measure of the average kinetic energy of the entities in a substance. 
As a substance is warmed, some of its particles move faster. The average kinetic 
energy of the substances entities increases and so does the temperature of the sub¬ 
stance. For example, a cup of hot water has a higher temperature than an iceberg. The 
average water molecule in the hot water has more kinetic energy than the average 
water molecule in the iceberg. However, an iceberg contains billions more water 
molecules than a cup of hot water. Therefore, the total quantity of thermal energy of 
an iceberg is greater than that of a cup of hot water. 

Law of Conservation of Energy 

One important characteristic of energy is that it is always conserved. We cannot 
create new energy nor can we destroy energy by using it. Energy can only be con¬ 
verted from one form into another. Think about the combustion of propane in a 
barbecue (Figure 2). Chemical energy stored in propane is converted into thermal 
energy and light energy. However, the total amount of energy before and after the 
combustion reaction occurs remains constant. These ideas are summarized in the law 
of conservation of energy: 


Law of Conservation of Energy 

Energy cannot be created or destroyed. 

To help analyze energy conversions involving chemical reactions, chemists find it 
useful to divide the universe into two parts: the chemical system and its surround¬ 
ings. A chemical system is composed of the reactants and products being studied. The 
surroundings are all the matter that is not part of the system. In the propane gas bar¬ 
becue, the chemical system is composed of the reactants (propane gas, C 3 H 8 (g), and 
oxygen gas, O 2 (g)), and the products (carbon dioxide gas, C 02 (g), and water vapour, 
H20(g)). The surroundings include the barbecue and the food on the grill. 

Chemical systems can be classified as being open or closed. An open system can 
exchange both energy and matter with its surroundings. An operating propane 
barbecue is an example of an open system. Propane gas flows into the burner and 
thermal energy and the products of combustion flow out. A chemical reaction 
that produces a gas in a solution in an unsealed beaker is also an open system, 
since energy and matter can flow into or out of the system to the surroundings. 
The surroundings include the beaker and the air around the beaker. A closed 
system can exchange energy, but not matter, with its surroundings. A glow stick 
(Figure 3) is an example of a closed system. Light energy released when chemi¬ 
cals inside the stick are mixed flows out into the surroundings. The matter (that 
is, the chemicals) remain sealed inside. 

A third kind of system exists, called an isolated system. In an isolated system, 
neither matter nor energy can move into or out of the system. However, it is 
impossible to set up a true isolated system on Earth. 


thermal energy the total quantity of 
kinetic and potentiai energy in a substance 


heat the transfer of thermai energy from 
a warm object to a cooier object 


temperature a measure of the average 
kinetic energy of entities in a substance 



Figure 2 The potential energy of 
the propane fuel in the barbecue is 
converted to thermal energy. 


chemical system a group of reactants 
and products being studied 

surroundings all the matter that is not 
part of the system 

open system a system in which both 
matter and energy are free to enter and 
leave the system 

closed system a system in which energy 
can enter and leave the system, but 
matter cannot 



Figure 3 Each of these glow sticks 
forms a closed system. Matter cannot 
escape; only light energy. 


isolated system an ideal system in 
which neither matter nor energy can 
move in or out 
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exothermic releasing energy to the 
surroundings 


endothermic absorbing energy from the 
surroundings 


Endothermic and Exothermic Reactions 

During a chemical reaction, the chemical bonds in the reactant(s) are broken, and 
new bonds are formed to produce the product(s). The potential energy of the entities 
in a stable structure, such as the atoms in a molecule or the ions in an ionic com¬ 
pound, is lower than the potential energy of the individual isolated atoms. Therefore, 
bond breaking requires energy, while bond formation releases energy. 

From the law of conservation of energy, you know that the total energy in a chemical 
system and its surroundings must be the same before and after a chemical reaction 
occurs. If more energy is released from the formation of new bonds in the products than 
is required to break bonds in the reactants, then the chemical reaction will release some 
energy to the surroundings. A chemical reaction system that releases energy to the sur¬ 
roundings is exothermic (the prefix exo- means “out of”). The products of an exothermic 
reaction have lower potential energy (and stronger bonds on average) than the reactants. 

For example, the combustion of methane is an exothermic reaction. The balanced 
chemical equation for this reaction is 

CH 4 (g) -f 2 02 (g) ^ C 02 (g) + 2 H 20 (g) + energy 

Notice that an energy term is included on the product side of the equation to show 
that energy is released. This energy is the difference between the energy absorbed 
by breaking bonds in the reactants and the energy released by forming bonds in the 
products. The quantity of this energy is the difference in potential energy between the 
reactants and products and has the symbol Affp. Since the combustion of methane 
is exothermic, energy is released to the surroundings, mainly as thermal energy 
and light energy. Figure 4 illustrates the changes that occur during this reaction in 
an open system. The quantity of matter in the system (represented by the tan box) 
remains the same, and the released energy (the large arrow) flows to the surround¬ 
ings (the yellow area). When an exothermic reaction releases thermal energy, the 
temperature of the surroundings increases. 


Energy Changes during an Exothermic Reaction in an Open System 


system 


surroundings 


1 mol CHdg) 

2 mol 02(g) 


r 1 mol COjlg) 
2molH20(g) 
I (products) 


Figure 4 The combustion of methane releases a quantity of energy with the magnitude Afp, which 
flows to the surroundings, mainly as thermal energy and light energy. This is an exothermic reaction. 

A reaction that absorbs thermal energy from its surroundings is endothermic (the 
prefix endo- means “inside”). During an endothermic reaction, the chemical system 
absorbs energy from the surroundings and increases its potential energy. This means 
that the products have higher potential energy (and weaker bonds on average) than 
the reactants. The synthesis of nitric oxide from its elements is an example of an 
endothermic reaction, represented by the equation 

N 2 (g) + 02 (g) + energy 2 NO(g) 
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Notice that, for an endothermic reaction, the energy term is included on the reac¬ 
tants side of the equation. Figure 5 illustrates the changes that occur during this reac¬ 
tion in an open system. The quantity of matter in the system again remains the same, 
but now energy flows from the surroundings to the system. 


Energy Changes during an Endothermic Reaction in an Open System 


1 


system 


surroundings 


2 mol N0(g) 
(product) 


energy absorbed from the surroundings 


1 mol N2(g) I 
1 mol 02(g) y ■ 
(reactants) I 


Figure 5 The synthesis of nitric oxide from its elements absorbs a quantity of thermal energy with 
the magnitude AEp from the surroundings. This is an endothermic reaction. 


Nuclear Energy 

Unlike chemical reactions, all nuclear reactions are exothermic. Per unit of mass, 
nuclear reactions release much more energy than exothermic chemical reactions. 
Two nuclear reactions involving large quantities of energy are fission and fusion. 

A fusion reaction occurs when nuclei of small atomic mass combine to form larger, 
heavier nuclei. Fusion reactions are responsible for the release of vast amounts of 
energy in stars, including the Sun (Figure 6). The Sun consists of73% hydrogen, 26% 
helium, and 1 % other elements. Hydrogen nuclei under immensely high pressure in 
the Sun undergo fusion and form helium nuclei. The fusion process releases energy, 
some of which reaches Earth. The fusion of hydrogen atoms produces 1.7 X 10® kj of 
energy for each mole of helium produced. 

Let us review nuclear notation. An element with the chemical symbol X is rep¬ 
resented as pi, where A is the mass number (number of protons plus number of 
neutrons) and Z is the atomic number (number of protons). A neutron is a subatomic 
entity, and the symbol Jn is used to show that a neutron has a mass number of 1 and 
an atomic number of 0. Using nuclear notation, the equation for the fusion reaction 
of hydrogen atoms is 

?H -f ^ ^He + Jn 

Scientists have worked for decades to find a way to develop fusion reactors to gen¬ 
erate energy, but the intense pressure and heat needed for fusion to occur have made 
this difficult to achieve to date. # career link 

During fission, large nuclei with high atomic mass are split into smaller, lighter 
nuclei by collision with a neutron. The nuclei of all elements above atomic number 
83 are unstable and can undergo fission. Fission does not normally occur in nature. 
Fission reactions produce vast quantities of energy—millions of times more than is 
released in chemical reactions. 


UNIT TASK BOOKMARK 


How can you apply what you have 
learned about endothermic and 
exothermic reactions in your Unit Task 
(on page 402)? 


fusion the process of combining two or 
more nuclei of iow atomic mass to form a 
heavier, more stabie nucleus 



Figure 6 The most common fusion 
reactions that occur in the Sun involve 
hydrogen atoms. 


fission the process of using a neutron to 
spiit a nucleus of high atomic mass into 
two nuciei with smaller masses 
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Nuclear power plants use the fission of uranium-235 to produce electricity. When 
a neutron collides with a “|U nucleus, the uranium nucleus splits into smaller nuclei 
and releases energy and additional neutrons (Figure 7). These neutrons collide with 
more uranium nuclei, causing these nuclei to split and release more energy and even 
more neutrons. 


36 Kr 



Figure 7 The uranium-235 nucleus undergoes fission when a neutron strikes it. The fission 
produces two iighter nuciei, free neutrons, and a iarge amount of energy. 

The equation for the fission of uranium is 

Jn -f ^ “Kr -f + 3 Jn 

Uranium is used in nuclear power plants because it undergoes a fission chain 
reaction. About 15 % of all electrical energy in Canada is produced by the fission 
of uranium in nuclear power plants. Nuclear power plants can generate much more 
electricity from a small amount of fuel than can power plants that use fossil fuels. For 
example, uranium fission can produce about 26 million times more energy than the 
combustion of an equal mass of methane. # web link 

Energy changes occur during any physical, chemical, or nuclear change. Table 1 
gives an example of each of these types of energy changes, and the magnitude of the 
potential energy change in the system. Notice that the potential energy change varies 
considerably. For example, to show the graph of the nuclear change on the same scale 
as the other changes would require a textbook about 1000 km long! 


Table 1 Examples of Magnitudes of Potential Energy Changes during a Phase Change, Chemical Change, and Nuclear Change 


Phase change 

Chemical change 

Nuclear change 

HjOfg) ^ H20(I) 

H2(g) + ^ 02(g) ^ H20(i) 

?H -E ?H ^ ^He -E Jn 


Potential Energy Change during 
a Phase Change 

Potential energy (fp) > 

Potential Energy Change during 
a Chemical Change 

Potential energy (fp) 

Potential Energy Change during 
a Nuclear Change 

1 Potential energy (fp) 

system 

H20(g) ^ 

(reactant) J,. , 

AEp = 44.0 kJ/mol 

i 

H20(I) 

(product) 

system 

H2(g) + i 02(g) ^ 

(reactants) 

Afp = 285.8 kJ/mol 

H20(I) 

(product) 

system 

?H -E — p 

(reactants) 

T 

Afp = 1.7 X 10®kJ/mol 

—^ 2^6 + Jn 
(products) 
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Review 


7 


Summary 

• Energy is the ability to do work. 

• Potential energy is the energy of position or composition. 

• Kinetic energy is the energy of motion. 

• Thermal energy is the sum of the potential and kinetic energy in a substance. 

• Heat is the transfer of thermal energy from a warmer object to a cooler object. 

• Temperature is a measure of the average kinetic energy of the particles in a 
substance. 

• The law of conservation of energy states that energy cannot be created or 
destroyed but can be converted from one form to another. 

• An open system can exchange both energy and matter with its surroundings. 
A closed system can exchange energy, but not matter, with its surroundings. 

• An exothermic reaction releases energy to its surroundings. An endothermic 
reaction absorbs energy from its surroundings. 

• Fusion is a nuclear reaction in which two or more nuclei of low atomic mass 
combine to form a heavier nucleus. 

• Fission is a nuclear reaction in which a neutron collides with a nucleus of 
high atomic mass and splits it into nuclei with smaller masses. 


Questions 


1. For each of the following, describe which is greater— 
the potential energy or the kinetic energy. QQ 

(a) a stick of dynamite prior to exploding 

(b) a space shuttle before launch 

(c) the soot rising above a campfire 

(d) the chemicals inside a new battery 

2. For each of the following, identify whether the 
reaction process is exothermic or endothermic. QQ 

(a) water evaporating into steam 

(b) a candle burning 

(c) the combustion of gasoline 

(d) the melting of ice 

(e) the splitting of a nitrogen molecule, Nj, into 
individual atoms 

(f) dissolving barium hydroxide, Ba(OH) 2 , in water 
and observing a temperature decrease in the 
surroundings 

3. Consider the following statement: “The law of 
conservation of energy states that energy cannot 
be created or destroyed. Therefore, when thermal 
energy is transferred from a system to the 
surroundings, the quantity of thermal energy lost by 
the system must be equal to the amount of thermal 
energy gained by the surroundings.” Does this 
statement accurately describe what happens to the 
thermal energy? Explain why or why not. QID D 


4. Distinguish between heat, thermal energy, and 
temperature using examples from your experience. 

5. Compare and contrast nuclear fission and fusion. 

6. The law of conservation of energy can be stated 
as “the total energy of the universe is constant.” 
Explain how this is a restatement of the definition 
given in the text. QQ EZD 

7. A fire is started in a fireplace by sfriking a match 
and lighting crumpled paper under some logs. 
Explain all the energy transfers in this scenario 
using the terms “exothermic,” “endothermic,” 
“system,” “surroundings,” “potential energy,” and 
“kinetic energy.” od EJD O 

8. Explain why the water in a swimming pool at 24 °C 
has more thermal energy than a cup of boiling 
water at 100 °C. Od EZa a 

9. Liquid water at 0 °C turns to ice. Is this process 
endothermic or exothermic? Explain what is 
occurring using the terms “system,” “surroundings,” 
“thermal energy,” “potential energy,” and “kinetic 
energy.” odlBID 
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Figure 1 To stay safe, firefighters rely 
on insulated suits that protect them 
from thermal energy. 

specific heat capacity (c) the quantity 
of thermal energy required to raise the 
temperature of 1 g of a substance by 
1 °C; SI units J/(g °C) 


Calorimetry and Enthalpy 

Firefighters risk their lives every day when they enter burning buildings. To help 
reduce this risk, they wear suits that protect them from the high temperatures of fire 
(Figure 1). The temperature inside a protective suit remains in a range that allows the 
firefighter to continue working. The heat-resistant fibres used to construct these suits 
protect firefighters from high temperatures while still allowing them to move. Most 
protective clothing worn by firefighters is constructed with a fabric called Nomex. 
When Nomex is exposed to high temperatures, the fibres absorb thermal energy 
and swell, which prevents the firefighter’s skin from increasing in temperature and 
burning. Obviously, fibres such as the cotton in a T-shirt cannot absorb enough 
thermal energy to protect a person from fire. What chemical property describes the 
ability of a substance to absorb thermal energy? # web link 

Heat Capacity 

Have you ever dashed across hot beach sand so you could stand comfortably in the 
cool water? Both the water and the sand are heated by the same energy source— 
the Sun—and yet the sand feels so much hotter. Both substances have been heated 
by the Sun for the same amount of time, so why is the temperature of the sand 
so much higher? This difference in temperature is caused by a difference in the 
specific heat capacity of water and sand. Specific heat capacity (c) is the quantity of 
thermal energy required to raise the temperature of 1 g of a substance by 1 °C. The 
SI units for specific heat capacity are J/g-°C. It takes a lot of thermal energy to raise 
the temperature of a substance with a high specific heat capacity, such as water, 
but relatively little to raise the temperature of a substance with a low specific heat 
capacity, such as sand. 

Table 1 shows the specific heat capacities of some common substances. Note that 
water’s specific heat capacity is more than five times that of sand. This means that 
the amount of thermal energy required to raise the temperature of water by 1 °C is 
five times the amount of thermal energy required to raise the temperature of sand. The 
high specific heat capacity of water is the reason the temperature of a lake remains cool 
well into the summer while the surrounding land is warm. Substances with a high 
specific heat capacity also take longer to cool. A lake, for example, remains warm into 
autumn, long after the land temperature has decreased. It will also remain cool in the 
spring longer than the surrounding land. 


Table 1 Specific Heat Capacities of Some Common Substances 


Substance 

Specific heat capacity in J/(g'°C) 

liquid water, HjOfI) 

4.18 

ice, HjOfs) 

2.03 

aluminum, Al(s) 

0.900 

iron, Fe(s) 

0.444 

solid carbon graphite, C(s) 

0.710 

liquid methanol, CHjOHfl) 

2.92 

solid silicon dioxide (sand), SiOjfs) 

0.835 


292 Chapter 5 • Thermochemistry 














Calorimetry and Thermal Energy Transfer 


Heating water on a gas stove transfers thermal energy from the natural gas to the 
water. This energy transfer increases the kinetic energy of the water molecules, which 
makes them move faster. As a result, the average kinetic energy, or temperature, of 
the water increases. One way that scientists can study thermal energy transfers is hy 
calorimetry. Calorimetry is the process of measuring energy changes during a physical 
or chemical change. 

A calorimeter is a device used to measure energy changes during a physical or 
chemical change. The design of calorimeters varies (Figure 2 shows three examples of 
calorimeters). In general, a calorimeter consists of a well-insulated reaction chamber, 
a tight-fitting cover with insulated holes for a thermometer, and some mechanism to 
stir the calorimeter contents. Using an insulated chamber minimizes energy losses to 
the surroundings. A tight lid prevents matter from leaving or entering the calorimeter. 
A simple calorimeter can be made from two nested polystyrene foam cups and a lid to 
hold a stirrer and thermometer, as shown in Figure 2(a). The inner cup is where the 
chemical system being studied (for example, a chemical reaction) is placed. The inner 
cup also holds a liquid, usually water. Any change in the thermal energy of the system 
is detected as a temperature change of the water. The outer cup provides additional 
insulation. If you have ever kept a hot or cold liquid in a foam cup for a long time, you 
know that thermal energy eventually escapes. That is why more elaborate calorimeters 
are used, such as the model in Figure 2(b), when precise measurements are required. 

Reactions carried out in calorimeters like those in Figure 2(a) or 2(b) take place 
under constant pressure, since a small amount of gas will always escape. As a result, 
the volume of the contents will change, which keeps the pressure constant. Therefore, 
to study a physical or chemical change involving a gas or gases, chemists use a bomb 
calorimeter (Figure 2(c)). A bomb calorimeter is a very rigid, tightly sealed vessel 
that prevents almost all gas from escaping while maintaining a constant volume. If 
a physical or chemical change produces gas(es), the pressure in the bomb calorim¬ 
eter will increase. If a change consumes gas(es), the pressure will decrease. A bomb 
calorimeter is particularly useful for studying the energy changes of combustion 
reactions, since one reactant is always oxygen gas and the products always include 
one or more gases. 


calorimetry the experimental process of 
measuring the thermal energy change in a 
chemical or physical change 

calorimeter a device that is used to 
measure thermal energy changes in a 
chemical or physical change 




Figure 2 (a) A coffee-cup calorimeter can provide reasonably accurate data, (b) A laboratory 
calorimeter can provide precise data for changes of state or chemical reactions that do not involve 
gases, (c) A bomb calorimeter can provide precise data for changes of state or chemical reactions 
that involve gases. 
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Calorimetry Calculations 

For the investigations provided in this text, you will use a coffee-cup calorimeter. When 
analyzing data obtained using a coffee-cup calorimeter, make these assumptions: 

• Any thermal energy transferred from the calorimeter to the outside 
environment is negligible. 

• Any thermal energy absorbed by the calorimeter itself is negligible. 

• All dilute, aqueous solutions have the same density (1.00 g/mL) and specific 
heat capacity (4.18 J/(g-°C)) as water. 

These assumptions are valid only for physical or chemical changes that take place in 
water or a dilute aqueous solution. 

In calorimetry, the total amount of thermal energy absorbed or released by a 
chemical system is given the symbol q. The magnitude of q depends on three factors: 

• the mass of the substance 

• the specific heat capacity of the substance 

• the temperature change experienced by the substance as it warms or cools 
The value of q is calculated using the equation 

q = tncAT 

where m is the mass of the substance, c is the specific heat capacity of the substance, 
and AT is the change in temperature of that substance. The change in temperature is 
the difference between the final temperature, Tg^jj, and the initial temperature, 
which can be written as 

Ar= Ti^g^ 

The value of q has two parts: the magnitude of q tells you how much energy is 
involved, and the sign tells you the direction of energy transfer. 

The transfer of energy from a system to the surroundings in a coffee-cup calorim¬ 
eter is illustrated in Figure 3. The system is composed only of the components of the 
physical or chemical change that occurs. The water in a coffee-cup calorimeter is the 
surroundings, and all energy transfers are assumed to take place between the system 
and the water. The calorimeter itself is assumed not to be involved in these energy 
transfers. You can use the value of q for the surroundings (the water) to predict 
whether a change will be exothermic or endothermic. 




chemical 

system 

1 ■ 

q<0 

1 energy 1 

water 

(7> 0 


insulation 


Figure 3 The chemical system undergoes either a physical change or a chemical change. Energy 
is either absorbed from, or released to, the surroundings (the water in the calorimeter). An increase 
in the temperature of the water indicates an exothermic reaction, whereas a decrease in the 
temperature of the water indicates an endothermic reaction. 


If q has a negative value, the system transfers thermal energy to its surroundings 
and the change is exothermic. The temperature of the water (the surroundings) in 
the calorimeter increases. If q has a positive value, the system absorbs thermal energy 
from its surroundings and the change is endothermic. The temperature of the water 
in the calorimeter decreases. 
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Since energy cannot be destroyed, the total thermal energy of the system and its 
surroundings remains constant. Therefore, the sum of (Jsys,em plus ijsurroundings should 
equal zero, since these symbols represent equal quantities but with opposite signs: 

■Jsystem + ^surroundings = 0 Or = - ^surroundings 


Tutorial 1 Calculations Involving Thermal Energy Transfer 


In this tutorial, you will use calorimetry data to determine the quantity of thermal energy 
released or absorbed during a reaction when the specific heat capacity of a substance is 
known, and to determine the specific heat capacity of a substance. 

Sample Problem 1: Thermal Energy Transfer Involving a Metal in Water 
A student places 50.0 ml of liquid water at 21.00 °C into a coffee-cup calorimeter. She 
places a sample of gold at 100.00 °C into the calorimeter. The final temperature of the water 
is 21.33 °C. The specific heat capacity of water is 4.18 J/g °C and the density of water, d, 
is 1.00 g/mL. Calculate the quantity of thermal energy, q, absorbed by the water in the 
calorimeter. 

Given: Vh^qo) = 50.0 ml; c = 4.18 J/(g'°C); dH^oo) = l-OO Tjnitiai = 21-00 °C; 

4ai = 21.33 °C 

Required: quantity of thermal energy absorbed, q 
Analysis: m= Vd] AT = - Tnitiaii Q = 

Soiution: 

Step 1. Determine the mass of water, m, in the calorimeter. 
m= Vd 

1.00 g 

= 50.0 mt X 

1 mt 

m = 50.0 g 

Step 2. Determine the change in temperature, AT, of the water in the calorimeter. 

A7-= Affinal - initial 

= 21.33 °C-21.00 “C 
AT= 0.33 “C 

Step 3. Calculate the quantity of thermal energy, q, transferred to the water in the 
calorimeter. 
q = mcAT 

= (50.0 g) (^4.18^^ (0.33 °C) 

(7= 69J 

Step 4. Check that the sign of q makes sense. 

Since the temperature in the water increased, water absorbed energy. Therefore, 
g should be positive. 

Statement: The quantity of thermal energy absorbed by the water was 69 J. 

Sample Problem 2: Determining Specific Heat Capacity of a Substance 
from Caiorimetric Data 

Using the value for gthat you calculated in Sample Problem 1, calculate the specific heat 
capacity, c, of the sample of gold if its mass is 6.77 g. Assume that the final temperature of 
the gold sample was the same as the final temperature of the water in the calorimeter. 

Given: Wau = 6.77 g; g = 69 J; TJnitiai = 100.00 °C; Tfmai = 21.33 °C 
Required: specific heat capacity of the gold sample, c 

Analysis: AT = ffmai - Tnitiaii Q = f^cAT ^ 
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Solution 

step 1. Determine the change in temperature, AT, of the goid sampie. 


A Tfjnai Tjnjtiai 


= 21.33°C - 100.00 °C 
AT= -78.67 °C 

Step 2. Determine if q shouid be positive or negative. 

You know from Sampie Probiem 1 that 69 J of thermal energy was absorbed 
by the water (the surroundings). The quantity of thermal energy lost by the gold 
sample (the system) must be of the same magnitude but opposite in sign: 

<7 = -69 J 

Step 3. Rearrange q = mcAT to solve for c. 
q = mcAT 



^ -69 J 

“ (6.77 g)(-78.67 °C) 
c = 0.13J/(g-°C) 

Statement: The specific heat capacity of the sample of gold is 0.13 J/(g • °C). 

Sample Problem 3: Calculating the Thermal Energy Transfer during a 
Neutralization Reaction 

A 50.0 ml sample of a 1.0 mol/L aqueous solution of hydrochloric acid, HCI(aq), was mixed 
with 50.0 ml of a 1.0 mol/L aqueous solution of sodium hydroxide, NaOH(aq), at 25.0 °C in 
a calorimeter. After the solutions were mixed by stirring, the temperature was 31.9 °C. 

(a) Determine the quantity of thermal energy transferred by the reaction to the water, 
q, and state whether the reaction was endothermic or exothermic. Assume that the 
specific heat capacity and density of both solutions is the same as that of liquid water 
(Ch^oO) = 4.18J/(g-°C) and £/h,o(i) = 1-00 g/mL). 

(b) State if the reaction is exothermic or endothermic. 

Given: l4aOH(aq) = 50.0 mL; = 50.0 mL; 

c/h,o(i) = 1-00 g/mL;/initial = 25.0 °C; 

= 31.900; Ch^oo) = 4.18J/(g-oC) 

Required: q 

Analysis: m = Vd, q = mcAT, mtotal = /^NaOHCaq) + ^HCI(aq)i A7= r,ina| - Tjnitial 

Solution 

step 1. Determine the mass of the solution, m. 

Since 50.0 mL of the first solution was combined with 50.0 mL of the second 
solution, the total volume in the calorimeter is 100.0 mL. Assuming these 
solutions have the same density as liquid water, then use the equation 
m=Vd 



m = 100 g 

Step 2. Calculate the change in temperature, AT. 

AT= Tfinai - /initial 
= 31.9 °C - 25.0 °C 
AT= 6.9 °C 
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step 3. Calculate the quantity of thermal energy absorbed by the water, q, and determine 
If the reaction is exothermic or endothermic. 
q = mcAT 

= (100g)(^4.18^)(6.9?e) 

= 2.9 X fO^J 
q = 2.9 kJ 

Therefore, the thermal energy transferred by the reaction to the water is 
-2.9 kJ. Since the value of q is negative, the reaction is exothermic. 

Statement: The quantity of thermal energy transferred was -2.9 kJ, and the reaction 
was exothermic. 

Practice 

1. How much thermal energy is required to raise the temperature of 6.0 ml of water 
from 25 °C to 75 °C in a calorimeter or other closed system? EZi [ans: i.3 kj] 

2. Aqueous ethylene glycol is commonly used in car radiators as an antifreeze and 
coolant. A 50 % ethylene glycol solution in a radiator has a specific heat capacity, 
c, of 3.5 J/(g • °C). If a 4.0 kg quantity of ethylene glycol absorbs 250 kJ of thermal 
energy, what was the temperature change, AT, of the solution? Assume the radiator 
is a closed system, oi [ans: is °c] 

3. When 50.0 ml of 1.0 mol/L hydrochloric acid is neutralized completely by 75.0 ml of 1.0 
mol/L sodium hydroxide in a coffee-cup calorimeter, the temperature of the total solution 
changes from 20.2 °C to 25.6 °C. Determine the quantity of energy transferred, q, and 
state whether the reaction was endothermic or exothermic. Ezn [ans: zsoo J; exothermic] 


Mini Investigation 


Thermal Energy Transfer in a Coffee-Cup Calorimeter 
Skills; Performing, Observing, Analyzing, Evaluating, Communicating 

In this activity, you will place a heated piece of metal into water 
in a coffee-cup calorimeter. You will then calculate the quantity 
of thermal energy, q, that is transferred for both the system and 
the surroundings. 

Equipment and Materials: balance; coffee-cup calorimeter; 
graduated cylinder; thermometer; 250 ml beaker; kettle; tongs; 
glass rod; sample of metal; hot water 

1. Using the balance, determine and record the mass of your 
assigned metal. 

2. Use the tongs to place your metal in a hot water bath for a 
minimum of 2 minutes. 

3. Use the graduated cylinder to measure out 100 ml of tap 
water. Pour the measured tap water into the calorimeter. 

4. Measure and record the initial temperature of the water in 
the calorimeter using the thermometer. 

5. Use the thermometer to measure the temperature of the hot 
water in the hot water bath. 


HANDBOOK > ' A1,A2.1,A3 

6. Use the tongs to carefully transfer the hot metal into the 
calorimeter containing the 100 ml of tap water. Close the lid 
of the calorimeter. 

7. Insert the glass rod into the calorimeter lid and stir the water 
in the calorimeter. Do not open the calorimeter. 

8. Remove the glass rod. Insert the thermometer into the 
calorimeter, taking care not to strike the metal with the 
thermometer. Measure and record the final temperature of 
the water. 

A. Calculate the quantity of thermal energy gained by the water, m 

B. Assume that the initial temperature of the metal was the 
temperature of the hot water bath and the final temperature 
was the temperature of the warm water in the calorimeter. 
Calculate the quantity of thermal energy lost by the metal, using 
the specific heat capacity given in Table 1 (page 292). 

C. Compare your answers to A and B. Explain any differences. Di 

D. What were some sources of experimental error? How would 
you improve this investigation? sm 


5.2 Calorimetry and Enthalpy 297 





Enthalpy Change 


enthalpy (W) the total amount of thermal 
energy in a substance 

enthalpy change (A//) the energy 
released to or absorbed from the 
surroundings during a chemical or 
physical change 


Every substance undergoing a chemical or physical change contains a certain 
amount of thermal energy. The total amount of thermal energy is sometimes called 
enthalpy (//). Chemists have yet to find a way of measuring the enthalpy of a given 
substance. However, the energy change that occurs in a system during a reaction, 
called the enthalpy change (AW), can be measured using calorimetry data. Let us 
examine why this is possible. 

Chemists have found that as long as pressure remains constant, the enthalpy change 
of the chemical system is equal to the flow of thermal energy in and out of the system, or 

= ksystemi 

For a chemical reaction, the enthalpy change, AH, is given by the equation 

AH = Hp,„ducts - H,eacta„ts 

When the products of a reaction have a greater enthalpy than the reactants, AH 
will be positive. The system absorbs thermal energy from its surroundings and the 
reaction is endothermic. On the other hand, if the enthalpy of the products is less 
than that of the reactants, AH will be negative. In this case, the system releases 
thermal energy to its surroundings and the reaction is exothermic. 


AH > 0, endothermic reaction 
AH < 0, exothermic reaction 

For example, suppose we use a bomb calorimeter to determine the enthalpy of 
the reaction in which magnesium metal, Mg(s), reacts with an aqueous solution of 
hydrochloric acid, HCl(aq), according to the net ionic equation 

Mg(s) + 2H+(aq) ^ Mg2+(aq) + H 2 (g) 

The chemical system consists of solid magnesium, aqueous hydrochloric acid, mag¬ 
nesium ions, and hydrogen gas. The surroundings are the liquid water in the calo¬ 
rimeter. During the reaction, the water temperature increases. You can infer from 
the temperature increase that energy is transferred from the chemical system to the 
surroundings (Figure 4). Therefore, the products have a lower enthalpy than the 
reactants, so AH < 0 and this is an exothermic reaction. 


Changes in Kinetic and Potential Energy during the Exothermic Reaction 
Mg(s) + 2H+(aq)^Mg2+(aq) + H2(g) 



(/system, decteases as the system releases energy to the surroundings. Consistent with the law of 
conservation of energy, this same quantity of energy, ^surroundings, is absorbed by the surroundings. 
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Molar Enthalpy Change 

The molar enthalpy change (\Hj) of reaction for a substance is the energy change that 
occurs when 1 mol of that substance undergoes a physical, chemical, or nuclear change. 
The SI unit for molar enthalpy change is joules per mole (J/mol). In the symbol AH^, 
the subscript “r” indicates the chemical reaction type. Table 2 shows how the symbol 
for molar enthalpy change is written for various types of chemical reactions and gives 
examples of balanced equations for each. Notice that when you write the balanced 
equation for the molar enthalpy change oi formation of a product, the coefficient of 
that product must always be 1. Other substances in the equation may have fractional 
coefficients as a result (see the equation for the formation of methanol, CH 3 OH). 


molar enthalpy change {\H,) the 

enthalpy change associated with a physical, 
chemical, or nuclear change involving 
1 mol of a substance; SI units J/mol 


Table 2 Molar Enthalpies of Reaction 


Type of molar enthalpy 
change {AH,) 

Example of change (relevant substance shown in red) 

solution (AWsoi) 

NaBr(s) ^ Na+(aq) + Br (aq) 

combustion (AWd 

CH4(g) + 2 02(g)^C02(g) + H20(I) 

vaporization (AW„ap) 

CHaOHO) ^ CH30H(g) 

formation (AH,) 

C(s) + 2 H2(g) + 1 02(g) ^ CHaOHO) 

neutralization (AH„^f)* 

2 NaOH(aq) + H2S04(aq) ^ Na2S04(aq) + 2 H20(l) 

neutralization (AH„sf)* 

NaOH(aq) + 1 H2S04(aq) ^ 1 Na2S04(aq) + H20(l) 


‘Enthalpy of neutralization can be written per mole of base or acid. 


The quantity of energy involved in a change (the enthalpy change, AH, expressed 
in kj) depends on the quantity of matter that undergoes the change. For example, it 
takes twice the quantity of energy to convert 1 L of liquid water to water vapour as 
it does to convert 500 mL. To calculate an enthalpy change, AH, for some amount of 
substance other than 1 mol, you need to obtain the molar enthalpy value, AH^, from 
a reference source, and then use the formula 
AH = nAH, 

where n is the amount and AH^ is the molar enthalpy change of the reaction. 


Molar Enthalpy of a Chemical 
Change (page 333) 

In this investigation, you will use 
a calorimeter to determine an 
experimental value for the molar 
enthalpy change of the neutralization 
of a base by an acid, 


Tutorial 2 Molar Enthalpy Calculations 


In this tutorial, you will use molar enthalpy change of a reaction, AH,, data to predict the 
enthalpy change for a physical or chemical change. 

Sample Problem 1: Calculate AW for Vaporization Reactions 
Ethanol, CH3CH20H(I), is used to disinfect the skin prior to an injection. If a 1.00 g sample 
of ethanol is spread across the skin and evaporated, what is the expected enthalpy 
change? The molar enthalpy of vaporization of ethanol is 38.6 kJ/mol. 

Given: metaoi = 1 -00 Oi AWvap = 38.6 kJ/mol 
Required; AH 
Analysis: AH = nAH„^ 

Soiution: 

Step 1 . Calculate the amount of ethanol in 1.00 g. 

^cHaCHjOHO) = 46.08 g/mol 

_ fffcHsCHjOHO) 
ffcHjCHjOHO) - Tj 

™CH3CH20H(I) 
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1.00 g 

46.08 g/mol 

%3CH20 h(i) = 0.021701 mol (2 extra digits carried) 
Step 2. Solve for the change in enthalpy using AH = nAH^^^. 
AH = MWvap 


38.6 kJ 
1 mot 


= 0.021701 mot X 


= 0.838 kJ 
AH= 838 J 

Step 3. Determine whether the enthalpy change is positive or negative. 

In this case, ethanol must absorb energy to evaporate. Therefore, evaporation is 
endothermic and AH > 0. 

Statement: The enthalpy change for the evaporation of 1.00 g of ethanol is +838 J. 

Sample Problem 2: Calculate AW for Dissolution Reactions 
An energy change called enthalpy of solution, AH^ou occurs when a substance dissolves 
in water. A student places 125 g of liquid water, H20(l), at 24.2 °C into a coffee-cup 
calorimeter, and then adds 10.5 g of solid potassium bromide, KBr(s), also at 24.2 °C. 

He stirs the liquid until the potassium bromide dissolves, and then determines that 
the temperature has changed to 21.1 °C. Calculate the molar enthalpy change for this 
dissolution reaction, AWso,. Assume that the specific heat capacity, c, of the liquid in the 
calorimeter is the same as the specific heat capacity of water, 4.18 J/(g°C). 

Given: mH^oo) ^ 125 g; mmr{s) = 10-5 g; Tjpitiai = 24.2 °C; Tfinai = 21.1 °C 
Required: AH^oi 

Anaiysis: q = me AT] AT = r,|pai - ^itiai 

Soiution: 

Stepl. Calculate t/sarrounpings. 

^surroundings ~ mcAT 


(^H20(l))(^)(^final filial) 



g^u-ounding^ = -1-620 X lO^J (2 extra digits Carded) 

Step 2. Determine AH^^^^^. 

Since the final temperature is lower than the initial temperature, the 
surroundings lose thermal energy to the system. Therefore, the system absorbs 
energy and so the reaction is endothermic. 


AHsyatep, = 1.620 X lO^J 


Step 3. Convert enthalpy change to molar enthalpy change using the molar mass, M. Use 
the periodic table to determine the molar mass of potassium bromide, 3^*1 
then convert the mass of potassium bromide, /r7KBr(s). to amount, A)KBr(s)- Then, use 
this amount to convert the enthalpy change to the molar enthalpy change. 

MKBris) = 119.00 g/mol 



300 


Chapter 5 • Thermochemistry 




119.00 g/mol 

0.088235 mol (two extra digits carried) 

/rAWsoi 

n 

1.620 X 10^ J 
0.088235 mol 
18 kJ/mol 

Statement: The molar enthalpy change of the dissolution reaction of potassium bromide 
in water is 18 kJ/mol. 

Practice 

1. Calculate the enthalpy change expected when 50.0 g of water vaporizes, if the molar 
enthalpy of vaporization of water is 44.0 kJ/mol. lai [ans: 122 kj] 

2. Some ionic compounds are hydrates—solid compounds to which is bound a specific 
percentage of water. Some hydrates melt when heated and release energy when they 
solidify. For example, at 32 °C, liquid Glauber’s salt—sodium sulfate decahydrate, 
Na2S04'10 HjOil)—solidifies and releases 78.0 kJ/mol of energy. Calculate the 
enthalpy change when 2.50 kg of Glauber’s salt enters the solid state? m 

[ans: -605 kJ] 

3. Propane, CsHg, is a liquid in a pressurized barbecue tank but vaporizes instantly as it 
flows out of the tank. Calculate the mass of propane that would vaporize as a result 
of absorbing 100.0 kJ of energy. The molar enthalpy of vaporization of propane is 
15.7kJ/mol. EI [ans: 281 g] 

4. Sodium hydroxide, NaOH, is the active ingredient in some brands of drain openers. 

A temperature increase of 10.6 °C is observed when 4.00 g of sodium hydroxide is 
dissolved in 100.0 ml of water. Calculate the molar enthalpy of dissolution of sodium 
hydroxide. El [ans: -44.3 X 10^ J/mol or -44.3 kJ/mol] 


%r(s) “ 

AH = 
AWsoi = 

AWsoi = 


Representing Molar Enthalpy Changes 

All chemical reactions undergo a change in enthalpy. Spectacular reactions such as 
the combustion of the highly flammable liquid ethanol are obviously exothermic 
(Figure 5). In most chemical reactions, however, the enthalpy change is more subtle. 
In fact, it is often difficult to tell whether a reaction is exothermic or endothermic. 
Therefore, it is important to have a clear way of communicating this information 
in the chemical equation for the reaction. A chemical equation that describes the 
enthalpy change of a reaction is called a thermochemical equation. 

For example, the synthesis of water from its elements is an exothermic reaction 
and can be represented by the two thermochemical equations 

H2(g) + 2 02(g)^H20(l) + 285kJ 

H2(g) + ^ 02 (g) ^ H20(1) ah = -285 kJ 

In the first thermochemical equation, an energy term is on the product side to indicate 
that energy is released by the chemical system. In the second thermochemical equa¬ 
tion, the enthalpy change, AH, is written after the balanced chemical equation. In this 
example, the enthalpy change is negative, indicating that the process is exothermic. 
Notice that both equations indicate that 1 mol of hydrogen reacts to release 285 kJ of 
thermal energy. The only difference is how this energy change is communicated. 



Figure 5 A flambe involves burning 
an alcoholic beverage, such as brandy, 
mixed with food. 
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potential energy diagram a graphical 
representation of the energy transferred 
during a physical or a chemical change 


Now consider the reverse of this synthesis reaction. Electricity can be used to 
decompose water into its elements. For this reaction to occur, water must absorb 
285 kj/mol of energy. This reaction can be represented by the following two ther¬ 
mochemical equations: 

H^Od) + 285 kj ^ H2(g) + ^ 02 (g) 

H20(1) ^ H2(g) + ^ 02 (g) AH = 285 kJ 

In the first equation, the energy term is on the reactant side, indicating that energy 
is absorbed by the system. In the second equation, the molar enthalpy term has a 
positive sign, indicating that the decomposition reaction is endothermic. 

You can also represent the enthalpy change of a reaction using a potential energy 
diagram. In a chemical reaction, both reactants and products have potential energy. 
In a potential energy diagram, you express the potential energy (y-axis) as a function 
of the reaction progress (x-axis). For an exothermic reaction, the reactants have 
more potential energy than the products. Therefore, you will draw the line for the 
potential energy of the reactants higher than the line drawn for the products (Figure 
6(a)). In an endothermic reaction, the products have more potential energy than 
the reactants, as the system absorbs energy (Figure 6 (b)). Neither of the axes have 
numerical values, since you are only describing the enthalpy change, AH, of the reac¬ 
tion. # CAREER LINK 


Potential Energy Changes during 
an Exothermic Reaction 


Potential Energy Changes during 
an Endothermic Reaction 


H20(g) 



H20(g) 


uf 

AW„„,= -44kJ 1 

H20(I) j 

H20(I) 

AW„ap = -h44 kJ 


1 




( 3 ) Reaction progress (ij) Reaction progress 

Figure 6 (a) The condensation reaction of 1 mol of water vapour is exothermic. The reactant has 
a higher potential energy than the product, (b) The vaporization reaction of liquid water to water 
vapour is endothermic. The reactant has a lower potential energy than the product. 


Tutorial 3 Representing Thermochemical Enthalpy Changes 


This tutorial provides an opportunity to gain experience in representing enthalpy changes 
in three ways: as a thermochemical equation with an energy term, as a thermochemical 
equation with a AW value, and in potential energy diagrams. 

Sample Problem 1: Thermochemical Equations with Energy Terms 
The combustion of methane gas, CH4(g), is an exothermic reaction. When 1 mol of 
methane burns, 802.3 kJ of energy is released. Write the thermochemical equation both 
by representing the energy change as a AW value, and by representing the energy change 
as an energy term in the equation. 
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Solution 

step 1. Write the balanced chemical equation without the energy term. 

CH4(g) + 2 02 (g) ^ COjCg) + 2 H20(l) 

Step 2. To write the thermochemical equation with the energy included, decide whether 
the energy term should be on the reactant or product side. Since an exothermic 
reaction releases energy, place the energy term on the right, or product, side of 
the equation. 

CH4(g) + 2 02(g) ^ C02(g) + 2 H20(l) + 802.3 kJ 

Notice that in this type of equation, you do not change the sign of the thermal 

energy term. 

Step 3. To write the thermochemical equation with the AW to the side, determine the 
sign of the enthalpy change. 

Since combustion reactions are exothermic, the enthalpy change has a negative 
value. 

CH4(g) + 2 02(g) ^ C02(g) + 2 H20(l) AH, = -802.3 kJ 

Sample Problem 2: Drawing Potential Energy Diagrams 

Draw potential energy diagrams for the following reactions: 

(a) 002(3) + 20.3 kJ ^ C02(g) 

(b) CaCl2(s) ^ CaCl2(aq) AH,,^ = -82.8 kJ 

(c) 2Ag(s) + Cl2(g) ^ 2 AgCI(s) + 254 kJ 

Solution 

(a) 002(3) + 20.3 kJ ^ 002(g) 

Since the energy term is on the reactant side of the equation, it is endothermic. Draw 
the reaction coordinates with the x-axis labelled “Reaction progress” and the y-axis 
labelled “Potential energy, Ep (kJ).” Since the product will have greater potential 
energy than the reactant, point the arrow from the reactant upward to the product. 
Write the reactant on the lower left-hand side of the graph and the product on the 
upper right-hand side of the graph. Include the AH of the reaction. This process is 
sublimation, so AH is AH,,^. 


Potential Energy Changes during 
the Sublimation Reaction 
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(b) CaCIsCs) ^ CaCl2(aq) = -82.8 kJ 

Since AW is negative, this reaction is exothermic. In an exothermic reaction, the 
reactants wiii have greater energy than the products, so the arrow wili point 
downward from the reactant to the product. 


Potential Energy Changes during 
the Dissolution Reaction 



(c) 2 Ag(s) + CijCg) ^ 2 AgCI(s) + 254 kJ 

Since the energy term is on the side of the product, the reaction is exothermic. 
The equation is for the formation of 2 moi AgCI(s), so divide reactants, product, 
and enthaipy in haif. Draw the potentiai energy diagram, per moie of AgCI(s) 
formed. 


Potential Energy Changes during 
the Formation Reaction 



Practice 

1. The molar enthalpy of combustion of ethyne, CsHjig), is -1300 kJ/mol. Di B 

(a) Write a thermochemical equation for the combustion of 1 mol of ethyne. 

[ans: C^H^fg) + |o2(g) ^ 2 COjfg) + H^Ofg) + 1300 kJ] 

(b) Draw a potential energy diagram for the reaction. 

2. A cold pack consists of an inner pouch containing ammonium nitrate, NH4N03(s), 
and an outer pouch of water. Twisting the pack breaks the inner pouch and allows 
the water and ammonium nitrate to mix. As the ammonium nitrate dissolves, 

the temperature of the surroundings decreases. The energy change per mole of 
ammonium nitrate dissociated is 25.7 kJ. esi b 

(a) Classify the reaction as endothermic or exothermic, [ans: endothermic] 

(b) Draw a potential energy diagram for the reaction. Label the change in enthalpy. 

(c) Write a thermochemical equation for this reaction. 

[ans: NH4N03(s) + 25.7 kJ -!i^NH4N03(aq)] 
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3. Write out the corresponding thermochemicai equation for the reaction depicted by 
each of the foilowing potentiai energy diagrams: EZi 


Potential Energy Changes during 
a Vaporation Reaction 



[ans: CaHsOHfl) ^ CjHsOHfg) AH„,p = 38.6 kj] 


Potential Energy Changes during 
a Combustion Reaction 



[ans: CgHisfl) + y Ojfg) ^ 8 COjfg) + 9 HjOfI) ^H, = -5074 kJ] 

4. In a coffee-cup calorimeter, 50.0 ml of 0.100 mol/L AgNOjiaq) and 50.0 mL of 
0.100 mol/L HCI(aq) are mixed. The following equation represents the reaction 
that occurs: 

Ag+(aq) Cl“(aq) ^ AgCI(s) 

The two solutions were initially at 22.6 °C, and the final temperature is 23.4 °C. 
Calculate the thermal energy that accompanies this reaction in kJ/mol of AgCI 
formed. Assume that the combined solution has a mass of 100.0 g and a specific 
heat capacity of 4.18 J/(g -“C). d!] Qi [ans: -70 kj] 
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Summary 

• Specific heat capacity, c, is the quantity of thermal energy required to raise the 
temperature of 1 g of a substance by 1 °C. The units for specific heat capacity 
areJ/Cg-oQ. 

• The quantity of thermal energy required to raise the temperature of a 
substance depends on the substances mass, its specific heat capacity, and 
the temperature change. 

• Calorimeters are devices that are used to determine the amount of thermal 
energy transferred during a chemical or physical change. 

• Under constant pressure, the enthalpy change of a reaction, AH, equals 
the thermal energy released or absorbed by a system, q. 

• The molar enthalpy of a reaction can be determined using AH = nAH^. 

• Exothermic reactions release energy and have a negative AH. 

• Endothermic reactions absorb energy and have a positive AH. 

• The enthalpy change of a reaction can be written as an energy term in 
a chemical equation or a AH value written after the chemical equation. 

Questions 


A potato is wrapped in aluminum foil and cooked 
in a campfire. The wrapped potato is then removed 
from the fire and allowed to cool for 1 min. The 
aluminum foil can be safely removed using your 
fingers, but touching the inside of the potato results 
in a serious burn. Use Table 1 on page 292 to 
explain these observations. {Hint: A potato contains 
a great deal of water.) qq Da D 
Assuming gasoline is pure C8Hi8(l), predict the 
sign of cjsystenn and ^surroundings for the process of 
burning gasoline into C02(g) and H20(g). BQ DO 
The enthalpy change for the chemical 
reaction represented by the chemical equation 
CH^Cg) + 2 02 (g) ^ C02(g) + 2 H20(1) 
is -891 kj. BID Em 

(a) What is the enthalpy change for each mole of 
water formed? 

(b) What is the enthalpy change for each mole of 
carbon dioxide formed? 

(c) What is the enthalpy change for each mole of 
oxygen reacted? 

The molar enthalpy of solution for ammonium 
chloride is +14.8 kj/mol. What is the final 
temperature observed when 20.0 g of ammonium 
chloride is added to 125 mL water at 20.0 °C? BID EZO 
Draw a potential energy diagram for the reactions 
represented by the following equations: qq eio B 

(a) Ba^’^(aq) + S 04 “(aq) -> BaS 04 (s) 

AH = 26 kJ 


(b) The combustion reaction of ethane, 

C2H,(g) + f 02 (g) ^ 2 CO,{g) + 3 H20(1) 

AH, = -1423kJ 

6. Rewrite each of the following using a thermochemical 
equation with a AH value: BID ESI B 

(a) The standard molar enthalpy of combustion for 
propane is —2220 kj/mol. 

(b) The molar enthalpy for the separation of the 
atoms in the chlorine molecule is 243 kJ /mol of 
chlorine. 

(c) The molar enthalpy of the formation of iron(III) 
oxide from its elements is —824 kJ/mol of 
iron(III) oxide. 

(d) The molar enthalpy for the decomposition 
of hydrogen chloride into its elements is 
+93 kj/mol. 

7. For each of the following, write a thermochemical 
equation that includes an energy term within the 
equation. ODEiaB 

(a) The formation of 1 mol of copper(II) chloride 
from its elements releases 220.1 kJ of energy. 

(b) The energy absorbed when graphite is 
converted to diamond is 2.0 kJ/mol of graphite. 

(c) The decomposition of silver chloride into its 
elements requires 127.1 kJ/mol of silver chloride. 
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Bond Energies 

Ethyne, C 2 H 2 , is a colourless hydrocarbon commonly known as acetylene. This 
compound burns readily to produce flames with temperatures greater than 3000 °C. 
At these temperatures, a torch burning a mixture of oxygen and acetylene can cut 
through steel (Figure 1). Oxyacetylene torches are also used for welding metals 
together. However, many welders today use electric welding torches. 

Is it possible to predict how much energy the combustion of acetylene releases? 
The answer is yes; you can estimate the enthalpy change of any chemical reaction 
if you know the quantity of energy associated with the chemical bonds of both the 
reactants and products. 


Measuring Bond Energies 

A covalent bond between 2 atoms will break if enough energy is supplied. The quan¬ 
tity of energy required to break a chemical bond is its bond dissociation energy. Bond 
dissociation energies have positive values. For example, a single covalent C-H bond 
in a hydrocarbon (such as methane or propane) has an average bond energy of 413 
kj/mol. This means that it takes 413 kj of energy to break 1 mol of C-H bonds into 1 
mol of C atoms and 1 mol of H atoms. Conversely, when a C-H bond forms, 413 kJ 
of energy is released, in keeping with the law of conservation of energy. Table 1 lists 
average bond energies for several covalent bonds. 


Table 1 Average Bond Energies (kJ/mol) 


Single bonds 

Multiple bonds 

H-H 432 

N-H 391 

1-1149 

C=C614 

H-F 565 

N-N160 

l-CI 208 

C^C 839 

H-CI 427 

N-F 272 

I-Br175 

0 = 0 495 

H-Br 363 

N-CI 200 

S-H 347 

0=0* 745 

H-l 295 

N-Br 243 

S-F 327 

0=01072 

C-H 413 

N-0 201 

S-CI 253 

N=0 607 

C-C 347 

0-H 467 

S-Br218 

N=N418 

C-N 305 

0-0146 

S-S 266 

N=N 941 

C-0 358 

0-F190 

Si-Si 340 

C=N 891 

C-F 485 

O-Ci 203 

Si-H 393 

C=N615 

C-CI 339 

0-1 234 

Si-C 360 


C-Br 276 

F-F154 

Si-0 452 


C-1240 

F-CI 253 



C-S259 

F-Br 237 




CI-CI 239 




Cl-Br218 




Br-Br193 




*C=0inC02(g)=799 


Why are bond dissociation energies reported as average bond energies? The bond 
dissociation energy of a given bond depends on the types of atoms and bonds in the 
same molecule. 



Figure 1 A worker in heat-resistant 
protective clothing uses an oxyacetyiene 
torch to cut steel. 


bond dissociation energy the energy 
required to break a given chemicai bond 
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For example, consider the stepwise decomposition of methane and the energy 
required for each step to occur: 

Process Energy Required (kJ/mol) 

CH4(g) ^ CH3(g) + H(g) 435 

CH3(g) ^ CH^Cg) + H(g) 453 

CH3(g) ^ CH(g) + H(g) 425 

CH(g) ^ C(g) + H(g) _^ 

Total = 1652 
1652 

Average = —— = 413 

Although a C-H bond is broken in each step, a different amount of energy is required 
each time. This shows that the bond energy of a C-H bond is affected by the number 
of atoms and bonds around it. Therefore, 413 kJ/mol only approximates the energy 
associated with a C-H bond in a particular molecule. The use of an average bond 
energy is convenient for predicting enthalpy changes in chemical reactions. 

Multiple Bonds and Bond Energies 

Notice in the data given in Table 1 (page 307) that multiple bonds have larger bond ener¬ 
gies than single bonds. For example, 839 kJ/mol of energy is required to break a triple 
bond between carbon atoms. Breaking a double bond between carbon atoms requires 
only 614 kJ/mol of energy, and it takes only 347 kJ/mol of energy to break a single C-C 
bond. This suggests that multiple bonds are generally stronger than single bonds. 

A relationship also exists between the number of bonds between atoms (that is, 
number of electrons shared) and the length of a covalent bond (that is, distance 
between nuclei): as the number of bonds increases, the bond length shortens (Table 2). 


Table 2 Bond Lengths of Some Common Bonds 


Bond 

Bond type 

Bond length (pm) 

Bond energy (kJ/mol) 

C-C 

single 

154 

347 

C=:C 

double 

134 

614 

c^c 

triple 

120 

839 

C-0 

single 

143 

358 

c=o 

double 

123 

745 

C-N 

single 

143 

305 

C=N 

double 

138 

615 

C^N 

triple 

116 

891 


Enthalpy and Bond Energies 

Bond energy values can be used to calculate approximate enthalpy changes, AH, for 
reactions. During a chemical reaction, the bonds in the reactants must first break. For 
bonds to be broken, energy must be added —an endothermic process. Hence, energy 
terms associated with bond breaking have positive signs. Making new bonds in the 
products releases energy—an exothermic process. Therefore, energy terms associated 
with bond making have negative signs. 

We can write the enthalpy change for a reaction as 
AH = sum of energies required -F sum of energies released in 

to break old bonds the formation of new bonds 

(positive values) (negative values) 


Chapter 5 • Thermochemistry 















This leads to the equation 

AH = Zn X D (bonds broken) — Zn X D (bonds formed) 
energy required energy released 

where the symbol Z (sigma) means “the sum of,” n is the amount (in moles) of a par¬ 
ticular bond type, and D is the bond energy per mole of bonds. D is always a positive 
value. The value of D is obtained from reference tables, such as Table 1 (page 307). 

The first step in using bond energies to predict AH for a reaction is to determine 
how many of each type of bond must be broken in the reactants. Next, determine the 
number of bonds of each type that form in the products. Finally, use bond energy 
data from Table 1 (page 307) to calculate the total energy required to break the reac¬ 
tant bonds, followed by the total energy released by the formation of product bonds. 
The energy change, AH, of the reaction is the difference between these two sums. 


Tutorial 1 Estimating Enthalpy Change from Bond Energies 


In this tutorial, you will use bond energies to calculate an approximate value of the 
enthalpy change, AH, for a number of differenf chemical reactions. (Note that in this 
tutorial Table 1 on page 307 is referenced often.) 


Sample Problem 1: Using Bond Energies and a Balanced Chemical 
Equation to Estimate hH 

Using the bond energies in Table 1, calculate the enthalpy change for the reaction in 
which hydrogen gas, H2(g), is combined with fluorine gas, F2(g), to produce 2 moles 
of hydrogen fluoride gas, HF(g). This reaction is represented by the balanced chemical 
equation: 

H2(g) + F2(g) ^ 2 HF(g) 


Given: for H2(g): Oh-h = 1 niol; Dh-h = 432 kJ/mol; 
for F2(g): Op-F = 1 rnol; Dp-p = 154 kJ/mol; 
for HF(g): nH_F = 2 mol; Dh_f = 565 kJ/mol 

Required; AH 

Analysis: AH =ZnX D^onds broken -^nx Dbondsfornred 
AH = (AJh-fOh-F + ^F-Fflp-F) “ ^H-F^H-F 

Soiution: 


1 mol each of H-H and F-F bonds are broken. The bonds formed are 2 mol of H-F bonds. 
Therefore, 


AH - (/7h-fOh-f + ^f-f^f-f) “ /’h-f^h-f 

= (1 mol X -F 1 mol X Dp-p) - 2 mol x Dh-f 
r/ ^ 432 kJ\ / ^ 154kJ\1 / ^ 

AW = -544 kJ 


565 kJ \ 
mot / 


Statement: The reaction of 1 mol of hydrogen gas and 1 mol of fluorine gas to produce 
2 mol of hydrogen fluoride releases 544 kJ of energy. Thus, the enthalpy change (AW) is 
-544 kJ. 




Sample Problem 2: Using Bond Energies and Lewis Diagrams to Estimate AW 
Using the bond energies in Table 1, calculate the enthalpy change for the reaction in 
which methane gas, CH4(g), is combined with chlorine gas and fluorine gas to produce 
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Freon-12 gas, CF2Cl2(g). Figure 2 shows the Lewis structures of methane and Freon-12. 
The balanced chemical equation for the formation of 1 mol of Freon-12 is 

CH4(g) + 2 Cl2(g) + 2 F2(g) ^ CF2Cl2(g) + 2 HF(g) + 2 HCl(g) 

H :F: 

H:C:H =9j = C = F: 

H 

methane Freon-12 

Figure 2 

Solution 

step 1. For each reactant and product, identify the number of moles of bonds, the amount 
of bonds in the reaction, and the bond energy per mole (using the data in Table 1). 
Organize this information in a table, similar to Tabie 3. 


Table 3 Bonds and Bond Energies in Reactants and Products 



Substance 

Number of bonds 
moles of (Osubslance) 

Amount of 
bonds in 
reaction 

Bond energy 
per mole 

reactants 

CH4(g) 

4 mol C-H bonds 

4 mol 

413kJ/mol 

ci2(g) 

1 mol CI-CI bonds 

2 mol 

239 kJ/mol 

F2(g) 

1 mol F-F bonds 

2 mol 

154kJ/mol 

products 

CF2Ci2(g) 

2 mol C-F bonds 

2 mol C-CI bonds 

2 mol 

2 mol 

485 kJ/mol 
339 kJ/mol 

HF(g) 

1 mol H-F bonds 

2 mol 

565 kJ/mol 

HCi(g) 

1 mol H-CI bonds 

2 mol 

427 kJ/mol 


Step 2. Calculate the enthalpy change, AW, of the reaction. 

AW= E/7 X Obonds broken ~ 2/7 X Obonds formed 

AW = (/7Dc-h + -I- /7Df-f) “ (nDc-p + nDc-a + /70h_f + /70h_ci) 

For convenience, first add the total energy absorbed to break the bonds in 
the reactants: 


/7Df-f 


= 4mot X 


2m0t X 


239 kJ\ 
mot J 


2mot X - 


2/7 X fronds broken - + /^^CI-CI ‘ 

, 413 kJ ^ 
mot j 

= 1652kJ -E 478 kJ -E 308 kJ 
2/7 X fronds broken ~ 2438 kJ 

This is the energy required to break the bonds in the reactants. 

Now, add the total energy released when the bonds of products form. 
2/7 X fronds to^ed = ('’^c-f + nDc-a + nOh-F + /7Dh-ci) 

485 kJ\ / ^ 339 kJ\ 


2mot X - 


2 mot X - 


= 970 kJ -E 678 kJ -E 1130 kJ -E 854 kJ 
2/7 X Wbonbs formeb = 3632 kJ 
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This is the energy released when the bonds are formed in the products. 
Subtract the energy released when the bonds of the products form from 
the energy absorbed to break the bonds of the reactants. 

~ ^ ^bonds broken ~ ^ ^bonds formed 

= 2438 kJ -3632 kJ 
AH= -1194 kJ 

The sign of the enthalpy change in the formation Freon-12 gas is negative. 
This is an exothermic reaction and energy is released. 

Statement: When 1 mol of Freon-12 gas is formed by reacting gaseous methane, 
chlorine, and fluorine, 1194 kJ of energy is released. Thus, the enthalpy change (AH) 
is -1194 kJ. 

Sample Problem 3: Using Bond Energies and Chemical Structures to 
Estimate AW 

Using bond energies from Table 1, determine whether the complete combustion of 
ethyne gas (acetylene), CjHjig), to carbon dioxide gas and liquid water is exothermic 
or endothermic. 

Solution 

step 1. Write the balanced chemical equation for the combustion of 1 mol of ethyne: 
CjH^Cg) + 102(g) ^2 C02(g) + H20(g) 

Step 2. Determine the bonding of each substance by drawing structural formulas for 
each molecule in the reaction: 

H-C=C-H 0=0 

C2H2(g) 02 (g) 

0=C=0 0-H 

C02(g) H 

H20(g) 


Step 3. Determine the number of moles of reactants and products, the number of moles 
of bonds broken or formed, and the molar bond energy for each. Organize this 
information in a table, similar to Table 4. 


Table 4 Bonds and Bond Energies in Reactants and Products 



Substance 

Number of moles 
of bonds (n^ubslance) 

Amount of 
bonds in 
reaction 

Bond energy 
per mole 

reactants 

CzHzIg) 

2 mol C-H bonds 

1 mol C=C bonds 

2 mol 

1 mol 

413kJ/mol 
839 kJ/mol 

02(g) 

1 mol 0=0 bonds 

1 mol 

495 kJ/mol 

products 

C02(g) 

2 mol C=0 bonds 

4 mol 

799 kJ/mol 

H20(g) 

2 mol H-0 bonds 

2 mol 

467 kJ/mol 


Note that in Table 1, the asterisk indicates that C02(g) has a different AW than a regular 
0=0 double bond. 
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step 4. Calculate the enthalpy change, AW, of the reaction. 

~ ^ ^bonds broken “ ^ ^bonds formed 

AW = (aIq.hWq.h + flcsc^csc + ^o=o^o=o) “ (^c=oA; 


+ ^H-O^H-o) 



2maf X 


= (826 kJ + 839 kJ + 1237.5 kJ) - (3196 kJ + 934 kJ) 

= 2902.5 kJ - 4130 kJ 
AW= -1228 kJ 

Statement: When enthalpy change has a negative value, there is more energy released 
by the formation of the bonds in the products than is absorbed by the breaking of the 
bonds in the reactants. Therefore, thermal energy is released to the surroundings, and the 
reaction is exothermic. 


Practice 


1. Use the data from Table 1 to calculate the energy to separate 1 mol of 
chloromethane, CH3CI(g), into free atoms, qq esi [ans: i578 kj/moi] 

2. Using bond energies, verify that the complete combustion of ethene gas, C2H4(g) 
(H2C=CH2), to gaseous carbon dioxide and water is an exothermic reaction, m bo 

[ans: -1313 kJ] 

3. Using the data from Table 1, calculate the enthalpy change of the chemical reaction 
represented by the balanced equation 

N2H2(g) + F2(g)^N2(g) + 2HF(g) 

Is the reaction endothermic or exothermic? Explain, qq eb [ans: -7i7 kj; exothermic] 

4. Propane, C3H8(g), is a gaseous fuel that burns with oxygen. Write the balanced 
chemical equation for this complete combustion reaction, and use the bond energies 
from Table 1 to calculate the quantity of energy released, qq eb d [ans: -2057 kj ] 


The bonds between specific atoms and the bond energies associated with these 
bonds are very similar, even when the bonds are located in different entities. For 
example, the bond energy of the C-H bond in methane is similar to the bond energies 
of the C-H bonds in ethane, C 2 Hg(g); ethyne, C 2 H 2 (g); and chloromethane, CH 3 CI 
(g). Thus, molecules with similar bonds act in similar ways. 

Since the bond energies of similar bonds are nearly the same in different mole¬ 
cules, you can calculate and compare the enthalpy changes of reactions by using bond 
energies because they provide a good approximation of the actual bond energy value. 
For example, in Sample Problem 3 in Tutorial 1, you calculated an enthalpy change of 
—1227 kj/mol for the combustion reaction of acetylene gas. The experimental value 
of this reaction is —1299 kj/mol. 1# career link 
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Summary 

• Bond energy is the quantity of energy required to break a chemical bond. 

• As the number of bonds increases, the bond length shortens. 

• More energy is needed to break multiple bonds than to break single bonds. 

• Bond breaking is an endothermic process. 

• Bond making is an exothermic process. 

• An approximate value of the AH of a reaction can be calculated using the 
bond energies of the reactants and products. 


Questions 


1. Use bond energy values (Table 1, page 307) to 
estimate AH for the reactions represented by the 
following equations: QIS Em 

(a) n.ig) + Cl 2 (g) ^ 2 HCl(g) 

(b) N 2 (g) + 3H2(g)^2NH3(g) 

2 . Use bond energy values (Table 1, page 307) to 
estimate AH for the reactions represented by the 
following equations: QQ Em 

(a) HCN(g) + 2 H,(g) ^ CH 3 NH 2 (g) 

(b) N 3 H,(g) + 2 F 3 (g) ^ N 2 (g) + 4 HF(g) 

3. Explain why AH values of chemical reactions are 
found using bond energies that are not always 
equal to values found by experiment. Assume 
experimental error is not a factor. QID Em 

4. Consider the reaction represented by the equation 
A 2 + B2^2AB AH=-549kJ 

The bond energy for A 2 is one-half the AB bond 
energy. The bond energy of B 2 is 432 kj/mol. 
Calculate the bond energy of A 2 . QQ Em 

5. In which molecule, N 2 , N 2 H 2 or N 2 O 4 , would the 
nitrogen-nitrogen bond be the shortest, and why? 
Draw Lewis structures to help you decide, qq Em B 

6 . Explain why the numerical value of a carbon-carbon 
bond in a molecule of ethanol would differ from that 
in a molecule of ethane. Include Lewis structures for 
ethanol and ethane in your explanation, qq Em B 

7. The bond energy of a C-O single bond is less than 
the bond energy of a C=0 double bond. Explain 
why this is true. QQ Em 

8 . Acetic acid is responsible for the sour taste of 
vinegar. Acetic acid can be manufactured using the 
reaction represented by the equation 
CH30H(g) + CO(g) ^ CH3C00H(1) 

Use bond energy values from Table 1 (page 307) to 
estimate the AH for this reaction. QQ Em 


9. Consider the reaction represented by the equation 
C2H4(g) + F2(g) ^ C2H4F2(g) AH = -549 kj 
Estimate the carbon-fluorine bond energy, given 
that the C-C bond energy is 347 kJ/mol, the C=C 
bond energy is 614 kJ/mol, and the F-F bond 
energy is 154 kj/mol. BlSEm 

10. In photosynthesis, a plant converts carbon dioxide 
and water to glucose, C 6 Hi 20 g(s), and oxygen. 

Use bond energy values from Table 1 (page 307) 

to estimate the amount of energy the Sun provides 
to produce 1 mol of glucose. Assume the straight- 
chain version of glucose (p. 101). dg Em 

11. Carbon monoxide, CO(g), can react with oxygen, 
02 (g), to produce carbon dioxide, C02(g). Use bond 
energy values from Table 1 (page 307) to determine 
if this reaction is exothermic or endothermic. dD Em 

12. Carbon dioxide, C02(g), can react with water, 
H 20 ( 1 ), to produce carbonic acid, H 2 C 03 (aq), a 
component of acid rain. dS Em B 

(a) Write a balanced equation for this reaction. 

(b) Use Lewis structures to illustrate this reaction. 

(c) Determine the energy required to convert 1 mol 
of carbon dioxide to 1 mol of carbonic acid. 

13. Many barbecues are fuelled by propane, C 3 Hg(g). 
Other barbecues are fuelled by natural gas, which is 
mostly methane, CH 4 (g). dU Em 

(a) Use bond energy values to estimate the amount 
of heat produced by the complete combustion 
of 1 mol of propane, and of 1 mol of methane. 

(b) How many moles of natural gas are needed to 
produce the same amount of energy as 1.0 mol 
of propane? 
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Figure 1 Hess's work is one of 
the earliest exampies of the field of 
theoretical chemistry. 


Hess’s Law 

Imagine you and some friends are hiking up a mountain trail. You come to a fork in 
the trail and decide to break into two groups. One group follows a short, steep path 
while the other takes a set of stairs with a gradual slope. Eventually, both groups reach 
the top of the trail and are rewarded by a beautiful view. Although the two groups 
took different routes, everyone reached the same place. We can think of the process 
of a chemical reaction as behaving in a similar way to these mountain climbers. There 
is more than one possible route to get from reactants to products. 

Enthalpy Change and Hess’s Law 

From experimental evidence, chemists have found that the change in enthalpy in a 
chemical process is independent of the path taken. This means that in going from 
an initial set of reactants to a final set of products, the change in enthalpy is the same 
regardless of whether the conversion happens in one step or in a series of steps. To 
illustrate this concept, consider the analogy of going from the bottom floor to the 
top floor of a building. The net vertical distance you travel is the same regardless of 
whether you take the stairs or the elevator. Similarly, the change in enthalpy of con¬ 
verting one chemical to another is the same whether the conversion happens in one 
reaction or in more than one. 

Germain Henri Hess, a professor at the University of St. Petersburg, Russia, 
(Figure 1) was interested in whether the number of steps involved in a chemical pro¬ 
cess affected the enthalpy change of a reaction. At a time when most chemists were 
identifying new chemical substances, Hess was interested in why atoms are attracted 
to one another. He determined that the change in enthalpy would always be the same 
no matter how many steps it took to get the desired product. 

Consider the reaction in which gaseous nitrogen and oxygen combine to form 
nitrogen dioxide gas. There are at least two ways we might get from reactants to prod¬ 
ucts. The overall reaction could occur in a single step. The thermochemical equation 
for this single-step reaction is 

N^Cg) + 2 02 (g) ^ 2 N02(g) AH = 68 kj 

However, nitrogen dioxide can also be made using a two-step process. The thermo¬ 
chemical equations for the two steps are 

N2(g) + 02 (g) ^ 2 NO(g) AH = 180 kJ 

2 NO(g) + 02 (g) ^ 2 N02(g) AH = -112 kJ 

If you add these two equations, you get the equation for the overall (net) reaction for 
the formation of nitrogen dioxide gas. Similarly, the sum of the enthalpy changes of 
the reactions represented by these equations is equal to the enthalpy change for the 
net reaction for the formation of nitrogen dioxide gas. 

N2(g) + 02 (g) ^ 2 N0(g) AH = 180 kJ 

2 NO(g) + 02 (g) ^ 2 N02(g) AH - -112 kJ 

N2(g) + 2 02 (g) ^ 2 N02(g) ah = 68 kJ 

This example illustrates that when a reaction proceeds from reactants to products, 
the change in enthalpy is the same whether the reaction occurs in one step or several. 
This generalization is now called Hess’s law. 


Hess’s law 

The enthalpy change for the conversion of reactants to products is 
the same whether the conversion occurs in one step or several steps. 
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Hess’s law is very useful for studying energy changes in chemical reactions that 
cannot be analyzed using calorimetry. Some reactions, such as the reaction of glyc¬ 
erine, C 3 H 5 ( 0 H) 3 ( 1 ), with potassium permanganate, KMn 04 (s), are too fast or dan¬ 
gerous (Figure 2). Other reactions, such as the synthesis of nitrogen dioxide from 
its elements, occur too slowly. Figure 3 illustrates the application of Hess’s law to 
this chemical reaction. The two-step process is shown in blue. The first step involves 
a large positive enthalpy change (AH =180 kj), but the second step involves a nega¬ 
tive enthalpy change (AH = —112 kJ). The sum of these two enthalpy changes is 
equal to the enthalpy change of the one-step process (shown in red). 


Enthalpy Changes during a Two-step and One-step Process to 
Convert Elemental Nitrogen and Oxygen to Nitrogen Dioxide Gas 


two-step process 

r-*-^ 

02 (g) + 2 N0(g) 02 (g) + 2 N0(g) 




AW 3 = -112 kJ 


AHi = 180kJ 


' 2 N 02 (g) 

2 N 02 (g) 



68 kJ 

= AW 2 + AW3 
= 180 kJ - 112 kJ 

AHi = 68 kJ 

N 2 (g) + 2 02 (g) 


N 2 (g) + 2 02 (g) 


one-step process 


Reaction progress 

Figure 3 Enthalpy change diagram for the formation of nitrogen dioxide gas from gaseous nitrogen 
and oxygen. The net enthaipy change is the same whether the process occurs in one step or two. 


Rules for Enthalpy Changes 

To use Hess’s law to calculate enthalpy changes for chemical reactions, you must 
apply the following two rules: 

1. If you reverse a chemical reaction, you must also reverse the sign of AH. 

2. The magnitude of AH is directly proportional to the number of moles of 
reactants and products in a reaction. If the coefficients in a balanced equation 
are multiplied by a factor, the value of AH is multiplied by the same factor. 

To understand the first rule, recall that the sign of AH indicates the direction 
of the thermal energy flow. If the direction of the reaction is reversed, the direc¬ 
tion of the thermal energy flow will also be reversed. Consider the preparation 
of xenon tetrafluoride, XeF 4 (s). The thermochemical equation for this reaction is 

Xe(g) -f 2 F 2 (g) ^ XeF 4 (s) AH = -251 kJ 

The forward reaction is exothermic, so 251 kJ of thermal energy flows from the 
chemical system to the surroundings. In the reverse reaction, solid xenon tetrafluo¬ 
ride decomposes to gaseous xenon, Xe(g), and fluorine, F 2 (g), and thermal energy 
flows from the surroundings to the chemical system. 

XeF 4 (s) ^ Xe(g) + 2 F 2 (g) AH = 251 kJ 



Figure 2 The reaction of potassium 
permanganate with glycerine. Potassium 
permanganate reacts so vigorously with 
most organic compounds, it must be 
stored separately. 
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In the reverse reaction, the sign of AH is positive. Therefore, the reverse reaction is 
endothermic. 

The second rule tells you that the value of AH depends on the amounts of the 
substances reacting. For example, 251 kj of thermal energy is released during the 
reaction of 1 mol of xenon gas and 2 mol of fluorine gas. However, when the amounts 
of these reactants are doubled, twice as much thermal energy is released 502 kJ. 


Enthalpy Change during the 
Combustion Reaction of Graphite 


Cgraphite(S) + 02(g) 


AH = -394 kJ 

, C02(g) 


Reaction progress 

Figure 4 Enthalpy change diagram for 
the combustion of graphite 


Enthalpy Change during the 
Combustion Reaction of Diamond 


0 diamond(S) + 02(g) 


AH = -396 kJ 

C02(g) 


Figure 5 Enthalpy change diagram for 
the combustion of diamond 


Tutorial 1 Calculating A//Using Hess’s Law 


In this tutorial, you will use Hess’s law to calculate the enthalpy change of a reaction by 
algebraically manipulating two or more other reaction equations. 

Sample Problem 1: Calculate AW Using Enthalpy Change Diagrams 
Graphite and diamond are two forms of solid carbon. Graphite is a soft, black, slippery 
material that is the substance in pencils that makes marks. Diamond is a hard, crystalline 
substance used in making jewellery. Use the data in Figure 4 and Figure 5 to calculate 
the enthalpy change for the conversion of graphite to diamond. 

Cgraphite(s) ^diamondCs) 

Solution 

step 1. Use the data in Figure 4 and Figure 5 to write balanced thermochemical 
equations for the combustion reactions. 

(1) Cgraphite(s) + 02(g) ^ C02(g) AH = -394 kJ 

(2) Cdi,™nd(s) + 02(g) ^ C02(g) AH = -396 kJ 

Step 2. Rearrange the equations as needed to get the required reactants and products. 

In the conversion reaction, graphite is a reactant and diamond is a product. 
Therefore, reverse the second equation and change the sign of its AH. 

(3) C02(g) ^ Cpia™nd(s) + 02(g) AH = +396 kJ 

Step 3. Add equations (1) and (3) and their respective enthalpy values to obtain the 
conversion reaction equation and AW value. 

Cgraphite(s) + ^ COM AW = -394 kJ 

COM ^ Cdia.nnd(s) + OM AW = +396 kJ 

Ographite(s) 0(jjamon(i(s) AW — +2 kJ 

Statement: The enthalpy change during the conversion of graphite to diamond is 2 kJ/mol. 

Sample Problem 2: Calculate AWforthe Production of Ethene Using Hess’s Law 
Ethene gas, C2H4(g), is the raw material for the synthesis of the plastic polyethylene. 
Engineers designing a process to make ethene from ethane gas, C2H6(g), need to know 
the change in enthalpy of the desired reaction represented by the following balanced 
chemical equation: 

C2He(g) ^ C2H4(g) + H2(g) 

The engineers have the following thermochemical equations: 

(1) C2H6(g) + 3.5 02(g) ^ 2 C02(g) + 3 H20(I) AW = -1559 kJ 

(2) C2H4(g) + 3 02(g) ^ 2 C02(g) + 2 H20(l) AW = -1411 kJ 

(3) 2 H2(g) + 02(g) ^ 2 H20(I) aw = -572 kJ 
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Solution 


step 1. Identify the equations that have reactants or products on the same side of the 
arrow as in the desired equation. 

Equation (1) contains 1 mol of CjHglg), so use it as written: 

(1) C2He(g) + 3.5 02(g) ^ 2 C02(g) + 3 H20(l) AH =-1559 kJ 
Step 2. Reverse (2) and (3) so that reactants and products are on the same side as in 

the desired equation. Reverse the sign of AH. This gives you equations (4) and (5), 
in which ethene gas and hydrogen gas are on the products side. 

(4) 2 C02(g) + 2 H20(I) ^ C2H4(g) + 3 02(g) AW = 1411 kJ 

(5) 2 H20(I) ^ 2 H2(g) + 02(g) AH = 572 kJ 

Step 3. Check the coefficients of all entities in the equations to see if any must be 

adjusted by a factor so as to be equal to the coefficients in the desired equation. 
If so, then multiply each AW by the same factor. 

Equation (5) has 2 mol of hydrogen gas on the product side, while the desired 
equation has only 1 mol. Multiply equation (5) and its AW by the factor 0.5: 

(6) H20(I) ^ H2(g) + 0.5 02(g) AW = 286 kJ 

The coefficient of oxygen is now 0.5, which represents 0.5 mol of oxygen gas 
(not 0.5 molecules). 

Step 4. Add equations (1), (4), and (6), and their changes in enthalpies. 

(1) C2H6(g) + 3.5-%fg^ ^ AW = -1559 kJ 

(4) 2JQQM + ^ C2H4(g) + S-oJ^gt AW = 1411 kJ 

(6) HMt H2(g) + QSQM AW = 286 kJ 

C2H6(g) ^H2(g) +C2H4(g) AH = 138 k. 

Statement: The enthalpy change for the production of ethene gas from ethane gas is 
138 kJ per mole of ethane. 


Hess’s Law (page 334) 

Now that you have learned how 
Hess’s law is used to determine the 
enthalpy of a reaction, you wili use 
caiorimetry to get an experimentai 
vaiue for two reactions to determine 
the enthalpy of combustion. 


Practice 

1. Consider the following thermochemical equations: 

NH3(g) ^ I N2(g) + I H2(g) AW = 46 kJ 

2 H2(g) + 02(g) ^ 2 H20(g) AW = -484 kJ 

(a) Calculate AW for the reaction represented by the following equation: 

2 N2(g) + 6 H20(g) ^ 3 02(g) + 4 NH3(g) [ans: 1268 kJ] 

(b) Draw an enthalpy diagram of the reaction, did 

2. Consider the following thermochemical equations: 

2 CIF(g) + 02(g) ^ Cl20(g) + F20(g) AW = 167.4 kJ 
2 CIF3(g) + 2 02(g) ^ Cl20(g) + 3 F20(g) AW = 341.4 kJ 
2 F2(g) + 02(g) ^ 2 F20(g) AW = -43.4 kJ 

(a) Calculate AW for the reaction represented by the following equation: 

CIF(g) + F2(g) ^ CIF3(g) [ans: -108.7 kJ] 

(b) Draw an enthalpy diagram of the reaction, laia 

3. If iron(lll) oxide is heated with carbon monoxide, carbon dioxide and metallic iron are 
produced according to the equation 

Fe203(s) + 3C0(g) ^ 2Fe(s) + 3C02(g) 

Determine the enthalpy of this reaction given the reactions 
C(graphite) + JO2 ^ CO AW = -110.5 kJ 

C(graphite) + 02(g) ^ C02(g) AW = -393.5 kJ 

2Fe(s) + 3/2 02(g) ^ Fe203(s) AW = -824.2 kJ na 

[ans: AH = -24.8 kJ] 
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Review 

Summary 

• Hess’s law states that the enthalpy change of a process is the same whether 
the process takes place in one step or in a series of steps. 

• By applying Hess’s law, we can manipulate and combine different chemical 
equations to determine the enthalpy change of a reaction of interest. 



Questions 

1. (a) State Hess’s law in your own words. 

(b) In a correct equation for a reverse reaction, 
what happens to the sign and magnitude of AH? 

(c) When you multiply the coefficients of a balanced 
equation by a constant, what changes must you 
make to the sign and magnitude of AH? QQ 

2. Explain how Hess’s law is consistent with the law of 
conservation of energy. □!!] 

3. What characteristic of enthalpy change is the basis 
of Hess’s law? QID 

4. Phosphorus burns spontaneously in air to produce 
tetraphosphorus decaoxide, P 40 io(s): 

4 P(s) + 5 02 (g) ^ P 40 io(s) 

Using the following thermochemical equations, 
determine: 

(a) the enthalpy of combustion for phosphorus 

(b) the molar enthalpy of combustion for 
phosphorus, expressed in kj/mol QQ E211 

4 P(s) + 3 02 (g) ^ P 406 (s) AH= - 1640 kj 
P406(s) + 2 02 (g) ^ P40io(s) AH = -1344 kJ 

5. Nitric oxide gas, NO(g), can be oxidized in air to 
produce nitrogen dioxide gas, N 02 (g): 

2 NO(g) + 02 (g) ^ 2 N02(g) 

Determine the enthalpy change for this reaction 
using any of these thermochemical equations: QQ ESI 
02 (g) ^ 2 0(g) AH = +495 kJ 

NO(g) + 03 (g) ^ N02(g) + 02 (g) ah = -199 kJ 
2 03 (g) ^ 3 02 (g) ah = -427kJ 

6 . Liquid hydrazine, N 2 H 4 ( 1 ), is a rocket fuel. It combusts 
in oxygen gas to form nitrogen gas and liquid water: 
N 2 H 4 ( 1 ) + 02 (g) ^ N 2 (g) + 2 H 20 ( 1 ) 

Use the following thermochemical equations to 
calculate the enthalpy change for the combustion of 
liquid hydrazine: QIllESl 


2 NH3(g) + 3 N20(g) ^ 4 N2(g) + 3 H20(l) 

AH= -1010 kJ 

N20(g) + 3 H2(g) ^ N2H4(1) + H20(1) 

AH = -317 kJ 

2 NH3(g) + 1 02 (g) ^ N2H4(1) + H20(1) 

AH = -143kJ 

H2(g) + i 02 (g) ^ H20(1) ah = -286 kJ 

7. Solid calcium carbide, CaC 2 (s), reacts with hquid 
water to produce ethyne, C 2 H 2 (g) (acetylene): 
CaC 2 (s) + 2 H20(1) ^ Ca(OH) 2 (aq) + C 2 H 2 (g) 
Using the following thermochemical equations, cal¬ 
culate the enthalpy change for this reaction: QIS ESI 
Ca(s) + 2 Cg,,phite(s) ^ CaC 2 (s) AH = -62.8kJ 


Ca(s) + \ 02 (g) ^ CaO(s) AH = -635.5 kJ 
CaO(s) + H20(1) ^ Ca(OH) 2 (aq) 

AH = -653.1 kJ 


C2H2(g) + 1 02 (g) ^ 2 C02(g) + H20(1) 

AH = -1300. kJ 


Cg,aphite(s) + 02 (g) ^ C02(g) ah = -393.5 kJ 


8. The neutrahzation reaction between lithium 
hydroxide solution, LiOH(aq), and hydrochloric 
acid, HCl(aq), will produce water and aqueous 
lithium chloride, LiCl(aq). Using the following 
thermochemical equations, determine the enthalpy 
of neutralization for 1 mol of aqueous hthium 
hydroxide: I2I3EBI 

i H2(g) + i Cl2(g) ^ HCl(g) AH = -92.3 kJ 

H2(g) + 1 02 (g) ^ H20(1) ah = -285.8 kJ 

Li(s) + I Cl 2 (g) ^ LiCl(s) AH = -815.0 kJ 

Li(s) + i 02 (g) + |H 2 (g)^LiOH(s) 

AH = -487.0 kJ 


LiOH(s) ^ LiOH(aq) AH = -19.2 kJ 

HCl(g) ^ HCl(aq) AH = -77.0 kJ 

LiCl(s) ^ LiCl(aq) AH = -36.0 kJ 
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Standard Enthalpies of Formation 

Sulfur dioxide gas, S02(g), is a colourless, odourless air pollutant. The majority of atmo¬ 
spheric sulfur dioxide gas comes from the combustion of fossil fuels containing sulfur 
impurities, such as those produced in coal-burning power plants (Figure 1). Once in the 
atmosphere, sulfur dioxide undergoes further chemical reactions to form acid precipita¬ 
tion, which can cause significant damage to aquatic ecosystems, in addition to having other 
negative effects on the environment. # career link 

An important step in the production of acid precipitation is the reaction of sulfur 
dioxide with oxygen to produce sulfur trioxide. The balanced chemical equation for the 
formation of 1 mol of sulfur trioxide gas is 

S02(g) + ^ 02(g) ^S03(g) 

Measuring the enthalpy change of this reaction in the laboratory is difficult 
because the sulfur compounds are toxic. However, the enthalpy change can be calcu¬ 
lated using Hess’s law and the following thermochemical equations: 

(1) S(s) + 102(g) ^ S03(g) AH = -441.0 kj 

(2) S(s) + ^ 02(g) ^ S02(g) AH = -296.8 kJ 

Applying Hess’s law, equation (1) remains unchanged because sulfur trioxide gas 
is on the product side. Equation (2) is reversed so that sulfur dioxide gas is on the 
reactant side, resulting in equation (3). 

(1) ^ + \ 02(g) ^ S03(g) AH = -441.0 kJ 

(3) S02(g) ^ S(s)' -f AH = -f 296.8 kJ 

S02(g) + 2 02(g) ^ S03(g) ah, = -144.2 kJ 

Therefore, the enthalpy change for the production of sulfur trioxide gas is —144.2 kJ. 
Equations (1) and (2) are formation equations, and represent the formation of a 
compound from its elements. 



Figure 1 Coal-burning power plants are 
a major artificial source of sulfur dioxide 
emissions. 


Standard Enthalpy of Formation 


The standard enthalpy of formation (A//,°) of a compound is the change in enthalpy that 
occurs when 1 mol of a compound is formed from its elements, with all substances 
in their standard states. A substance is in a standard state when it is in its most stable 
form at SATP, (25 °C, 100 kPa). Figure 2 shows oxygen, sodium, and mercury, each 
in their standard state. 



Figure 2 Three elements in their standard state: (a) oxygen gas, 02(g); (b) sodium metai, Na(s); and 
(c) liquid mercury, Hg(l). 



standard enthalpy of formation (A//,°) 

the change in enthaipy that accompanies 
the formation of 1 mol of a compound 
from its eiements in their standard states 

standard state the most stabie form of 
a substance under standard conditions, 
25 °C and too kPa 


Most elements are solids in their standard state. However, the standard state of 
the noble gases, as well as of the diatomic elements—hydrogen, oxygen, nitrogen, 
fluorine, and chlorine—is the gas state. The standard state of bromine and mercury 
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Table 1 Standard Enthalpies of 
Formation for Severai Compounds 


Compound 

AH,° (kJ/mol) 

Alcys) 

-704.2 

AljOals) 

-1675.7 

03804 ( 5 ) 

-1434.1 

Ca3(P04)2(s) 

-4120.8 

CHjOHlI) 

-239.1 

CH4(g) 

-74.4 

C2H2(g) 

-h 228.2 

CjHsOHil) 

-235.2 

C2H6(g) 

-83.8 

CaHslg) 

-104.7 

C6Hi206(S) 

-1273.1 

OM 

-250.1 

Ci2H220ii(S) 

-2225.5 

C0(g) 

-110.5 

C02(g) 

-393.5 

Fe 203 (s) 

-824.2 

HCN(g) 

-h135.1 

HCI(g) 

-92.3 

HF(g) 

-273.3 

H20(g) 

-241.8 

H20(I) 

-285.8 

H2S04(I) 

-814.0 

H3P04(I) 

-1271.7 

MgO(s) 

-601.6 

Mg(0H)2(s) 

-924.5 

NH3(g) 

-45.9 

NH4CI(s) 

-314.4 

NH4CI04 (s) 

-295.8 

N0(g) 

+90.2 

N02(g) 

+33.2 

SiCl4(l) 

-687.0 

SiOjls) 

-910.7 


is the liquid state. The standard state for a substance in solution is at a concentration 
of 1 mol/L. The degree sign on the symbol AH° indicates that the process takes place 
under standard conditions (25 °C, 100 kPa). The standard enthalpy of formation, AH°, 
of an element in its standard state is zero. A value of zero is assigned since an element is 
in its most fundamental form at standard conditions. Thus, the standard enthalpies of 
formation of oxygen gas, sohd sodium metal, and liquid mercury metal, for example, 
are zero. 

Consider the thermochemical equation for the formation of nitrogen dioxide gas 
from its elements in their standard states; 

2 NjCg) + 02 (g) ^ N02(g) AHf° = 33.2 kj/mol 

Like all standard enthalpy of formation equations, this standard enthalpy of forma¬ 
tion equation shows the formation of 1 mol of the product. The formation of nitrogen 
dioxide gas from its elements is endothermic, absorbing 33.2 kJ/mol from its surround¬ 
ings. Enthalpies of formation maybe either exothermic or endothermic (Table 1). 

Using Standard Enthalpies of Formation to Calculate 
Enthalpy Change 

Since references such as Table 1 (left) provide the standard enthalpies of formation, 
AHf°, for many pure substances, you can use these values to calculate the standard 
enthalpy of reaction, AH°, for many chemical reactions. Consider the combustion of 
methane gas, CH 4 (g), represented by the balanced equation. 

CH4(g) + 2 02 (g) ^ C02(g) + 2 H20(1) 

Figure 3 illustrates one possible pathway for the combustion of methane. 


reactants elements products 



Figure 3 In this pathway for the combustion of methane, the reactants are broken down into 
their constituent elements in reactions (a) and (b). The elements are then used to synthesize the 
products in reactions (c) and (d). 

In reactions (a) and (b) of the pathway shown in Figure 3, the reactants are decom¬ 
posed into their elements. In reaction (a), methane is broken down into elemental 
carbon and hydrogen gas. The balanced chemical equation for the reaction is 

CH4(g)^C(s) +2H2(g) 

The equation above is the reverse of the formation equation for methane 
C(s) + 2 H 2 (g) ^ CH 4 (g) AHf° = -74.4 kj 

From Table 1 (left), you know that AHf for the formation of methane is -74.4 kJ/ 
mol. Since you change the sign of AH whenever you reverse a reaction, AH° for the 
decomposition of methane into its elements is -1-74.4 kJ. 
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Oxygen gas exists in its elemental state, 02 (g). It cannot be broken down further; 
no energy change occurs, so is 0 kj: 

2 02 (g) ^ 2 02 (g) (no change) 

In reactions (c) and (d) of the pathway shown in Figure 3, the elements from 
the decomposition of the reactants combine to form the final products, C 02 (g) and 
H20(1). The balanced chemical equations are 

C(s) + 02 (g) ^ C02(g) AHf° = AH°y = -393.5 kj/mol 

H 2 (g) + 102 (g) ^ H20(1) AHf° = -285.8 kJ/mol 

Since 2 mol of water is formed in the combustion of methane, the AH° of H20(l) 
must be multiplied by 2, as follows: 

2[H2(g) + 102 (g) ^ H20(1)] AHf° = 2(-285.8 kJ/mol) 

2 H 2 (g) + 02 (g) ^ 2 H20(1) AH°(d) = -571.6 kJ/mol 
The change in enthalpy for the reaction is the sum of the AH° values: 

ah; = 74.4 kJ + OkJ + (-393.5 kj) + (-571.6 kj) 

ah; = -890.7 kJ 

The use of AH; values to determine the enthalpy of combustion of methane is 
summarized in Figure 4. The decomposition of methane gas into its elements is an 
endothermic reaction; however, when elements combine to form products, a large 
quantity of energy is released. 


reactants elements products 


stepi 

.Ox 

step 2 
(c) 


A/y%, = 74.4 kj ^ 

^ \ 

/A/y°,c,= -393.5 kJ 


CH4(g) 



C02(g) 

CD 

ur 

\ (d) 


AW°,„ = 0kJ 

202 (g) 

CD 

"AW°,d,= -571.6 kJ 

2H20(I) 


Figure 4 A schematic diagram of the energy changes for the reaction represented by the equation 
CH^tg) + 2 02 (g) ^ C02(g) + 2 H20(l) 


Since only AH; values were used in this example, we can state the following sim¬ 
plification: the enthalpy change for any reaction can be calculated by subtracting the 
sum of the enthalpies of formation of the reactants from the sum of the enthalpies of 
formation of the products. The enthalpies of formation are multiplied, as dictated by 
the balanced equation. That is, 

ah; = i;«p,oduc,sAH;,„duc,s - 2«,eactan,sAH;e,,„„ts 

where E represents the sum of terms, and ^products ^reactants represent the amount 
in moles of each product or reactant, respectively. 
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Calorimetry versus Enthalpies of 
Formation (page 335) 

Now that you have learned how 
standard enthalpies of formation are 
used to estimate the enthalpy change 
of a reaction, you will compare 
experimental results from calorimetry 
to enthalpies of formation. 


Using this equation, the change in enthalpy for the combustion of methane gas is 
— 890.7 kj, which agrees with the value we obtained previously: 

AH° = [AH%) + AH°(d)] - [AH°y + AH°(b)] 

= [-393.5kJ + 2(-285.8kj)] - (-74.4kJ + Okj) 

= -965.1 kJ + 74.4 kJ 
ah; = -890.7 kJ 


Tutorial 1 AW and Standard Enthalpies of Formation 


In this tutorial, you will calculate the enthalpy change of a reaction, AH, using standard 
enthalpy of formation values and Table 1 (page 320). 


Sample Problem 1: Calculating AW from Standard Enthalpies of Formation 
Using standard enthalpies of formation in Table 1, calculate the standard change in 
enthalpy for the thermite reaction represented by the balanced equation 

2AI(s) + Fe203(s) ^ Al203(s) + 2 Fe(s) 

Given: from Table 1, AWf°Fe,03(s) = -824.2 kJ/mol; AWf^Oafs) = -1675.7 kJ/mol; 

AW,°ai(s) = 0 kJ/mol; AWf°Fe(s) = 0 kJ/mol 
Required: AW°r for the thermite reaction 
Analysis. AH ^ — ’Zn^f^^^AH products — ^^reactants^W reactants 
Solution: Since Fe(s) and Al(s) are in their standard states, you can rewrite this equation as 

= ffAl303(s)^Wf°Al303(s) - 

= -1675.7 kJ - (-824.2 kJ) 

AW°r = -851.5 kJ 

Statement: The standard enthalpy change for the thermite reaction is -851.5 kJ. 


Sample Problem 2: Comparing Combustion Reactions 
Until recently, liquid methanol was used to fuel high-performance engines in race cars. 
Gasoline is a mixture of hydrocarbons, but assume for this problem that gasoline is 
pure liquid octane, CsHigll). Using the data in Table 1, determine the standard enthalpy 
of combustion per gram of (a) methanol and (b) octane. Then (c) determine which fuel 
has the greater standard enthalpy per gram. The balanced chemical equation for the 
combustion of methanol is 
2 CHgOHO) + 3 02(g) ^ 2 C02(g) + 4 H20(l) 

The balanced chemical equation for the combustion of octane is 
2 CgHisil) + 25 02(g) ^ 16 C02(g) + 18 H20(l) 

(a) Given: From Table 1 : AW, °ch 30 h(i) = -239.1 kJ/mol; AH^ofy) = 0 kJ/mol; 

AW,°Q02(g) = —393.5 kJ/mol| AW,°„^q(|) = —285.8 kJ/mol; IWchjOh — 32.05 g/mol 
Required: AW°pergram CH 3 OH for the combustion of methanol 
Analysis. AH ^ — 2]/7p,.Qppp,3 AH products ^rJreactants^^ reactants 
Since 02(g) is in its standard state, you can write this equation as 
AW°|. = [/ 7 c 03 (g) AW,°Q0^(g) -I- /7h^o(I)^M°H20(I)] - OCH 3 0H(l) ^M°CH 30 H(I) 

Solution: 

Step 1 . Rewrite the equation for the combustion of methanol so that methanol has a 

coefficient of 1: 

CHgOHO) + I 02 (g) ^ C02(g) + 2 HjOO) 
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step 2. Insert the appropriate values into the equation for standard enthalpy of formation 
and solve: 

AW°r = + ^H20(I) ^M°H20(I)] “ ^CH30H(I) ^^“cHaOHO) 

= [-393.5 kJ + 2(-285.8kJ)] - (-239.1 kJ) 

= -965.1 kJ + 239.1 kJ 
= -726.0 kJ 

Step 3. Convert to enthalpy per gram of liquid methanol: 



% 


' 1 mot' 
.32.05 g. 



= -22.65 kJ 


Statement: The combustion reaction of methanol releases 22.65 kJ/g methanol. 

(b) Given: From Table 1: AW,°c 3 h„(i) = -250.1 kJ/mol; AW,\(g) = 0 kJ/mol; 

AWf°co3(g) = -393.5 kJ/mol; AWf°H,o(i) = -285.8 kJ/mol; 

/Wc^h, 8 = 114.26 g/mol 

Required: c^h,. for the combustion of octane 

Anaiysis: 

AW°r = [nco,{g)AHf°coM + '^H^od) AW,°h,o(i)] - nceH„(i) 

Soiution: 

Step 1. Rewrite the equation for the combustion of octane so that octane has a 
coefficient of 1: 

CbHisII) + f 02 (g) ^ 8 C02(g) + 9 H20(I) 

Step 2. Insert the appropriate values into the equation for standard enthalpy of formation 
and solve: 

AW°r = [nc03(g)^^f°C02(g) + ^H^Od) ^Wf°H30(l)] “ '’CaH.jd) ^^f°C8H,3d) 

= [8(-393.5kJ) + 9(-285.8kJ)] - (-250.1 kJ) 

= (-3148 kJ - 2572.2 kJ) + 250.1 kJ 
AH°, = -5470.1 kJ/mol or - 5.4701 x lO^kJ/mol 
Step 3. Convert to enthalpy per gram of CgHig: 



AW°pergramC.H,. = -47.891 kJ/g 

statement: The combustion reaction of octane releases -47.891 kJ of energy per gram 
of octane. 

(c) Soiution: The enthalpy of combustion per gram of octane is more than twice that per 
gram of methanol. 

Practice 

1. Calculate the enthalpy of combustion for acetylene gas, C2H2(g), using standard 
enthalpies of formation values, na [ans: -isoi.o kj/moi] 

2. Compare the enthalpy of combustion for 1.00 g of acetylene gas to that of 1.00 g of 
propane gas, C3Hg(g), using standard enthalpies of formation values, no 

[ans: AHa%cetylene = “50.0 kJ/g, AHa° propane = “50.3 kJ/g] 


5.5 Standard Enthalpies of Formation 323 






Review 


7 


Summary 

• The standard enthalpy of formation, AH°, of a compound is the change in 
enthalpy that accompanies the formation of 1 mol of a compound from its 
elements, with all elements in their standard states. 

• The standard state of an element is the state of matter in which the element 
exists under SATP conditions (25 °C, 100 kPa). 

• The enthalpy of formation of any element in its standard state is equal to zero. 

• The enthalpy change for a reaction is determined by subtracting the enthalpies 
of formation of the reactants from the enthalpies of formation of the products: 

Questions 


1. Which of the following elements is in its standard 
state? QISEZll 

(a) Hg(g) (c) O^d) 

(b) Mg(s) (d) Br^d) 

2. Calculate AH° for the reactions represented by the 
following equations: QID E21I 

(a) 2 H 2 (g) + 02 (g) ^ 2 H 20 ( 1 ) 

(b) C(s) + 02 (g) ^ C02(g) 

(c) 2 H 20 ( 1 ) ^ 2 H 2 (g) + 02 (g) 

(d) C2H50H(1) + 3 02 (g) ^ 2 C02(g) + 3 H20(l) 

3. The combustion reaction of octane is represented 
by the equation 

2 C8Hi8(1) + 25 02 (g) ^ 16 C02(g) + 18 H20(l) 

AH, = -1.09 X 10^ kj 
What is the AH° for the reaction given by the 
following equation? 

8 C02(g) + 9 H20(1) ^ + f 02(g) mm 

4. The fuel used in reusable booster rockets consists 
of a mixture of aluminum and ammonium 
perchlorate. The following equation represents a 
possible reaction of this mixture: 

3 A1(s) + 3 NH4C104(s) ^ 

Al203(s) + AlCl3(s) + 3 NO(g) + 6 H20(g) 
Using enthalpies of formation, calculate ATT for 
this reaction. QIS Em 

5. Consider the reaction between chlorine trifluoride 
gas, ClF 3 (g), and ammonia gas, NH 3 (g), represented 
by the equation 

2 ClF3(g) + 2 NH3(g) ^ N2(g) + 6 HF(g) + Cl2(g) 
AH° = -1196kJ 

Calculate AHf° for ClF 3 (g). m m 


6. The oxidation of methylhydrazine, N2H3CH3(1), 
by dinitrogen tetroxide, N 204 (l), was used for 
propulsion in the Space Shuttle orbiter. This 
reaction is represented by the equation 
4N2H3CH3(1) + 5N204(1) ^ 

12H20(g) + 9N2(g) + 4C02(g) 
The enthalpy of formation for liquid 
methylhydrazine is +53 kj/mol and the enthalpy of 
formation for liquid dinitrogen tetroxide is 
—20 kj/mol. Calculate AH° for this reaction. QQ Em 

7. The standard enthalpy of combustion of ethene gas, 
C 2 H 4 (g), is -1411.1 kJ/mol at SATP. Calculate AHf 
for ethene gas. QQ Em 

8. Liquid ethanol, C 2 H 50 H( 1 ), has been proposed as 
an alternative fuel. Calculate the standard enthalpy 
of combustion per gram of liquid ethanol. QID Em 

9. Methanol, CH 30 H( 1 ), has been proposed as an 
alternative fuel. OQ Em D 

(a) Calculate the standard enthalpy of combustion 
per gram of liquid methanol. 

(b) Compare the standard enthalpy of combustion 
per gram of methanol to that of ethanol in 
Question 8. 

(c) Based on your answer in (b), which fuel would 
be the most convenient source of energy for a 
vehicle? Explain why. 

10. The melting point of the element gallium, Ga(s), 
is so low that gallium will melt in your hand. The 
quantity of thermal energy required to melt gallium 
is 5.59 kj/mol. QID Em 

(a) Write a thermochemical equation for the 
melting of gallium. 

(b) What are the enthalpies of formation of solid and 
liquid gallium at SATP? Why are they not equal? 
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Present and Future Energy Sources 

How we supply our energy needs now and how we will supply them in the future are 
among the most complex and challenging issues of our time. Every energy source 
and energy technology—both conventional and alternative—has costs and benefits 
related to its availability, its sustainability, and its impact on ecosystems, the climate, 
economics, and politics. 

Conventional Fuels 

Conventional fuels are fuels that are commonly used today. These include organic 
fuels, such as wood or straw; fossil fuels, such as coal, petroleum, and natural gas; 
and nuclear fuels, such as uranium. Conventional fuels have been in use for a long 
enough period that we have systems in place to find, process, and deliver these fuels 
where they are needed. For example, petroleum may be pumped from beneath Earths 
surface on an oil platform (Figure 1). It is then carried by pipelines or ships to a 
refining plant, where it is processed into useful petroleum products for everyday use. 

Wood is perhaps the most widely used conventional fuel. Wood is a renewable fuel 
source, since we can replant trees to replace those we burn or use to produce charcoal, 
a wood-derived fuel. Unfortunately, the rate at which we use wood is often much 
faster than the rate at which some species of trees renew their populations. Carbon 
dioxide is a natural product of wood and charcoal combustion, and its effects as a 
greenhouse gas must be considered. 

Fossil Fuels 

The most widely used class of fuel today is fossil fuels—petroleum (crude od), coal, 
and natural gas. The energy stored in fossil fuels originated in the Sun. Through the 
process of photosynthesis, captured solar energy is converted to chemical energy by 
plants. Fossil fuels form from the decaying remains of plants and animals, which are 
then subjected to high temperatures and pressures beneath Earth’s surface for thou¬ 
sands of years. 

Petroleum is a thick, dark liquid that is a mixture of hydrocarbons. Crude petro¬ 
leum is not used as a fuel directly; it is first refined. Refining petroleum is achieved by 
fractional distillation. This process takes advantage of the differences in boiling points 
among the different hydrocarbons in crude petroleum. The composition of crude 
petroleum varies, but it consists mostly of straight-chain hydrocarbons between 5 and 
25 carbon atoms in length. When petroleum is heated, the smaller molecules enter 
the vapour state first, while the larger molecules remain in liquid form. The smaller 
molecules have lower boding points than the larger molecules because they have rela¬ 
tively weaker intermolecular forces. The different hydrocarbons are then collected into 
fractions by selective condensation at different temperatures. Each fraction contains 
hydrocarbons with a specific range of chain lengths. Table 1 shows some common uses 
for different petroleum fractions. Hydrocarbons have many uses other than as fuels, 
such as in the manufacture of pharmaceuticals and plastics. 

Table 1 shows that gasohne includes only the Cj-Cjo fraction of petroleum hydro¬ 
carbons. To meet the world’s growing demand for gasoline, scientists developed a 
method for converting long-chain hydrocarbons into short-chain hydrocarbons, a pro¬ 
cess called cracking. Pyrolytic cracking and catalytic cracking are two types of cracking 
commonly used. In pyrolytic cracking, heavier molecules of the petroleum mixture are 
heated to about 700 °C, causing them to break into the smaller-chain hydrocarbons that 
comprise gasoline. In catalytic cracking, a catalyst drives the process of breaking the 
long-chain hydrocarbons into smaller hydrocarbons. 

Natural gas is another type of fossil fuel. It is usually found with, or near, petroleum 
deposits. Natural gas is mostly methane gas, CH 4 (g), but it also contains significant 
quantities of other hydrocarbon gases such as ethane, propane, and butane. Natural 
gas is primarily used for heating buildings. 




Figure 1 Oil platforms, such as fhis one 
off fhe coasf of Brazil, function as small 
cities devoted to extracting oil from 
beneath the ocean floor. 


Table 1 Uses of Various Petroleum 
Fractions 


Range of 
carbon atoms 
in fraction 

Uses 

C5-C10 

gasoline 

C10-C18 

kerosene, jet fuel 

Cl 5-^25 

diesel fuel, heating 
oil, lubricating oil 

>C25 

asphalt 
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Coal is a fossil fuel formed from decaying plant matter that has been buried for miUions 
of years. Plant material is composed primarily of cellulose, a carbohydrate. Deep beneath 
Earths surface, plant matter is subjected to high pressure and temperatures. Over time, 
these conditions cause chemical changes in the cellulose, removing a large proportion 
of the oxygen and hydrogen atoms and leaving mostly atoms of carbon. There are four 
types of coal, which are classified based on their carbon content. From lowest to highest 
carbon content, these are hgnite, sub-bituminous, bituminous, and anthracite. Anthracite 
is the most valuable type of coal because, due to its high carbon content, it releases more 
energy per unit mass during combustion. In Canada, coal is used primarily to produce 
electricity. Worldwide, more electrical power plants generate electricity by burning coal 
than by any other method. In 2008, 88 % of the coal used in Canada was used for elec¬ 
tricity production. 

In the past 200 years, Canada and most other countries have become highly depen¬ 
dent on fossil fuels. Fossil fuels form at a far slower rate than we consume them, so 
fossil fuels are not renewable. Fossil fuel deposits are limited in supply, and many, such 
as Alberta’s oil sands, are difficult to process. Combustion of fossil fuels has damaging 
environmental consequences. Therefore, scientists, engineers, and entrepreneurs are 
working to find new sources of energy. 

COSTS OF FOSSIL FUEL USE 

The combustion of all fossil fuels produces carbon dioxide gas and water vapour, which 
are released into the atmosphere where they contribute to global warming and climate 
change. Climate change leads to loss of species due to changes to habitats and can also 
cause more floods, droughts, fires, and disease. ® career link 

Other pollutants are also released when we burn fossil fuels. For example, the 
combustion of coal that contains high quantities of sulfur releases sulfur dioxide gas, 
S02(g). When sulfur dioxide gas combines with water in the atmosphere, sulfurous 
acid is formed, which falls as acid rain. 

Extracting and transporting fossil fuels can be dangerous. For example, in 2010, 
a deep-water oil well exploded in the Gulf of Mexico and leaked oil into the ocean 
for almost three months before the well was successfully capped. The environmental, 
social, and economic damage was extensive (Figure 2). 



Figure 2 The Deepwater Horizon oil leak in the Gulf of Mexico released a large amount of oil into 
the ocean and made many people more aware of the potential costs of using fossil fuels. 


Nuclear Energy 

Nuclear energy is a conventional energy source that is not subject to most of the 
disadvantages of fossil fuels. Nuclear energy is not a limited resource, and it does 
not involve the release of greenhouse gases. There are two types of nuclear reactions 
by which nuclear energy may be released: fusion and fission. Fusion is not currently 
used to generate energy on Earth. Nuclear generating plants instead use fission, which 





releases extremely large quantities of energy compared with chemical reactions and 
physical processes. Uranium-235, the primary source of nuclear energy used in fis¬ 
sion, is also relatively inexpensive. Nuclear power plants produce substantially less air 
pollution than electrical generating plants fuelled by the combustion of coal. 

Nevertheless, there are serious disadvantages to nuclear power generation. 
Nuclear power stations are expensive to build and maintain. The used (spent) fuel 
rods, although no longer useful in a power plant, are still highly radioactive. This 
nuclear waste must be properly stored to prevent radioactive radiation from entering 
the environment—but a safe, long-term storage solution has yet to be found. During 
the transformation of nuclear energy into electrical energy, vast quantities of water 
are used to keep the nuclear fuel rods from overheating. This is why nuclear power 
plants are built close to a water source (Figure 3). Much of the thermal energy 
absorbed by the water from the fuel rods enters the environment when the water 
is returned to its source. This can increase the water temperature sufficiently and 
can cause a decrease in the quantity of oxygen and other gases dissolved in the 
water, which can have negative consequences for aquatic life. Perhaps the greatest 
concern with nuclear energy generation is the potential for the accidental release 
of radiation. A recent reminder of these dangers occurred when an earthquake 
and tsunami damaged Japans Fukushima nuclear power plant in 2011. Research con¬ 
tinues that is aimed at improving safety, but many believe nuclear power can never 
be safe. # web link 

Alternative Energy Sources 

As we deplete our fossil fuel stores and as our energy demands increase, ongoing 
research is focused on identifying and developing reliable new sources of energy. 
Some of these use renewable natural resources such as wind, solar radiation, and 
tides. Others involve alternative fuels such as synthetic fuels, hydrogen gas, and bio¬ 
fuels. A separate but related goal is to develop ways to produce energy that will be 
environmentally friendly. Some alternative energy sources are much more environ¬ 
mentally friendly than others. # web link 

Synthetic Coal-Based Fuels 

A synthetic fuel is any fuel that is artificially formulated and manufactured. In other 
words, it does not appear naturally or, at least, not in usable quantities. 

Coal is the starting point for two synthetic fuels. The simplest artificial fuel made 
from coal is coal slurry, which consists of pulverized coal mixed with water. Coal 
slurry can directly replace petroleum-based fuels in some cases. For example, coal 
slurry can be used directly in an oil furnace as fuel. 

Coal contains large hydrocarbon molecules that are either solids or thick liquids at 
SATP. These molecules cannot be transported through pipelines, which limits their use¬ 
fulness. Chemists have developed a process called coal gasification that reduces the size 
of these molecules and then converts the coal to a gaseous ffiel mixture. During coal gas¬ 
ification, coal is first mixed with oxygen gas and steam at high temperatures. This breaks 
many of the C-C bonds in the coal. Then, new C-H and C-O bonds form when the 
smaller molecules react further with the oxygen gas and water vapour. The final product 
is a mixture of carbon monoxide gas and hydrogen gas called synthetic gas, or syngas. The 
balanced equation for the production of syngas is 

C(s) + H20(g) ^ CO(g) + H^ig) 

Another useful fuel, methane gas, CH 4 (g), is also produced during coal gasifi¬ 
cation. Since syngas is derived from coal, the environmental costs with respect to 
mining the coal still exist, as do the greenhouse gas concerns. On a positive note, 
the use of syngas as a fuel source is more energy efficient than burning coal directly. 



Figure 3 The Pickering, Ontario, nuclear 
power plant is built near an adequate 
water supply (to keep the fuel rods cool). 


coal slurry a suspension of pulverized 
coal in water 


syngas a synthetic fuel produced from 
the gasification of coal 
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Figure 4 The sugars in corn can be 
fermented to produce ethanol, a biofuel. 


Hydrogen Gas Fuel 

Hydrogen gas can be utilized as a fuel source. Hydrogen gas has a high enthalpy 
of combustion, releasing about 2.5 times the quantity of energy per gram than is 
released by the combustion of natural gas (methane). The thermochemical equation 
for the combustion of 1 mol of hydrogen is 

H2(g) + 1 02 (g) ^ H20(1) AH° = -285.8 kj 

The only product of hydrogen combustion is water vapour. Widespread use of 
hydrogen as a fuel has three main limitations: production cost, storage, and transport. 

Hydrogen gas can be produced by passing an electric current through water in 
a process called “electrolysis.” Electrolysis breaks the bonds in water molecules, 
forming hydrogen gas, H 2 (g), and oxygen gas, 02 (g). The quantity of energy required 
to form 1 mol of hydrogen gas by electrolysis of water is —285 kJ, the same quantity 
released by combustion of 1 mol of hydrogen gas. Hence, with respect to sustainable 
energy production we are not ahead. We put in as much energy in order to produce 
hydrogen gas as we extract when we combust hydrogen gas. In addition, even though 
our oceans contain an almost endless supply of water, large-scale production of 
hydrogen from water is not economically feasible because the cost of electricity is too 
high. Hydrogen fuel is therefore far too costly to be widely used at this time. 

Hydrogen gas is also difficult to store and transport. Tankers and pipelines used to 
transport fuels are generally constructed with metal. Molecules of hydrogen gas are 
able to infiltrate the metal lattice structure, making the metals brittle. Brittle metal is 
likely to fail, which would allow the hydrogen fuel to leak out. Since hydrogen is so 
flammable, a hydrogen leak could easily result in an explosion. 

Biofuels 

Biofuels are fuels that are derived from living things (biomass). For example, wood can 
be considered a biofuel. Liquid biofuels have more applications than solid ones. The 
most widely known liquid biofuel is ethanol, C 2 H 50 H( 1 ). A number of companies and 
researchers think that ethanol could supplement or even replace gasoline. 

Most ethanol is produced by fermenting sugars, a process that produces liquid 
ethanol and carbon dioxide gas. Various sugars from different sources can be fer¬ 
mented to produce ethanol, but corn is the most common source of fuel-grade 
ethanol in North America (Figure 4). Corn kernels store large quantities of starch, a 
carbohydrate formed from long chains of glucose molecules. To make ethanol bio¬ 
fuel, enzymes are flrst added to ground corn kernels to break the starch down into 
sugar molecules. Yeast is then added to the sugar mixture. The yeast cells carry out 
fermentation to obtain energy from the sugars. The end products of fermentation are 
liquid ethanol and carbon dioxide gas. However, the final mixture will still contain 
yeast and small quantities of the reactants. The mixture is heated to kill the yeast cells, 
and this causes liquid ethanol to change state to ethanol vapour. The pure ethanol 
vapour is then captured and condensed to ethanol liquid. 

A fuel can burn in an internal combustion engine only when it is in the vapour 
state. Ethanol is not as volatile as gasoline; that is, it does not vaporize as readily 
and therefore cannot be used directly as a fuel source in most automobile engines. 
Alternatively, gasohol, a solution of about 10 % ethanol in gasoline, will burn in most 
engines. Another ethanol-based biofuel, E85, is 85 % ethanol and 15 % gasoline. E85 
can only be used in vehicles with specially designed engines. # web link 

Methanol, CH 30 H( 1 ), is another alcohol-based biofuel. Methanol has been used as 
a fuel in some race cars for many years. Research aimed at using methanol as a fuel 
for conventional automobiles is ongoing. 
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The main advantage of biofuels over fossil fuels is that they are produced from renew¬ 
able sources (living plants). Biofuel production involves the use of fossil fuels—in farm 
machinery, transportation, and the manufacturing of the biofuels—although much 
less petroleum is used than in the production of gasoHne. The combustion of biofuels 
releases the same greenhouse gases as fossil fuels, but the gases are carbon neutral, 
since the C is absorbed from the air. In addition, biofuel combustion releases 10-15 % 
fewer greenhouse gases than fossil fuels. Using plants such as corn for biofuels may also 
increase the cost of food and reduce our food supply at a time when Earths population 
is over 7 billion. Land that was once used for producing food for humans is now being 
used to produce crops to be converted to biofuels. Finally, environmental costs such as 
soil erosion have yet to be quantified. 



As you work on your Unit Task on page 
402, consider what you have read 
about biofuels, and ethanol in particular. 
Use the information in this section to 
help you answer the questions in the 
Unit Task. 


Energy Efficiency 

The efficiency of a device or system is the ratio of useful energy produced to the total efficiency the ratio of the energy output 
amount of energy expended. Efficiency is normally calculated as a percentage. The to the energy input of any system 
efficiencies of various energy resources for electricity generation, industrial pro¬ 
cesses, transportation, and heating vary widely. For example, generating electricity 
using hydro power (hydroelectricity) is around 85 % efficient. The efficiency of efec- 
tricity generation using fossil fuels, nuclear reactions, wind, and biofuels ranges from 
35-45 %. Current solar methods have an efficiency of around 15 %. 

Readily accessible non-renewable sources of energy are quickly running out. 

Unfortunately, our current renewable sources of energy are inadequate to satisfy the 
demand. Conservation is one approach to meet the demand for electrical energy. To 
conserve energy, newer devices are designed to use less electrical energy than older 
ones. For example, some appliance manufacturers claim that replacing a 20-year-old 
refrigerator with a modern energy-efficient unit can save over $100 each year on your 
electricity bill. In fact, some municipalities offer free removal services to encourage 
their citizens to update their appliances. We can also help meet our energy demand 
by improving the efficiencies of power plants. 


Research This 


Deep Lake Water Cooling 

Skills: Researching, Analyzing, Evaluating, Communicating handmok • ’ a 2 .i,a 5 .i 


In summer, air conditioners use a lot of electrical energy to 
provide a comfortable environment in homes, shops, and offices. 
Working with a company called Enwave, Toronto has found a way 
to reduce the load that air conditioners place on the electricity 
supply. Enwave’s Deep Lake Water Cooling (DLWC) uses cold 
water from the depths of Lake Ontario to cool homes and 
businesses without using electrically powered air conditioners. 

1. Conduct research to learn why Lake Ontario can supply 
large amounts of cold water. 

2. Research how Deep Lake Water Cooling works, including 
what equipment is used and how energy is transferred 
during the cooling process. 


A. How does DLWC affect aquatic environments? Can it be 
considered a green energy source? Why or why not? ESi D 

B. Does DLWC take water away from Lake Ontario? Explain. Bi 

C. Compare and contrast DLWC with cooling systems that use 
energy derived from fossil fuels. Choose an appropriate way 
to communicate your comparison. Be sure to include 

(a) the similarities between the energy sources 

(b) the differences between the products of each 
energy source 

(c) the differences between their effects on the 
environment edo 

WEB LINK 


5.6 Present and Future Energy Sources 329 









Review 


7 


Summary 

• The most widely used fuels today are fossil fuels, which include petroleum, coal, 
and natural gas. Most coal consumed in Canada is used to generate electricity. 
Petroleum and natural gas are primarily used for transportation and heating. 
Fossil fuels, however, are non-renewable energy sources, and combustion of fossil 
fuels releases the greenhouse gases carbon dioxide and water vapour. 

• Nuclear fission, used in nuclear power plants, produces extremely large quantities 
of energy. However, nuclear power stations are expensive to build and operate, 
they have the potential for catastrophic accidents, and a long-term solution to 
the problem of how to safely store nuclear waste has not yet been found. 

• Coal can be used to produce coal slurry and syngas, synthetic fuel that can 
be used in the place of other fossil fuels. These fuels can extend the limited 
supply of fossil fuels, but they have similar costs to conventional fossil fuels. 

• Hydrogen gas can potentially be used as a fuel. A large amount of energy is 
released upon hydrogen combustion, but the product (water vapour) is 

a greenhouse gas. Hydrogen gas is currently very expensive to produce and 
challenging to transport and store. 

• Biofuels may be a significant alternate fuel source in the future. Although biofuels 
are renewable, they are produced from crops such as corn. Land usage shifts from 
food production to energy crop production, driving up food prices. 

• The efficiencies of energy resources vary widely. Much of the energy content 
of energy sources is lost in conversion and distribution processes, mostly as 
waste heat. 


Questions 


1. Describe each of the following possible energy 
sources, and suggest ways that they could replace 
current energy sources: 013 

(a) nuclear fusion 

(b) ethanol 

(c) syngas from coal gasification 

(d) coal slurry 

2. How do the energy changes associated with fission 
or fusion processes compare to the energy changes 
associated with chemical reactions? 013 

3. It is said that the energy we get from fossil fuels 
came from the Sun. Is this statement true or false? 
Explain your reasoning. 013 D 

4. Describe the advantages and disadvantages of coal 
and gasoline as energy sources. Be sure to include 
the economic and environmental impacts. BI3 D 

5. The enthalpy change from burning a gram of 
gasoline (octane) is -47.7 kj/g, while that from 
burning a gram of coal is -32.8 kJ/g. Compare 
coal and gasoline in terms of their efficiency as 
fuels. 013 D 


6. The per person energy usage in Canada is one of 

the highest in the world. 1213 D 

(a) Give two reasons for Canadas large per capita 
energy usage. 

(b) Identify ways Canadians could reduce their 
energy usage and the strengths and weaknesses 
of each. 

7. Many people believe hydrogen cars will someday 

replace gasoline cars, qq Eia D 

(a) What advantages does hydrogen have over 
gasoline as a fuel? 

(b) Give three reasons why hydrogen cars are not a 
viable option at this time. 

(c) Do you think it likely that hydrogen cars will 
one day replace gasoline cars? Support your 
answer. 

8. Research the source of electrical energy that is used 

to generate electricity in your area. (f| 013 EBl D 

(a) Where does your energy come from? 

(b) How much energy does this source produce? 

(c) Investigate any alternative energy that is used in 
your area and determine how it is used. 
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Explore an Issue in Wind Technology 


Is Wind Technology the Answer? 

On August 14, 2003, at 4:11 p.m., Ontario and much of the northeastern United 
States were hit by the largest blackout in North Americas history. Subway trains 
stopped running, refrigerators and stoves were no longer functional, traffic lights 
did not change, and our dependence on electricity was at the forefront of everyone’s 
thoughts. Luckily, electricity was restored within a few days. The blackout highlighted 
our need for a stable and reliable source of electricity. Many methods of electricity 
generation are available for communities and government to consider. Wind tech¬ 
nology (Figure 1) is one method of electricity generation that more communities are 
considering as a supplement to the electricity produced by hydroelectric, thermal, 
and nuclear power plants. Advances in wind turbine technology have provided sig¬ 
nificant improvements in efficiency. A modern wind turbine can generate enough 
electricity to meet the needs of several homes. This level of efficiency has sparked a 
surge in the construction of wind farms (large groupings of wind turbines) across 
Canada. Wind farms now generate enough power to meet the electrical energy needs 
of over one million Canadian homes (Figure 2). 

The use of wind to generate electricity has drawbacks. For example, wind 
technology is only viable in regions with strong and consistent winds. Also, wind 
turbines generate far less electricity than a hydroelectric or fossil fuel-burning 
generating plant. Hence, several wind turbines must be combined into a wind farm 
to make a noticeable contribution toward meeting the electricity needs of a com¬ 
munity. This requires large tracts of land. Other drawbacks include the noise pol¬ 
lution wind turbines generate and the potential loss of birds and bats that collide 
with the turbine blades. 


SKILLS MENU | 

• Defining the 

• Anaiyzing 

Issue 

• Defending a 

• Researching 

Decision 

• Identifying 

• Communicating 

Aiternatives 

• Evaiuating 



Figure 1 Main components of a typical 
wind farm 



Figure 2 This wind farm, located on the north shore of Lake 
Erie, can potentially generate enough electricity for more 
than 20,000 homes. 


The Issue 

A local energy producer wishes to build a wind farm near a residential area located 
next to a nature reserve that includes a lake. The wind farm would generate about 
15 % of the electricity used in this area. This would reduce the amount of elec¬ 
tricity generated at a nearby coal-burning electricity generating plant, which has 
been supplying 100 % of the area’s electricity. The wind farm has not yet been 
approved for construction. Concerned citizens are asking questions: Should a 
wind farm be built in this community? What are the environmental and economic 
advantages and disadvantages associated with this decision? 


5.7 Explore an Issue ir 


I 
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Goal 


The local government has decided to conduct a town hall meeting to hear the views of 
the public on the developer s plans to build the wind farm in the area. Your group of con¬ 
cerned citizens is asked to make a presentation to the town hall outlining the advantages 
and disadvantages of a wind farm in your community, to help community members to 
make an informed decision about whether or not the wind farm should be built. 



Research 


Gather information that will address the following: 

• the environmental and ecological advantages and disadvantages of wind farms 

• the economic advantages and disadvantages of wind farms 

• possible human health concerns associated with wind farms 

• regulations concerning construction of wind farms in Ontario 

• the process by which construction of wind farms is approved in Ontario 

# WEB LINK 

Possible Solutions 

• The environmental benefits of wind farms outweigh the disadvantages and 
therefore wind farms should be considered a viable source of electricity 
generation in the community. 

• The economic costs of building and maintaining a wind farm outweigh any 
benefits that a wind farm will bring to the community. 

Decision 

In addition to describing the pros and cons of wind farms in general, the members of 
your group and you must decide whether you are going to support the development 
of the wind farm in your community or not. 

Communicate 

• Decide on the method you will use to communicate your decision to 
the citizens who attend the town hall. You may choose to include a slide 
presentation or a video presentation. You may also include a brochure 
to distribute to the town hall participants, a poster to display at the town 
hall, a web page, or other communication media of your choice. In your 
presentation, you must provide information about the advantages and 
disadvantages of wind generator technology. 

• Present your findings to your audience. Compare your results to another 
group’s presentation. You may be able to discover some points you omitted. 



How could you use the skills you gained from this exercise 
to research an issue in your own community involving a 
commerciai enterprise that may be interfering with the local 
environment? Talk to several adults (parents, teachers, 
neighbours) to find out about issues in your local area that have 
led to conflict over potential damage to the environment. 

1. Once you identify an issue, use your research skills to find 


2. If possible, visit the site and take photos to document 


3. Write a letter to the editor of your local newspaper or 
create another means for expressing your views publicly on 
the issue. Be sure to defend your position with facts that 


the 


you found during your research. 


issue. 


m 


out what you can do about it. 


WEB LINK 
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Investigations 



Molar Enthalpy of a Chemical 

Change 

• Questioning • Planning • Analyzing 

• Researching • Controlling Variables • Evaluating 

• Hypothesizing • Performing • Communicating 

• Predicting • Observing 


In this investigation, you will carry out a reaction in a 
cofFee-cup calorimeter and measure the energy transfer 
between the chemical system and the surroundings. When 
aqueous sodium hydroxide, NaOH(aq), and aqueous 
hydrochloric acid, HCl(aq), are mixed, they undergo 
a neutralization reaction that forms aqueous sodium 
chloride, NaCl(aq), and liquid water, H20(l). The balanced 
chemical equation for this reaction is 

NaOH(aq) + HCl(aq) ^ NaCl(aq) + H20(l) 


Purpose 

To determine the molar enthalpy of neutralization, 

for the reaction of aqueous sodium hydroxide and aqueous 

hydrochloric acid 


Equipment and Materials 

• lab apron 

• chemical safety goggles 

• coffee-cup calorimeter 

• two 100 mL graduated cylinders 

• thermometer or temperature probe 

• stirring rod 

• 1.0 mol/L sodium hydroxide solution, NaOH(aq) 

• 1.0 mol/L hydrochloric acid solution, HCl(aq) @ 

© Sodium hydroxide and hydrochioric acid are both corrosive. 
Avoid skin and eye contact. In the case of contact, wash the 
affected area with pienty of cooi water. Inform your teacher. 



polystyrene cup 
(upside down) 


two nested 
polystyrene cups 

water or aqueous 
solution 


Figure 1 A coffee-cup calorimeter 


Procedure handbook L, *2.3, as 

1 . Put on your lab apron and safety goggles. 

2. Assemble a coffee-cup calorimeter as shown in 

Figure 1. 

3. Using the graduated cylinder, measure 50.0 mL of 
1.0 mol/L sodium hydroxide solution and add it to 
the calorimeter. 

4. Use the thermometer to measure and record the 
initial temperature of the sodium hydroxide solution. 
Remove and clean the thermometer under a stream 
of tap water. Dry it thoroughly. 

5. Use the second graduated cylinder to measure 50.0 mL 
of 1.0 mol/L hydrochloric acid solution. 

6. With the thermometer, measure and record the 
initial temperature of the hydrochloric acid solution. 
Remove and clean the thermometer under a stream 
of tap water. 

7. Slowly pour the hydrochloric acid solution into the 
calorimeter. Mix the contents of the calorimeter with 
the stirring rod. 

8. Place the thermometer in the mixture immediately. 
Measure and record the maximum temperature 
reached by the contents of the calorimeter. 

9. Dispose of the chemicals according to your teachers 
instructions. 

10. Rinse the cups with tap water. 


Analyze and Evaluate 

(a) Was the reaction exothermic or endothermic? What 
evidence is there to support this? CIS Bi 

(b) Calculate the mass of the acid solution and the base 
solution. Assume a density of 1.00 g/mL. QQ EZD 

(c) Calculate the temperature change of the acid and base 
solutions. Qd EZl 

(d) From the values obtained in (b) and (c), determine 
the thermal energy, q, released by the reaction. Qd Ea 

(e) Calculate the number of moles of base in the 
reaction. Qd EBl 

(f) Calculate the molar enthalpy of neutralization, 
of sodium hydroxide. Qd Dl 

if 
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(g) Calculate the percentage difference between the value Apply and Extend 


you obtained in the experiment and the accepted 
value for the molar enthalpy of neutralization of 
sodium hydroxide (-56 kj/mol). □!!] ESI 


(h) What improvements would you want to make in 
your calorimeter design to allow you to obtain more 
accurate results? Explain, qe] ESI D 

(i) What assumptions did you make in order to calculate 
the AH„em of sodium hydroxide, NaOH(aq)? BID ESI D 


OBSERVATIONAL STUDY 


Hess’s Law 

The combustion of magnesium metal releases thermal 
energy and light energy. This combustion reaction is 
represented by the balanced equation 
Mg(s) + I 02 (g) ^ MgO(s) 

In this investigation, you will determine the enthalpy 
change for this reaction using Hess’s law and the following 
three thermochemical equations: 

Reaction 1 

Mg(s) + 2 HCl(aq) ^ H 2 (g) + MgCl 2 (aq) AH, = ? 
Reaction 2 

MgO(s) + 2 HCl(aq) ^ H 20 (l) + MgCl 2 (aq) =? 
Reaction 3 

H 2 (g) + 102 (g) ^ H 20 ( 1 ) AH 3 = -286 kj 

For the first two reactions, you will determine the enthalpy 

values {AH, and AH 2 ) using data collected in a coffee-cup 

calorimeter. The enthalpy value for the third reaction is 

provided. 

Purpose 

To determine the molar enthalpy of combustion of 
magnesium metal using Hess’s law 

Equipment and Materials HANDBOOK *1-2 

• lab apron 

• chemical safety goggles 

• coffee-cup calorimeter 

• 100 mL graduated cylinder 

• thermometer 

• steel wool 

• balance and weighing boat 

• stirring rod 

• scoopula 

• 1.0 mol/L hydrochloric acid, HCl(aq) @ 

• 1.5 cm magnesium metal ribbon, Mg(s) 

• 1 g magnesium oxide, MgO(s) 

© Hydrochloric acid is corrosive. Eye protection and a lab 
apron should be worn. In the case of contact, wash the 
affected area with plenty of cool water. Inform your teacher. 


• Hypothesizing 

• Predicting 


• Planning 

• Controlling Variables 

• Performing 

• Observing 


• Analyzing 

• Evaluating 

• Communicating 


© Magnesium metal is flammable. Keep away from open 
flame. 

Procedure HANDBOOK L A2.3, A! 

1. Put on your lab apron and safety goggles. 

2. Obtain or assemble a coffee-cup calorimeter. 


Part A: Determining the Enthalpy Change of 

Reaction 1 

3. Use the graduated cylinder to measure 100.0 mL 
of 1.0 mol/L hydrochloric acid and pour it in the 
calorimeter. 

4. With the thermometer, measure and record the initial 
temperature of the hydrochloric acid. Remove and 
clean the thermometer. Dry it thoroughly. 

5. Rub a piece of the magnesium metal ribbon with steel 
wool. Using the balance, obtain about 0.5 g (±0.01 g) 
of magnesium metal. Record the actual mass. 

6 . Add the magnesium metal to the calorimeter. Stir the 
contents with the stirring rod. Ensure there are no 
open flames nearby. 

7. Measure and record the maximum temperature 
reached after mixing. 

8 . Dispose of the calorimeter contents as directed 
by your teacher. Rinse and dry the calorimeter, 
thermometer, graduated cylinder, and stirring rod. 

Part B: Measuring Enthalpy of Reaction 2 

9. Repeat Steps 3 and 4. 

10. Using the balance, obtain about 1.0 g (±0.01 g) of 
solid magnesium oxide. Record the actual mass. 

11. Add the magnesium oxide to the calorimeter. Stir the 
contents with the stirring rod. 

12. With the thermometer, measure and record the 
maximum temperature reached after mixing. 
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Analyze and Evaluate 

(a) From your data, determine the thermal energy, q, for 
reaction 1 and for reaction 2. QQ Bi 

(b) Determine the enthalpy of reaction per mole of 
magnesium (reaction 1) and the enthalpy of reaction 
per mole of magnesium oxide (reaction 2). QQ EZa 

(c) Using Hess’s law, determine the molar enthalpy of 
combustion of magnesium. You will need both of the 
values you determined experimentally and the given 
value for reaction 3. QIS EZD 


(d) Calculate the percentage difference between the value 
you obtained and the accepted value for the enthalpy 
of magnesium combustion (-602 kj/mol). 013 Em 

(e) Suggest at least three possible sources of error that may 
account for the difference you calculated, qq im D 

Apply and Extend 

(f) Magnesium is often a component in sparklers, 
hand-held fireworks fhat emit sparks. Explain why 
magnesium is used in these products. BID Em D 






Calorimetry versus Enthalpies of 
Formation 

• Questioning 

• Researching 

• Hypothesizing 

• Predicting 

• Planning 

• Controlling Variables 

• Performing 

• Observing 

• Analyzing 

• Evaluating 

• Communicating 


In this activity, you will use enthalpies of formation to 
determine the enthalpy change of a chemical reaction. 
Then, you will use the enthalpy values obtained from 
calorimetry experiments to calculate standard enthalpies 
of formation. Finally, you will compare the results of the 
two calculations. 

The calorimetry data is from an experiment involving 
a bomb calorimeter. During the experiment, the thermal 
energy released by the substance in the calorimeter is 
transferred directly to the calorimeter rather than to water. 
The quantity of energy transferred is determined using 

^bomb = X AT 

where Cbomb the heat capacity of the calorimeter in J/°C. 

Purpose hand^bTk . ^ A2.4 

To compare the experimental value of the enthalpy of 
combustion of ethanol with that derived from calculations 
based on enthalpies of formation for ethanol, water, and 
carbon dioxide. 

Procedure 

1. Determine the enthalpy of combustion per mole of 
ethanol using the experimental data in Table 1. 


Table 2 Standard Enthalpies of Formation 


Substance 

A//,° (kJ/mol) 

HM 

-285.8 

COjfg) 

-393.5 

CjHsOHfl) 

-235.2 


Analyze and Evaluate 

(a) Calculate the percent difference between the 
values you calculated in Steps 1 and 2. Explain any 
discrepancy between the two methods. BQ EQ 

Apply and Extend 

(b) Ethanol is commonly used as a fuel for cars and for 
heating homes. Based on your results, explain why 
ethanol makes a good fuel. BID D 

(c) Calculate the enthalpy of combustion for ethanol 
using bond energies and compare it with the other 
values. BID EQ 


Table 1 Data from Combustion of Ethanol in a Bomb Calorimeter 


Mass of ethanol 

3.26 g 

Heat capacity of calorimeter 

11.7kJ/°C 

Initial temperature of calorimeter 

21.5 °C 

Final temperature of calorimeter 

29.4 °C 


Determine the enthalpy of combustion per mole of 
ethanol using the standard enthalpies of formation in 

Table 2. 
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SUMMARY 


Summary Questions 


1. Create a study guide based on the Key Concepts on 
page 284. For each point, create three or four sub- 
points that provide further information, relevant 
examples, explanatory diagrams, or general equations. 


2. Look hack at the Starting Points questions on page 
284. Answer these questions using what you have 
learned in this chapter. Compare your latest answers 
with those that you wrote at the beginning of the 
chapter. Note how your answers have changed. 


Vocabulary 


thermochemistry (p. 286) 
energy (p. 286) 
work (p. 286) 
potential energy (p. 286) 
kinetic energy (p.286) 
thermal energy (p. 287) 
heat (p. 287) 
temperature (p. 287) 


Law of Conservation of Energy 
(p. 287) 

chemical system (p. 287) 
surroundings (p. 287) 
open system (p. 287) 
closed system (p. 287) 
isolated system (p. 287) 
exothermic (p. 288) 
endothermic (p. 288) 


fusion (p. 289) 
fission (p. 289) 

specific heat capacity (c) (p. 292) 
calorimetry (p. 293) 
calorimeter (p. 293) 
enthalpy (H) (p. 298) 
enthalpy change (A/^ (p. 298) 
molar enthalpy change (AWJ 
(p. 299) 


potential energy diagram (p. 302) 
bond dissociation energy (p. 307) 
Hess’s law (p. 314) 
standard enthalpy of formation 
m^) (p. 319) 
standard state (p. 319) 
coal slurry (p. 327) 
syngas (p. 327) 
efficiency (p. 329) 


Grade 12 Chemistry can lead to a wide range of careers. Some require a college 
diploma or a B.Sc. degree. Others require specialized or postgraduate degrees. This 
graphic organizer shows a few pathways to careers mentioned in this chapter. 

1. Select two careers related to Thermochemistry that you find interesting. Research 
the educational pathways that you would need to follow to pursue these careers. 
What is involved in the required educational programs? Prepare a brief report of 
your findings. 
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SELF-QUIZ 


QID Knowledge/Understanding Dl Thinking/Investigation 


Communication D Appiication 


For each question, select the best answer from the four 
alternatives. 

1. During a chemical reaction, which of the following 
statements is ALWAYS true? (5.1) BID 

(a) A system loses energy to its surroundings. 

(b) A system gains energy from its surroundings. 

(c) The total energy of a system and its surroundings 
remains constant. 

(d) The kinetic energy of the system equals the 
potential energy of the surroundings. 

2. Which of the following properties is NOT required to 
determine the amount of thermal energy needed to 
raise the temperature of a substance? (5.2) BID 

(a) mass 

(b) volume 

(c) temperature change 

(d) specific heat capacity 

3. Which of the following is true of endothermic 
reactions? (5.2) BID 

(a) They have a positive q value. 

(b) They release energy. 

(c) They have energy terms written on the product 
side of the reaction. 

(d) They can be identified by an increase in 
temperature of the surroundings. 

4. How much energy is absorbed by a 2.5 g substance 
that has a specific heat capacity of 0.58 J/g'°C 
and undergoes a temperature increase of 1.2 °C? 

(5.2) mm 

(a) 1.2 J 

(b) 1.7 J 

(c) 12 kj 

(d) 17 kJ 

5. Which of the following chemical bonds requires the 
most energy to break? (5.3) BID 

(a) a hydrogen bond 

(b) a single bond 

(c) a double bond 

(d) a triple bond 

6. Given the thermochemical equation 
H2(g) + |02(g)^H20(l) + 286kJ 

what is the AH of the decomposition of 2 mol of 
H20(1) into hydrogen gas and oxygen gas? (5.4) BID 

(a) -286 kJ 

(b) +286 kJ 

(c) -572 kJ 

(d) +572 kJ 


7. Given the formation reaction represented by 
C(s) + 2 H 2 (g) ^ GH 4 (g) 

which of the following substances in the reaction has 
aAf^ofO? (5.5) m 

(a) C(s) (c) GH 4 (g) 

(b) H 2 (g) (d) both (a) and (b) 

8. Which of the following is NOT a fossil fuel? (5.6) BID 

(a) uranium (c) petroleum 

(h) coal (d) natural gas 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

9. In a chemical reaction, both the reactants and the 
products have potential energy. (5.1) BID 

10. The AH of an exothermic reaction is a positive value. 
(5.2) m 

11. Scientists use potential energy diagrams to describe 
the total energy of a system. (5.2) BID 

12. The state of the reactants and the products is not 
important when calculating the enthalpy of a 
reaction. (5.2) BID 

13. When calculating the enthalpy of a reaction, it is 
important that the equation you are analyzing is 
accurately balanced. (5.2) BID 

14. Bond energies between the same atoms are similar in 
different molecules. (5.3) BID 

15. Two ways to estimate the enthalpy change of a 
chemical reaction are hy enthalpies of formation and 
bond energies. (5.3, 5.5) BID 

16. When you reverse a reaction, you must also reverse 
the enthalpy term of the initial reaction. (5.4) BQ 

17. If you write a combustion reaction for each of the 
substances in a chemical reaction, these reactions can 
be used in a Hess’s Law calculation to determine the 
enthalpy of the reaction. (5.4) BID 

18. For any reaction that can be written as a series of 
steps, the change of enthalpy is the same as the sum 
of the enthalpy changes for the steps. (5.2, 5.4) BID 

19. The enthalpy of formation of oxygen gas, 02 (g), is a 
negative value. (5.5) BID 

20. Not all conventional fuels are non-renewahle. (5.6) BB 

21. A modern wind turbine can generate enough 
electricity to meet the needs of several cities. (5.7) BID 


j Go to Nelson Science for an online self-quiz. 

( 10 ) 
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REVIEW 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. The total amount of potential energy and kinetic 
energy of a substance is called 

(a) energy of motion 

(b) conservation of energy 

(c) energy of composition 

(d) thermal energy (5.1) QQ 

2. How much energy is released when the temperature of 
a 21.2 kg mass of a substance decreases by 15 °C, if the 
substance has a specific heat of 1.6 J/g-°C? (5.2) m 

(a) 199 J 

(b) 509 J 

(c) 199 kj 

(d) 509 kJ 

3. Identify the statement that is true for the reaction 
described by the equation below. (5.2) m 
H2(g) + |02(g)^H20(l) + 286kJ 

(a) it is exothermic 

(b) it is endothermic 

(c) it occurs most quickly at room temperature 

(d) it has a positive enthalpy value 

4. If the average bond energy of an O-H bond is 
467 kj/mol, how much energy is needed to break 
the bonds in 2 mol of water? (5.3) 130 

(a) 234kJ/mol 

(b) 467 kJ/mol 

(c) 934kJ/mol 

(d) 1868kJ/mol 

5. Reaction A has a AH of —65 kJ and reaction B has 
a AH of +405 kJ. Reaction C is the combination of 
reaction A and 2 times reaction B. What is the AH of 
reaction C? (5.4) BO 

(a) -745 kJ 

(b) +745 kJ 

(c) -875 kJ 

(d) +875 kJ 

6. For the chemical reaction represented by 
C(s) + 02 (g) ^ C02(g) + 394 kJ 

what is the AH for the decomposition of 2 mol of 
C02(g) into its elements? (5.5) BO 

(a) +394 kJ 

(b) -394 kJ 

(c) +788 kJ 

(d) -788 kJ 


7. Which of the following is NOT characteristic of fossil 
fuels? (5.6) BO 

(a) they are renewable 

(b) they emit greenhouse gases when burned 

(c) they originate from organisms that lived millions 
of years ago 

(d) they may be solids, liquids, or gases 

8. Energy efficiency of a device or system refers to 

(a) the ratio of the energy output to the energy input 

(b) the quantity of electrical energy generated 

(c) the percentage of energy converted to thermal 
energy 

(d) the ratio of energy conversion to energy 
distribution (5.6) BQ 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

9. The law of conservation of energy states that the 
energy of a system is always 0. (5.1) BIS 

10. A reaction that absorbs thermal energy from its 
surroundings is endothermic. (5.1) BIS 

11. For an exothermic reaction, the change in enthalpy, 
AH, is negative. (5.2) BIS 

12. The molar enthalpy change, AH^ of a substance is 
the energy change that occurs when 1 gram of that 
substance undergoes a physical, chemical, or nuclear 
change. (5.2) BIS 

13. In a potential energy diagram, the potential energy is 
on the vertical (y) axis and the reaction progress is on 
the horizontal (x) axis. (5.2) BIS 

14. More energy is released when a double bond forms 
than when a triple bond forms. (5.3) BB 

15. Bond energies will give a very accurate value for the 
enthalpy of a reaction. (5.3) BIS 

16. Hess’s Law states that enthalpy change is dependent 
on the number of steps by which a reaction 
occurs. (5.4) BIS 

17. If the forward reaction of a reversible chemical 
reaction has a AH of —62 kJ, the AH of the reverse 
reaction is —62 kJ. (5.4) BIS 

18. Hess’s law supports the law of conservation of 
energy. (5.4) BIS 

19. Nuclear generating stations use fusion to release 
energy. (5.6) BIS 

20. Pure ethanol can be used directly as a fuel source in 
most automobile engines. (5.6) BIS 
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Understanding 

Write a short answer to each question. 

21. Identify each of the following as an exothermic or an 
endothermic process: (5.1) 013 

(a) freezing of water 

(b) combustion of acetylene gas 

(c) neutralization of a strong acid with a strong base, 
which increases the temperature of the solution 
from 20.5 °C to 26.0 °C 

(d) dissolution of a salt, which changes the 
temperature of the solution from 21 °C to 19 °C 

22. A chemical reaction releases 54 kj of energy. 

(5.1) mm 

(a) How much energy is absorbed by the 
surroundings? 

(b) Is the chemical reaction exothermic or 
endothermic? 

23. Imagine you pour 250 mL of hot cocoa into an insulated 
Thermos and another 250 mL into a ceramic cup. 
Explain why the cocoa in the Thermos stays warm for 
hours but the cocoa in the ceramic cup gets cold quickly, 
referring to thermal energy transfer. (5.2) ISIS D 

24. Methane, gasoline, and propane are all hydrocarbons 
that are commonly used as fuels in the gas state. What 
characteristics do the bonds of these molecules have 
in common that make them effective fuel sources? 
(5.3) QQEBl 

25. Explain why we can rearrange two chemical equations 
and add their enthalpy change values to determine 
the enthalpy change of a third reaction. (5.4) d!] 

26. A chemist carries out a reaction in a calorimeter 
and determines that the reaction releases 724 kJ of 
thermal energy. She then removes one-half of the 
product and places it in a second vessel. How much 
thermal energy does she need to add to the second 
vessel to reverse the reaction? Ignore the specific heat 
of the second vessel, and assume that the reverse 
reaction will proceed with only the addition of 
thermal energy. (5.4) dS EH 

27. Write a chemical equation for the formation of each 
of the following substances: (5.5) da EZO 

(a) NaCl(s) 

(b) H20 (s) 

(c) PbS 04 (s) 

(d) C6 Hi206(s) 

28. The standard enthalpy of formation, AHf, of 
aluminum oxide, Al 203 (s), is —1676 kj/mol. Write 
the balanced thermochemical equation for this 
reaction in both styles. (5.5) d3 EBl 


29. (a) Summarize the strengths and weaknesses of 

hydrogen gas as an alternative energy. 

(b) What possible discoveries could make hydrogen a 
more viable alternative to fossil fuels? (5.6) da D 

30. The enthalpy of combustion, for fuel A is 

— 30 kj/g and for fuel B is —50 kj/g. Based on this 
data, which fuel would you recommend for use in an 
airplane? Why? (5.6) da D 

31. (a) Give reasons why someone might choose to use 

electrical energy generated from a wind farm. 

(b) Give reasons why someone might choose NOT to 
use electrical energy generated from a wind farm. 
(5.7) daa 

Analysis and Application 

32. Using a graphic organizer, compare and contrast 
kinetic and potential energy. Include a diagram to 
support your comparison and provide two examples 
of each type of energy. (5.1) da B 

33. A student places a pan of water on a gas stove and 
heats the water with the flame from the burner. 

As the water heats, it begins to boil. Draw a series 
of diagrams that illustrate what happens to the 
water molecules and any energy transfers that 
take place. Briefly describe all the changes using 
the terms “exothermic,” “endothermic,” “system,” 
“surroundings,” “potential energy” and “kinetic 
energy” in the discussion. (5.1) da B 

34. The following balanced thermochemical equation 
represents the combustion of methanol gas: 

2 CH30H(g) + 3 02 (g) ^ 

2 C02(g) + 4 H20(1) -f 1452 kJ (5.2) da m 

(a) What quantity of thermal energy is released for 
each mole of water formed? 

(b) What quantity of thermal energy is released for 
each mole of carbon dioxide formed? 

(c) What quantity of thermal energy is released for 
each mole of oxygen reacted? 

(d) What is the molar enthalpy change, of 

this reaction? 

35. Determine the amount of energy absorbed by 
1.00 g of each of the following substances when its 
temperature is raised 10.5 °G: (5.2) da Di 

(a) silicon dioxide, Si 02 (s) 

(b) water H 20 (l) 
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36. A 100.0 rtiL volume of 1.0 mol/L hydrochloric acid 
was mixed with 100.0 mL of 1.0 mol/L sodium 
hydroxide at 23.5 °C in a coffee-cup calorimeter. 

After the reactants mix, the temperature increases to 

30.6 °C. The specific heat capacity of water is 
4.18 J/g-°C. (5.2) QIDEia 

(a) How much energy is released in this reaction? 

(b) How much energy per mole of hydrochloric acid 
is released in the reaction? 

37. The reaction by which mercury(II) oxide, HgO(s), 
decomposes to mercury and oxygen absorbs 

90.7 kJ/moL, and is represented by the equation 
HgO(s) ^ Hg(l) + i 02 (g) (5.2) mmwa 

(a) Write the thermochemical equation for this 
reaction with the thermal energy term separate 
from the reaction. 

(b) Write the chemical equation with the thermal 
energy term embedded in the reaction. 

(c) Draw the potential energy diagram for this 
reaction. 

38. In a coffee-cup calorimeter, a student mixes 1.60 g 
ammonium nitrate, NH 4 NO 3 , with 75.0 g water at 
an initial temperature of 25.00 °C. After dissolution 
of the salt, the final temperature of the calorimeter 
contents is 23.34 °C. Assuming the solution has 
the same heat capacity and density as liquid water, 
calculate the enthalpy change for the dissolution of 
ammonium nitrate. (5.2) QI3 EZa 

39. How much thermal energy is released when 60.0 g 
of potassium metal reacts according to the following 
equation? 

2 K(s) -f 2 H 20 ( 1 ) ^ H 2 (g) + 2 KOH(aq) -f 160 kj 
(5.2) QQEBl 

40. For 1 mol of ethanol, the enthalpy of vaporization, 

is —38.6 kj/mol and the enthalpy of fusion, 
AHfuj, is —26.1 kj/mol. (5.2) QIDEZD 

(a) Describe what happens to the energy of the 
molecules as the ethanol changes state from a 
solid to a liquid and then to a vapour. 

(b) Calculate the energy required to vaporize 2.0 mol 
of ethanol. 

(c) Calculate the energy required to melt 0.5 mol of 
solid ethanol. 

41. A student carried out two different reactions in a 
coffee-cup calorimeter: 

(1) CaC 03 (s) + 2 HCl(aq) ^ 

C02(g) + H20(1) + CaCl2(aq) 

(2) CaO(s) -f 2 HCl(aq) ^ H 20 (l) -f CaCl 2 (aq) 


Table 1 shows the data she collected. (5.2) 013 EZl 


Table 1 


Data 

Experiment 1 
(CaCOj -H HCI) 

Experiment 2 
(CaO + HCI) 

mass of reactant 

4.2 g 

4.7 g 

mass of acid 

170.2 g 

155.5 g 

initial temperature 

24.0 °C 

23.8 °C 

final temperature 

26.0 °C 

30.8 °C 


Assuming the specific heat capacity, c, of the solution 
is 4.18 J/g-°C and its density is 1.00 g/mL, calculate 
the enthalpy change of 

(a) reactions 1 and 2 

(b) the reaction given by the equation 
CaC 03 (s) ^ C02(g) + CaO(s) 

42. Liquid cyclohexane, C 6 Hi 2 (l), is a 6-carbon ring with 
a standard enthalpy of formation of —156 kj/mol. 
Liquid 1-hexene has the same molecular formula, 
C 6 Hi 2 ( 1 ), but is a linear molecule with a double 
bond. The standard enthalpy of formation of liquid 

1-hexene is —74.2 kj/mol. (5.2, 5.3) 013 EZO O 

(a) Write the formation reactions for cyclohexane 
and 1-hexene. Include an energy term. 

(b) Use the enthalpy of formation to calculate the 
enthalpy change for the combustion of liquid 
cyclohexane and liquid 1-hexene. 

(c) Compare the effect of the ring structure with the 
double bond on the enthalpy of combustion. 

43. Using bond energy values estimate the energy 
required to decompose these molecules into their 
atoms: (5.3) QI3 DU 

(a) CH 2 CI 2 (c) C 2 H 2 

(b) CHjBr (d) CH2=CH2 

44. (a) Using bond energies, verify that the combustion 

reaction of acetylene, C 2 H 2 (g), is an exothermic 
reaction. 

(b) Briefly outline how you determined your answer 
to (a). (5.3) m m 

45. Use bond energies to predict the enthalpy change for 
the following reactions. State whether the reaction is 
exothermic or endothermic. (5.3) 013 EHI 

(a) H 2 (g) + Cl 2 (g) ^ 2 HCl(g) 

(b) H2S(g) + 3 F2(g) ^ SF4(g) + 2 HF(g) 

(c) synthesis of 2 mol of ammonia from nitrogen and 
hydrogen gas 

(d) complete combustion of 1 mol of propene gas, 
H2C=CHCH3(g). 
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46. The major industrial source of hydrogen gas is from 
the reaction represented by the following equation: 

CH 4 (g) + H20(g) ^ CO(g) + 3 U,{g) 

Use bond energies to predict the enthalpy change for 
this reaction. (5.3) Qd EBl 

47. Much of the gasoline sold in Canada is a mixture of 
10 % ethanol and 90 % gasoline. Gasohol 

is a mixture consisting of about 10 % ethanol and 
90 % gasoline. The enthalpy of combustion per gram 
of gasoline is —47.8 kj/g. (5.3) QID D 

(a) Using bond energies, estimate the enthalpy of 
combustion per gram of ethanol. Assume that 
ethanol is in the gaseous state. 

C2H50H(g) + 3 02 (g) ^ 2 C02(g) + 3 H20(g) 

(b) Compare the enthalpy of the combustion 
reaction of ethanol to that of octane, one of the 
most common alkanes in gasoline. Discuss the 
implications of these enthalpies for a car’s driver. 

48. Determine the enthalpy for the reaction represented 
by the equation 

S02(g) + I 02 (g) ^ S 03 (g) 

Use Hess’s law along with the following equations: 

S(s) + 02 (g) ^ S 02 (g) AH = -296.8 kj 

2 S(s) + 3 02 (g) ^ 2 S 03 (g) AH = -795.45 kJ 
(5.4) QdBi 

49. Alumina, Al 203 (s), is a common component in 
sunscreens, and is produced by the reaction shown 
in the equation 

Fe 203 (s) + 2 Al(s) ^ Al 203 (s) + 2 Fe(s) 

Determine the enthalpy change of the above reaction, 
given the following formation reactions: 

2 Al(s) + I 02 (g) ^ Al 203 (s) AH = -1676 kJ 
2 Fe(s) + I 02 (g) ^ Fe 203 (s) AH = -824 kJ 
(5.4) mm 

50. The enthalpy of combustion of methane gas, CH 4 (g), 
to form liquid water, H 20 (l), is —891 kj/mol. The 
enthalpy of combustion of CH 4 (g) to form steam, 
H 20 (g), is —803 kj/mol. Use this information to 
determine the enthalpy of vaporization for water. 

(5.4) BdBi 

51. Ethanol and carbon dioxide are products in the 
fermentation reaction of glucose. The enthalpies of 
combustion for glucose and ethanol are -2813 kJ/mol 
and —1369 kJ/mol, respectively. (5.4) qq nn o 

(a) Calculate the molar enthalpy of the fermentation 
reaction given by the following equation: 
C6Hi206(s) ^ 2 C 2 H 50 H( 1 ) + 2 C02(g) 

(b) Would you expect a vessel where fermentation 
was occurring to feel warm or cool to the touch? 
Explain your answer. 


52. Use equations (1) to (4) to calculate the enthalpy change 
for the reaction represented by equation (5). (5.4) Qd E2n 

(1) Na(s) + I H 2 (g) + C(s) + I 02 (g) ^ NaHC 03 (s) 

AH = -948 kJ 

(2) 2 Na(s) + C(s) + | 02 (g) ^ Na 2 C 03 (s) 

AH= -1131 kJ 

(3) H 2 (g) + I 02 (g) ^ H20(g) AH = -242 kJ 

(4) C(s) + 02 (g) ^ C 02 (g) AH = -394 kJ 

(5) 2 NaHC03(s) ^ Na2C03(s) + H20(g) + C02(g) 

53. Use equations (1) to (4) to calculate the enthalpy change 
for the reaction represented by equation (5). (5.4) Qd Dd 

(1) P 4 (s) + 6 Cl 2 (g) ^ 4 PCl 3 (g) AH= -1226 kJ 

(2) P 4 (s) + 5 02 (g) ^ P40io(g) AH = -2967 kJ 

(3) PCl 3 (g) + Cl 2 (g) ^ PCl 5 (g) AH = -84 kJ 

(4) PCl 3 (g) + I 02 (g) ^ POCl 3 (g) AH = -286 kJ 

(5) P40io(s) + 6 PCl 5 (g) ^ 10 POCl 3 (g) 

54. Pyruvic acid, CH 3 COCOOH(aq), is an intermediate 
product of cellular respiration in living cells. The 
pyruvic acid is broken down into aqueous acetic acid, 
CH 3 COOH(aq), and carbon monoxide, CO(aq): 
CH 3 COCOOH(aq) ^ CH 3 COOH(aq) + CO(aq) 

Use the values in Table 2 to determine the enthalpy 
change for this reaction. (5.4) Bd Bd 


Table 2 


Compound 

AHcomb (kJ/mol) 

pyruvic acid 

-1275 

acetic acid 

-875 

carbon monoxide 

-283 


55. (a) With a flow chart, summarize the steps you 

would use to calculate the enthalpy change of a 
reaction 

(i) from standard enthalpies of formation 

(ii) from bond energies 

(b) Compare and contrast the two methods of 
calculation of enthalpy change. (5.5) Bd Dd D 

56. For each reaction represented by the following 
equations, use the values for AH° to calculate AH°: 

(a) 2 NH 3 (g) + 3 02 (g) + CH 4 (g)^ 

2 HCN(g) + 6 H20(g) 

(b) Ca3(P04)2(s) + 3 H2S04(1) ^ 

3 CaS04(s) + 2 H3P04(1) 

(c) NH 3 (g) + HCl(g) ^ NH 4 C 1 (s) 

(d) C2H50H(1) + 3 02 (g) ^ 2 C02(g) + 3 H20(1) 

(e) SiCl 4 (l) + 2 H 20 ( 1 ) ^ Si 02 (s) + 4 HCl(g) 

(f) MgO(s) + H 20 ( 1 ) ^ Mg(OH) 2 (s) 
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57. (a) Syngas, the fuel made from coal, can be burned 

directly or converted to methanol. Calculate the 
AH° for the reaction using AH°: 

CO(g) + 2 H,{g) ^ CH30H(1) 

(b) Is the reaction exothermic or endothermic? 

58. (a) Write the chemical equation that represents the 

formation reaction of acetone, C 3 HgO(l). 

(b) Using the combustion equations below, calculate 
the enthalpy of formation for acetone: 

(1) H^Cg) + i 02 (g) ^ H^Od) AH = -286 kj 

(2) C(s) + 02 (g) ^ C02(g) AH = -394 kJ 

(3) C3HgO(l) + 4 02 (g) ^ 3 C02(g) + 3 H20(l) 

AH = - 1784 kJ 

(5.5) mm 

59. The combustion reaction of solid benzoic acid, 
C 6 H 5 COOH(s), releases 3224 kj/mol of energy. Use 
the standard enthalpies of formation for water vapour 
and carbon dioxide gas to determine the standard 
enthalpy of formation for benzoic acid. (5.5) QQ ESI 

60. The process of photosynthesis produces aqueous 
glucose and oxygen gas from liquid water and carbon 
dioxide gas. (5.5) QID Em D 

(a) Calculate AH° for photosynthesis using AH° values. 

(b) Calculate AH° again, but using bond energies. 

(c) Compare your answers to (a) and (b) and account 
for any differences. 

(d) Is photosynthesis exothermic or endothermic? 

61. In the presence of concentrated sulfuric acid, 
H 2 S 04 (aq), the sugar sucrose, Ci 2 H 220 ii(s), breaks 
down into elemental carbon and water vapour. 

(5.5) mm 

(a) Write the chemical reaction for this process. Note 
that sulfuric acid is only a catalyst. 

(b) Determine the molar enthalpy change, using 
standard enthalpies of formation. 

62. When gasoline is heated in the presence of hydrogen 
gas and a catalyst, the gasoline “cracks.” During 
cracking, gasoline decomposes to 1 mol of methane, 

2 mol of ethane, and 1 mol of propane for each mole 
of octane. (5.5) laig Em D 

(a) Write the chemical reaction for this process, 
assuming all of the gasoline is octane, C8Hi8(l). 

(b) Determine the molar enthalpy change that occurs 
during the cracking process, using standard 
enthalpies of formation. 

63. Using standard enthalpies of formation, verify that 
the combustion reaction of hydrogen gas produces 
approximately 2.5 times the energy per gram as 
the combustion of methane gas, CH 4 (g), the major 
component of natural gas. (5.5, 5.6) QIS Em 
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64. The balanced chemical equation for the combustion 
of propane gas is 

C 3 H 8 (g) + 5 02 (g) ^ 3 C02(g) + 4 H20(1) 

AH = -2221 kJ 

What mass of propane must be burned to furnish 

8.7 X 10^ kJ of energy, assuming the energy transfer 
process is 60 % efficient? (5.2, 5.6) oig Em D 

65. Using a concept map, summarize the environmental 
consequences of burning fossil fuels. (5.6) QQ D 

66. During the process of nuclear fusion in the Sun, 
hydrogen atoms produce atoms of helium and release 

1.7 X 10® kJ of energy per mole of helium atoms. 

(a) How much energy is released when 500 g of 
helium atoms are produced by nuclear fusion? 

(b) How does this quantity of energy compare with 
other fuel sources? 

(c) Why is a similar fusion reaction not used to 
generate electricity? 

Evaluation 

67. Some automobile and bus engines are modified to 
burn propane gas, C 3 H 8 (g), as fuel. (5.5, 5.6) QQ Em D 

(a) Compare the amount of energy per gram released 
by complete combustion of propane and gasoline, 
assuming that gasoline is pure octane, C8Hj8(l). 

(b) Which is the more energy-efficient fuel source? 
Explain. 

(c) Do you think that gasoline should be replaced 
by propane gas in the trucking industry? Defend 
your position. 

68. In the process of coal gasification, the following 
reactions are used: 

C(s) + 2 H 2 (g) ^ CH 4 (g) 

C(s) + i 02 (g) ^ CO(g) (5.5, 5.6) Em D 

(a) Determine the enthalpy change for the 
combustion of each of the products in the 
reactions, using standard enthalpies of formation. 

(b) Based on these values, calculate the enthalpy 
change per gram. 

(c) Which is the better energy source: methane or 
carbon monoxide? Defend your position. 

(d) Do you think coal gasification could supply our 
energy needs in a sustainable way? Defend your 
position by considering both economic and 
environmental factors. 

Reflect on Your Learning 

69. Describe three pieces of information that you learned 
in this chapter that you found surprising. Why did 
they surprise you? QID Em 

NEL 



70. Think about what you have learned in this chapter. 
How can you apply the information you have learned 
to your everyday life? D 

71. What concepts in this chapter did you find most 
difficult to understand? What are some ways that you 
can improve your understanding of these concepts? 

72. Think about what you knew about chemical reactions 
and enthalpy before you studied this chapter. What 
were some misconceptions you had? QQ] 

Research web link 

73. An environmental activist tells you that we should 
stop building wind farms and only build solar farms. 
Research the costs, advantages, and disadvantages of 
both methods of generating electricity. Do you agree 
with his position? Justify your answer. (5.7) D 

74. Commercial power plants use fuel from a variety of 
sources, converting them into energy that people can 
use. Research a power plant and summarize how it 
converts fuel into electrical energy. D 

(a) What fuel efficiency is obtained? 

(b) What is/are the chemical reaction(s) used to 
produce this energy? 

(c) What is the energy change in terms of kj/g and 
kj/mol for this energy source? 

75. We get the energy our bodies need to perform daily 
activities through the food that we eat. D 

(a) Conduct research to find the relationship between 
joules and calories. Using this information, 
compare the enthalpy change from the complete 
combustion of two different food sources. 

(b) Compare these enthalpy values to the energy 
produced during the combustion of different fuels. 

76. Currently, many solar panels are only about 13 % 
efficient in converting solar energy to electricity. D 

(a) Research the average amount of electrical energy 
typically used in a Canadian home. 

(b) Determine the quantity of both solar panels and 
solar energy needed to meet the electrical need 
you identified in (a). 

(c) Is the use of solar panels a feasible energy source 
to provide all the energy to a home where you 
live? Explain. 


77. Conduct research to find out details on the 
procedures used by Germain Henri Hess to establish 
Hess’s law. D 

(a) Outline how Hess conducted his experiments, 
including the equipment he used. 

(b) What were some of the limitations that Hess had 
to deal with in the 1800s? 

(c) Suggest ways in which the experiment might have 
been different if Hess were working today. 

78. Many cars today use alternative energy sources. For 
example, hybrid cars typically combine gasoline with 
electrical power. D 

(a) Research the history of the hybrid car and 
identify other forms of transportation that use a 
hybrid power source. 

(b) Describe the advantages and disadvantages of 
hybrid cars. 

(c) Make an educated comparison to determine if a 
hybrid car is worth owning. 

79. Research the quantity of energy per capita that 
Canadians use. D D 

(a) Compare this energy use to other countries and 
determine any trends in the data. Choose one 
other country and directly compare the energy 
usage of that country to Canada’s. 

(b) List some of the factors that contribute to this 
energy use. 

(c) Write a letter to your Member of Parliament 
stating your opinion as to whether it is morally 
justified for Canada to continue this present level 
of energy consumption. 

80. Many chefs keep a box of baking soda near their 
stoves in case a grease fire breaks out. Research the 
reaction that occurs when baking soda is heated, 
and explain how it is effective for putting out grease 
fires. QElBa 


Chapter 5 Review 343 



Chemical Kinetics 



KEY CONCEPTS 

After completing this chapter you will 
be able to 

• recognize that rates of chemical 
reactions vary, and identify 
factors that affect the rate of a 
reaction 

• describe how the rate of 
disappearance of a reactant and 
appearance of a product are 
stoichiometrically related 

• explain how the rate of a 
reaction is determined by the 
series of elementary steps that 
make up the reaction 

• explain the concept of a reaction 
mechanism 

• use collision theory to explain 
why reaction rates increase 
or decrease under different 
conditions 

• explain how industry manipulates 
rates of reaction to increase 
efficiency and how improved 
efficiency of reactions contributes 
to environmental sustainability 


i 


Why Are Some Reactions with Nitroglycerine 
Not Explosive? 

Nitroglycerine is an extremely unstable liquid—a physical shock can cause it 
to explode. Originally discovered in 1847, nitroglycerine was considered too 
dangerous to transport or use until 1867, when Alfred Nobel discovered that 
mixing it with silica paste to form a solid makes it more stable. Nobels inven¬ 
tion, dynamite, made it possible to use the explosive power of nitroglycerine 
more safely. When dynamite is detonated, the nitroglycerine undergoes a 
rapid and highly exothermic decomposition reaction, releasing an enormous 
amount of energy in less than a second. Dynamite was used extensively in the 
building of Canadas railroads; nitroglycerine in its pure form was used as well, 
for tunnel blasting. The use of nitroglycerine resulted in many accidents and 
the deaths of labourers working on the railway. 

It may therefore surprise you to learn that nitroglycerine is also used as a 
heart medication. Doctors use nitroglycerine to treat angina, a type of chest 
pain associated with clogged arteries and decreased flow of blood, which 
reduces the supply of oxygen to the heart. Nitroglycerine can be given to 
patients as a tablet, spray, ointment, or patch. 

When it is used as a heart medicine, nitroglycerine does not explode. 
Instead, it undergoes a different chemical reaction, which releases small 
quantities of nitric oxide, NO(g). Nitric oxide acts on the walls of blood 
vessels to make their diameter larger. This increases blood flow and relieves 
angina. The production of nitrous oxide gas occurs at a much slower rate than 
the decomposition reaction of dynamite. There is far less energy released, so 
the nitroglycerine is not harmful. Interestingly, Alfred Nobel was prescribed 
nitroglycerine to treat a heart condition and, in 1998, R.E Furchgott, L.J. 
Ignorro, and F. Murad won the Nobel prize for discovering that nitric oxide 
acts as a signalling molecule in the cardiovascular system. 

The majority of chemicals can enter into a number of different chemical 
reactions, depending on the reactants and the conditions under which they 
interact. These reactions can form products at very different rates. 



Answer the following questions using your current 
knowledge. You will have a chance to revisit these questions 
later, applying concepts and skills from the chapter. 

1. Give an example of a chemical reaction that forms 
products quickly and one that forms products slowly. 

2. Why are some chemical reactions able to form products 
quickly while others only form products slowly? 

3. Why might a predicted chemical reaction fail to take 
place (for example, a match head that fails to ignite 
when struck)? 


4. Suggest at least three ways in which the quantity of a 
product formed per minute in a chemical reaction could 
be changed. 

5. Why is it important for chemists to know the quantity of 
a product a chemical reaction can form per unit of time 
(for example, per minute)? 

6. Why is industry interested in manipulating the quantity 
of a product a chemical reaction can form per unit 

of time? 
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Mini Investigation 


An Exercise in Speed 

Skills: Performing, Observing, Analyzing, Communicating 

In this activity, you will observe changes in the mass of a 
solution undergoing a chemical reaction and relate these 
changes to the speed of the reaction. When solid calcium 
carbonate, CaCOjis), is placed in a dilute solution of 
hydrochloric acid, HCI(aq); carbon dioxide gas; water; and 
aqueous caicium chloride, CaC^aq), are formed. When the 
reaction occurs in an open container, the carbon dioxide gas 
will escape into the air, so the mass of the contents of the 
beaker wili decrease. By plotting the mass of the beaker and its 
contents over time, you can estimate the rate of the reaction. 
The balanced chemical equation for this reaction is 
CaCOaCs) + 2 HCI(aq) ^ CaCljCaq) + COjCg) + HjOO) 
Equipment and Materials: chemical safety goggles; lab apron; 
gloves; 100 ml graduated cylinder; 250 ml beaker; electronic 
balance; timer; small piece of solid calcium carbonate, 
CaCOais); 1 mol/L hydrochloric acid solution, HCI(aq) @ 

Dilute hydrochloric acid Is an Irritant. Avoid skin and eye 
contact. If you spill this chemical on your skin, wash the 
affected area with plenty of cool water and Inform your 
teacher immediately. 

1. Put on your safety goggles, apron, and gloves. 

2. Using the graduated cylinder, carefully transfer 100 ml of 
the hydrochloric acid solution into a 250 ml beaker. 

3. Place a small piece of solid calcium carbonate on the 
pan of an electronic balance. Then, place the beaker 


HANDBOOK ■ ■ A1.1, A1.2, A2.1 

containing the hydrochloric acid on the pan beside the 
calcium carbonate. Tare the balance. 

4. Carefully place the calcium carbonate piece Into the 
hydrochloric acid solution in the beaker on the balance. 
Start the timer immediately. This is time zero. 

5. Record the mass of the beaker and its contents every 
30 s for 10 min. 

A. Calculate the decrease in mass for each minute, starting 
at time zero. The decrease in mass equals the mass of 
carbon dioxide gas produced in the reaction during each 
minute m 

B. Plot a graph of mass of carbon dioxide gas formed 
(y-axis) versus time in minutes (x-axis). m b 

C. Calculate the mass of carbon dioxide gas that was 
formed In total over the 10 min time period. 

D. What was the average rate of formation of carbon dioxide 
gas over the 10 min interval? Calculate the rate in both 
g/min and in mol/min. lai 

E. During what time was the rate of carbon dioxide gas 
formation the highest? The lowest? Mark these areas 
on your graph, be: 

F. Suggest a reason why the reaction rate changed during 
the course of the reaction, b 

G. How might you slow down the reaction rate? B 

H. How might you speed up the reaction rate? B 
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chemical kinetics the area of chemistry 
that deals with rates of reactions 


reaction rate the change in concentration 
of a reactant or a product of a chemical 
reaction per unit time 


gaseous product 



gaseous product 

Figure 1 Some chemical reactions 
produce a gaseous product. For gases 
that are not soluble in solution, the 
rate of production can be measured 
by measuring the volume of aqueous 
solution displaced. 


Reaction Rates 

Chemical kinetics is the branch of chemistry concerned with the rates of chemical 
reactions. A rate is a change in a measurable quantity over time. You have already 
experienced how different processes can proceed at different rates. For example, 
during a journey by plane from Toronto to Vancouver, the speed at which you travel 
will be much different than if you travelled from Toronto to Montreal by train. You 
could calculate the average speed for both these journeys by dividing the distance 
by the time. Different chemical reactions also proceed from reactants to products 
at different rates. For example, the combustion of propane takes just a fraction of a 
second, while the oxidation of silver may take years. The reaction rate of a chemical 
reaction is the change in concentration of a reactant or product per unit time. How 
do we determine the reaction rate of a specific chemical reaction? 

Measuring Reaction Rates 

To determine the speed of a journey, you need to know only the distance travelled 
and the time it took to travel from the start to the end. This will give you the average 
speed during the journey. Alternatively, you could use a device such as a speedometer 
that records the speed you are travelling at specific moments during the journey. This 
latter method is more similar to how the rate of a chemical reaction is determined. 
For a chemical reaction, it can be difficult to know exactly when the reaction is 
complete. Therefore, chemists track the progress of a chemical reaction by observing 
the appearance of a product or disappearance of a reactant at particular time points. 
These observations are then used to calculate reaction rate. 

We must therefore have some technique to determine the quantity of either a 
reactant or a product at several different times during the progress of the chemical 
reaction. When deciding on a method to track the progress of a reaction, chemists 
look for a technique that does not interfere with the reaction progress or rate, and is 
as simple as possible to carry out. Commonly used methods include tracking changes 
in gas volume, colour, mass, pH, and electrical conductivity. 

For example, suppose you wanted to track the reaction of calcium metal, Ca(s), in 
liquid water. The balanced equation for this reaction is 

Ca(s) + 2 HjO ^ Ca(OH) 2 (aq) + H 2 (g) 

Since this reaction forms hydrogen gas, the simplest way to track the reaction 
progress is to measure the quantity of hydrogen gas formed. If the reaction is car¬ 
ried out in a closed container, you could follow the production of hydrogen gas by 
measuring the changes in pressure within the reaction vessel. Using an open vessel, 
you could determine the volume of gas produced by forcing the gas to flow into 
a container filled with water, such as the tube in Figure 1. Gas production is then 
determined from the quantity of water that is displaced. 

For a chemical reaction that involves a colour change, you can follow the reaction 
progress by measuring the change in colour intensity with a spectrophotometer. The 
colour of any object or substance is determined by the wavelengths of light that it 
absorbs. The colour you see is the remaining transmitted wavelengths. A spectro¬ 
photometer accurately detects the quantity of light absorbed at specific wavelengths. 
When the spectrophotometer is set up to detect changes in light absorption in the 
range that is absorbed by a coloured substance in a chemical reaction, the meas¬ 
ured absorption directly correlates with changes in the quantity of that substance. 
For example, an aqueous solution containing only hypochlorate ions, CIO (aq), 
or iodide ions, I (aq), will be colourless. When these two solutions are combined, 
the hypochlorate and iodide ions react to form a coloured product, the hypoiodite 
ion, lO (aq). 

C10“(aq) + r(aq) ^ IO"(aq) + Cr(aq) 
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At the beginning of this reaction, there are no hypoiodite ions and the solution is 
clear. As the reaction progresses, the solution becomes an increasingly intense yellow 
colour, which directly correlates with the concentration of hypoiodite ions. By col¬ 
lecting spectrophotometric data at various times after the solutions are mixed, you 
can determine the reaction rate. 

For some reactions, the reaction rate can be determined from the mass at various 
times during the reaction progress. This technique can be used when a gaseous sub¬ 
stance is produced in an open vessel. As the gas escapes into the air, the mass of the 
vessel and its contents will decrease. Consider the reaction of solid calcium carbonate 
and hydrochloric acid, represented by the following equation: 

CaC 03 (s) -f 2HCl(aq) ^ C02(g) -f H20(l) -f CaCl 2 (aq) 

The total mass of the vessel, including the solution, reactants, and products, decreases 
when the carbon dioxide gas produced is allowed to escape from the vessel. By meas¬ 
uring the total mass at various times during the reaction, you can determine the 
quantity of carbon dioxide gas produced during the reaction. 

For chemical reactions that involve a change in pH, the progress of the reaction can 
be observed using a pH meter, pH paper, or a pH indicator such as phenolphthalein. 
For example, when sulfur trioxide gas, S 03 (g), is bubbled through liquid water, it 
forms liquid sulfuric acid, H 2 S 04 ( 1 ), according to the chemical equation 

S 03 (g) + H20(1) ^ H 2 S 04 (aq) 

This chemical reaction contributes to acid rain, which has significant negative conse¬ 
quences for the environment and for some buildings and other structures. Since pH 
meters provide the most precise data, they are used most often for investigations of 
reaction rates involving pH changes. ® career link 

Changes in the quantities of the reactant(s) or product(s) of other chemical reac¬ 
tions can cause changes in conductivity (the ability to conduct an electrical current). 
For example, when an alkyl halide is hydrolyzed in water, the products include one 
or more ions. Ions are charged, so they can carry an electrical charge in solution. 
The following equation represents the hydrolysis of neutral molecules of 2-methyl-2- 
chloropropane, (CH 3 ) 3 CC 1 , which produces hydrogen ions and chloride ions: 

(CH 3 ) 3 CCl(aq) -f H20(l) ^ (CH 3 ) 3 COH(aq) -f H+(aq) -f Cr(aq) 

Since more ions form as the reaction progresses, the conductivity of the solution will 
increase over time. A conductivity meter, such as the one shown in Figure 2, can be 
used to measure the conductivity at different times. 


Calculating Average Reaction Rates 

Collecting data on changes in the quantity of substances involved in a chemical 
reaction is just the first step in determining the rate of a chemical reaction. The 
change in concentration of a reactant or product over a specified time period is the 
average reaction rate. We can use the following equation to calculate the average rate 
of reaction of a reactant or product. A: 

concentration of A at time t 2 — concentration of A at time h 

rateA = - 

ti- h 

In chemical notation, the symbol A (delta) indicates a change in a given quantity, 
and chemical symbols placed inside square brackets indicate the entity’s concentra¬ 
tion in mol/L. Using these symbols, we can rewrite the equation above as 


, A[A] 
rateA = —:— 

At 

where [A] represents the concentration of A in mol/L, A [A] represents the change in 
the concentration of A in mol/L, and At represents a time interval, or change in time. 


UNIT TASK BOOKMARK 


You can apply what you have learned 
about different methods of determining 
reaction rate to the Unit Task described 
on page 402. 



Figure 2 The rate of production of 
an ionic product can be measured by 
conductivity. 


average reaction rate the change in 
reactant or product concentration over a 
given time interval 
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Figure 3 Nitrogen dioxide is a brown 
gas that can be formed from gases 
in taiipipe emissions. It is a major 
component of smog. This ground-levei 
nitrogen dioxide gas and one of the 
products of its decomposition, nitric 
oxide gas, undergo further reactions 
that increase ground-ievel ozone, which 
harms humans and other iiving things. 


Table 2 Average Rates of 
Disappearance of Nitrogen Dioxide Gas 
during Its Decomposition Reaction 



Since the concentration of a product increases with reaction progress, then A [A] 
will be positive when A is a product. However, the concentration of a reactant will 
decrease over time, so A [A] will be a negative quantity when A is a reactant. For con¬ 
venience, we will always define the rate as a positive quantity, as you will see. 

Consider the decomposition reaction of nitrogen dioxide, N02(g), a brown gas that 
is a major contributor to smog (Figure 3). The following chemical equation represents 
the decomposition of nitrogen dioxide gas to gaseous nitric oxide, NO(g), and oxygen: 

2N02(g)^2N0(g) + 02 (g) 

Table 1 shows data collected in an investigation in which nitrogen dioxide gas was 
placed in a sealed flask at 300 °C. Over the 300 s time period, the concentration of the 
reactant, nitrogen dioxide gas, decreases with time, and the concentrations of the 
products, nitrogen oxide gas and oxygen gas, increase with time. 


Table 1 Concentrations of Reactant and Products over Time 



Concentration (mol/L) 

Time (±1 s) 

NO^fg) 

N0(g) 

02 (g) 

0 

0.0100 

0 

0 

50 

0.0079 

0.0021 

0.0011 

100 

0.0065 

0.0035 

0.0018 

150 

0.0055 

0.0045 

0.0023 

200 

0.0048 

0.0052 

0.0026 

250 

0.0043 

0.0057 

0.0029 

300 

0.0038 

0.0062 

0.0031 


Let us use the data given in Table 1 to calculate the average rate at which the 
nitrogen dioxide gas is consumed over the first 50 s of the decomposition reaction. 

A[N02(g)] 

rateNo,(g) =-- 

_ [N02(g)].=5Qs - [NO2(g)L=0s 

50 s - 0 s 

_ 0.0079 mol/L - 0,0100 mol/L 
50 s 

rateNO,(g) = -4.2 X 10"^mol/L-s 

Note that since the concentration of nitrogen dioxide gas decreases with time, 
A[N02] is a negative quantity. As it is customary to work with positive reaction rates, 
we define the rate of this particular reaction as 

A[N02(g)] 

rateNo.Cg) “ 

= -(-4.2 X 10“® mol/L-s) 

= 4.2 X 10"^ mol/L - s 


The average rate for the disappearance of nitrogen dioxide gas for each 50 s 
interval during the decomposition reaction is given in Table 2. Over the same time 
period the rate of oxygen production is given by 


rateo,(g) 


^ A[02(g)] 

At 

= 2.2 X 10“^ mol/L - s 


Note that a negative sign indicates the consumption of a reactant while a positive 
sign indicates the production of a product. The numerical value of the reaction rate 
can therefore always be a positive number. 
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In the chemical equation for the decomposition of nitrogen dioxide gas, both the 
reactant, nitrogen dioxide gas, and the product, nitric oxide gas, have the coefficient 2, 
so nitric oxide gas appears at the same rate that nitrogen dioxide gas is consumed. 
For every 2 mol of nitrogen dioxide gas that is consumed, 2 mol of nitric oxide gas 
appears. So, if the average rate of nitrogen dioxide gas consumption in the period 
0 s to 50 s is 4.2 X 10^^ mol/L-s, then the rate of nitric oxide gas appearance over the 
same period must be 4.2 X mol/L-s as well. Similarly, for every 2 mol of nitric 
oxide gas that appears, 1 mol of oxygen gas appears. Consequently, the rate of nitric 
oxide gas production will be twice that of oxygen gas. These ratios are dictated by the 
stoichiometry of the chemical equation. 


Tutorial 1 Calculating Average Rates of Reaction 


In this tutorial you will calculate average reaction rates for a specified time interval, from 
experimental data and stoichiometric reiationships. 


Sample Problem 1: Calculating Average Rate of Appearance 

Using values from Table 1 calculate the average rate of appearance of nitric oxide gas 

over the first 50 s of the chemical reaction. 

Given: From Tabie 1 on page 348 the measured concentrations of nitric oxide gas during 
the first 50 s are 


Time (±1 s) 

[N0(g)] (mol/L) 

0 

0 

50 

0.0021 


Required: average rate of appearance of nitric oxide gas over the first 50 s 

Analysis: 


Since the average rate of appearance of a product will be a positive number, then 

, A[A] 
rate,.^ 

Solution: 

_ A[A] 


rate* = - 


Af 


A[N0(g)] 


[N0(g)k50s - [NO(g)ko3 

50 s - 0 s 

_ 0.0021 mol/L - 0 mol/L 
50s 

rateNo(g) = 4.2 x 10“^ mol/L-s 

Statement: The average rate of appearance of nitric oxide gas over the first 50 s of the 
reaction is 4.2 x lO'® mol/L-s. 


Sample Problem 2: Calculating Average Rate of Disappearance 

Using values from Table 1, calculate the average rate of disappearance of nitrogen dioxide 

gas over the first 100 s of the reaction. 

Given: The data from Table 1 for nitric oxide gas over the first 100 s are 


Time (±1 s) 

[N02(g)] (mol/L) 

0 

0.0100 

100 

0.0065 














Required: average rate of disappearance of nitrogen dioxide gas over the first 100 s 
Analysis: Since the average rate of disappearance of a reactant will be a negative 
number, use the following equation: 


ratOft = 

Solution: 


m 

At 


At 

^ A[N0,(g)]^ 
/[N02(g)L = ioo 


- [N02(g)L=o, 


100 s - 0 s / 

0.0065 mol/L - 0.0100 mol^\ 


V 100 s 

= -(-3.5 X 10-=mol/L-s) 
tewo^rg) = 3.5 X 10“® mol/L-s 


Statement: The average rate of disappearance of nitrogen dioxide gas over the first 100 s 
of the reaction is 3.5 x 10“® mol/L s. 


Practice 

1. At 40 °C, hydrogen chloride gas, HCI(g), will form from the reaction of gaseous 
hydrogen and chlorine, according to the following balanced chemical equation: 
H2(g) + Cl2(g) ^ 2 HCI(g) 

Table 3 shows the data that were collected as a chemist carried out this reaction. 


Table 3 Concentrations of Reactants and Products at Specific Time Points 
and Average Concentrations over Specific Time Periods 



Concentration (mol/L) 

Time (s) 

H2(g) 

ci2(g) 

HCI(g) 

0 

1.000 

1.000 

0.000 

2.16 

0.500 

0.500 

1.000 

4.32 

0.250 

0.250 

1.500 


Using the data provided, calculate the following average rates: lai 

(a) disappearance of hydrogen gas in the first 2.16 s of the reaction 

[ans: 0.231 mol/L-s] 

(b) appearance of hydrogen chloride gas in the first 4.32 s of the reaction 

[ans: 0.347 mol/L-s] 

(c) disappearance of chlorine gas between 2.16 s and 4.32 s 

[ans: 0.116 mol-s/j 

(d) disappearance of hydrogen gas in the first 4.32 s 

[ans: 0.174 mol/L-s] 
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Determining the Average Reaction Rate Using Graphical Data 

Another way to determine the average rate of a reaction is by using data plotted on a 
graph. First, be sure you recall these math terms. A secant line is a hne that intersects 
two points on a curve. The slope of a hne is a measure of how steep the line is relative to 
the horizontal axis, calculated from the following expression: 

Ay 

— (rise over run) 

Ax 

Figure 4 is a graph of the concentration of a reactant. A, versus time. The average rate 
of the reaction between two time points, h and t 2 , is equal to the slope of the secant hne 
drawn between points q and t 2 on the x-axis of the graph: 

A [a] Ay (concentration) 

rate^ =-— or--r- 

At Ax (time) 

where Ay and Ax are read from the values on they-axis and the x-axis, respectively. 


Reaction Progress 



of the reactant from point t, to point 4 is the siope of the secant iine. 


Since the reaction rate changes with time and the rate may be different depending 
on which reactant or product is being studied, you must be very specific when 
describing a rate for a chemical reaction. As you can see in Figure 5 on the next page, 
plotting the concentration of a reactant—in this case, nitrogen dioxide, N 02 (g)— 
against time gives a falling curve with a steadily decreasing negative slope. If you plot 
data for the concentration of a product against time, the result is a rising curve with 
a steadily decreasing positive slope. Notice also that the curve for the concentration 
of the product, nitric oxide gas, NO(g), has the same shape as the curve for the con¬ 
centration of nitrogen dioxide gas, except that it is inverted. Therefore, for any given 
time period, the slope of the secant to the curve for the concentration of nitric oxide 
gas will be the negative of the slope of the secant to the curve for the concentration of 
nitrogen dioxide gas. If you take the absolute values of these two slopes, you see that 
the consumption of nitrogen dioxide gas has the same average reaction rate as the 
formation of nitric oxide gas. You will analyze Figure 5 further in Tutorial 2. 







Reaction Progress 


UNIT TASK BOOKMARK 


You will use your knowledge of 
calculating reaction rates in the Unit 
Task on page 402. 



Figure 5 A sealed flask containing nitrogen dioxide gas was maintained at 300 °C. The 
concentrations of gaseous nitrogen dioxide, nitric oxide, and oxygen were determined every 50 s. 
These data were then graphed. 


Tutorial 2 Determining the Average Rate of Reaction Using a Graph 


In this tutorial, you will analyze the graph in Figure 5 to determine average reaction rates. 

Sample Problem 1: Average Reaction Rate for the Appearance of a Product 


Use Figure 5 to determine the average reaction rate for the 

production of oxygen gas between 180 s and 320 s. 

Solution 

step 1. Since the concentrations of oxygen gas at 180 s and 
320 s were not measured, they must be interpoiated 
from the graph in Figure 5. From the graph, you may 
interpoiate that the concentration of oxygen gas at 
180 s is 0.0025 mol/L and at 320 s is 0.0031 moi/L. 

Step 2. You now need to caicuiate the slope of the secant 

line, as was shown previously in Figure 4. The siope of 
this iine is, by definition, the average rate of reaction. 

Ay (concentration) 

'■ate =-^- 

Ax (time) 


Therefore, the average reaction rate for the appearance 
of oxygen gas over the required time period is 

. Ay 
- Yx 

_ 0.0031 mol/L - 0.0025 moi/L 
320 s-180 s 

rateo^(g) = 4.3 x 10“® moi/L-s 

Statement: The average rate of reaction for the appearance of 
oxygen gas between 180 s and 320 s under the conditions of 
Figure 5 is 4.3 x 10“® moi/L-s. 


Practice 

1. Hydrogen peroxide in aqueous soiution, H202(aq), wiii decompose to produce oxygen 
gas and water. Use Figure 6 to caicuiate the average reaction rate for the appearance 
of oxygen gas between 5 s and 10 s. Em a 
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Figure 6 Change in the concentration of aqueous hydrogen 
peroxide and oxygen gas over time 


Instantaneous Rate of Reaction 

In Tutorial 2, you interpolated information from a graph of concentration versus time 
to determine the average rate of a reaction for a time period of interest. Alternatively, 
you may use such a graph to determine the rate of reaction at any single instant in 
time, a value known as the instantaneous reaction rate. Consider the graph of con¬ 
centration versus time in Figure 7. The instantaneous rate at any time t is equal to 
the slope of the tangent to the curve at that particular instant in time. A tangent is 
a straight line that touches a curve at a single point and does not cross through the 
curve. To draw a tangent to a curve reasonably accurately, use a graphing calculator. 



Figure 7 The instantaneous rates of reaction are given by the slopes of the tangents at the specific 
times of interest, in this case, f, and fj. 

To compare the reaction rates at the two points and t 2 in Figure 7, you can draw 
a line tangent to the curve at each point and calculate the slope of each tangent. 


instantaneous reaction rate the rate of a 
chemical reaction at a single point in time 
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The tangent line at tj = 20 s decreases approximately 0.2 mol/L for each 32 s, so the 
instantaneous rate at this time is 
Ay 

ratejnstantaneous at tj - 20 s = “ — at 20 S 
-0.2mol/L 
32 s 

ratein,tantaneou"atti = 20s = 6 X 10“^mol/L- S 

For t 2 , the tangent line decreases approximately 0.15 mol/L for each 60 s, so the 
instantaneous rate at this time is 
Ay 

ratCijjstantaneous at t =100s =-^t 100 S 

" Ax 

—0.15 mol/L 
60s 

rateinstantaneousatt2=100s = 2.0 X lO'^mol/L'S 

The slope of the graph in Figure 7 is approximately twice as steep at ti as at tj- 
This means that the rate of disappearance of the reactant is approximately twice as 
fast at ij as at f 2 - 


Reaction Rates (page 390) 

Now that you have learned some 
methods for calculating reaction 
rates, you are ready to apply these 
skills to measure the rate of change 
in the concentration of a reactant 
over time. 


Tutorial 3 Slope and Instantaneous Rate 


In this tutorial, you will determine instantaneous rates of reaction from graphical data, 
using tangents to a curve. 

Sample Problem 1: Instantaneous Rate of Appearance 
Using Figure 8, calculate the instantaneous rate of appearance of oxygen gas at 250 s 
during the decomposition of nitrogen dioxide gas, NOjig), as represented by the following 
balanced chemical equation: 

2 NO^Cg) ^ 2 N0(g) + 02(g) 


Reaction Progress 



dioxide gas as a function of time 
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Solution 

Identify the line in Figure 8 that is tangent to the oxygen gas concentration curve at 250 s. 
This tangent line is the hypotenuse of a right triangle; Ay is the change in concentration, 
A[02(g)]f = 250 s. Qiven as 0.0003 mol/L; and Ax is the change in time, Af, of 75 s. 
Substitute these values for Ay and Ax in the slope formula to get the instantaneous rate 
of appearance of oxygen gas at 250 s. 
rateinstantaneousat f = 250 s = slope of the tangent line at 250 s 

A[02(g)]f = 25 


- at 250 s 


At 

_ 0.0003 mol/L 
75 s 

teinstantaneousatt = 250s = 4 X 10 ^mol/LS 


Statement: The instantaneous rate of appearance of oxygen gas at 250 s is 
4 X 10“® mol/L-s. 


Sample Problem 2: Instantaneous Rate of Disappearance 

Using Figure 8, determine the instantaneous rate of disappearance at 100 s of nitrogen 

dioxide gas for the chemical reaction represented by the following balanced chemical 

equation: 

2 N02(g) ^ 2 NO(g) + 02(g) 

Solution 

Identify the line in Figure 8 that is tangent to the nitrogen dioxide gas concentration 
curve at 100 s. This tangent line is the hypotenuse of a right triangle; Ay is the change in 
concentration, A[N02(g)]f=ioos. Qiven as 0.0026 mol/L; and Axis the change in time, 

Af, of 110 s. 

Substitute these values for Ay and Ax in the slope formula to get the instantaneous rate 
of disappearance of nitrogen dioxygen gas at 100 s. 


'■^'instantaneous at f = 100 s 


= slope of the tangent line at 100 s 


^ A[N02(g)kioos 
At 

_ -0.0026 mol/L 

110 s 

teinstantaneousatf = 100s ~ 2.4 X 10 mOl/LS 


Statement: The instantaneous rate of disappearance of nitrogen dioxide gas at 100 s is 
2.4 X 10“^ mol/L-s. 


Reaction Rates 


355 






Sample Problem 3: Comparing Instantaneous Rates of Reaction 
Using the graph of concentration versus time for the decomposition of nitrogen dioxide 
gas shown in Figure 9, determine whether the rate of appearance of nitric oxide gas is 
fastest at 100 s, 200 s, or 350 s. Tangent lines to the curve for nitrogen dioxide gas 
decomposition at these points are shown in pink. 


Reaction Progress 



Time (s) 

Figure 9 Concentration versus time graph for the decomposition of NOgfg) 

Solution 

Compare the reiative siopes of the tangent iines at 100 s, 200 s, and 350 s on the nitric 
oxide concentration curve in Figure 9. Since the siope corresponds to the rate, you know 
that the tangent iine with the steepest siope represents the fastest instantaneous rate. 
Therefore, at 100 s, the instantaneous rate of appearance of nitric oxide gas is fastest, 
because the siope of the tangent at this point is the greatest. 

Statement: For the decomposition reaction of nitrogen dioxide gas iiiustrated in Figure 9, 
the instantaneous rate of appearance of nitric oxide gas is fastest at 100 s, in comparison 
to the instantaneous rates at 200 s and at 350 s. 

Practice 

1 . Using the data from Figure 10, caicuiate the instantaneous rate of appearance of oxygen 
gas at 4 s for the decomposition of hydrogen peroxide represented by the equation 
2H202(aq)^2H20(l) + 02 (g) 

Reaction Progress 



Figure 10 Concentration versus time graph for the decomposition of HjOjig) 
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Table 4 Volume of Hydrogen Gas 
Released at 30 s Intervals 


2. An investigation was conducted to determine the rate of reaction between 100 ml 
of 1.0 mol/L nitric acid, HNOjIaq), and a sample of magnesium ribbon, l\/lg(s), 
represented by this balanced chemical equation: 

2 HNOaiaq) + l\/lg(s) ^ Mg(N03)2(aq) + Hjig) 

The volume of hydrogen gas released was measured at 30 s intervals, and is given 

in Table 4. BUD 

(a) Graph the volume of hydrogen gas released (y-axis) versus time (x-axis). 

(b) Calculate the instantaneous rate at 60 s, 150 s, and 210 s. 

[ans: 60s: 5X10"^ mLYs, 150 s: 0.03 mlis, 210 s: 0 mlVs] 

(c) Is the rate of the appearance of hydrogen gas faster at 60 s or 200 s? Explain 
how you know, referring to your graph, [ans: 60 s] 


Stoichiometric Rate Relationships 

When we measure reaction rates from a graph, we often describe them using a nota¬ 
tion that represents the negative slope of the reactant graph and the positive slope of 
the product graph, and allows the numerical value of the rate to be an absolute value. 
To do this, you use a negative (—) sign to indicate a rate of consumption of reactant 
and a positive ( + ) sign to indicate a rate of formation of product. For example, the 
reaction rate for the decomposition of nitrogen dioxide gas could be represented by 
any of these expressions: 


_A[NO^_ 

At 

, A[NO(g)] 


At 

A[02(g)] 


x mol/L-s 

= xmol/L-s 

= X mol/L-s 


Since nitrogen dioxide is a reactant and so is consumed, the slope of a graph of its 
concentration versus time will be negative. 

The decomposition of nitrogen dioxide gas is represented by the following bal¬ 
anced chemical equation: 


Time (s) 

Hydrogen gas 
released (ml) 

0 

0 

30 

2.0 

60 

3.7 

90 

5.2 

120 

6.4 

150 

7.3 

180 

8.6 

210 

8.6 



Reaction Rates and Absolute Value 

Note that a negative (-) sign 
indicates a rate of consumption 
of reactant and positive (-i-) sign 
indicates a rate of production of 
product. The numerical value xcan 
therefore be an absolute value. 


2 N02(g) ^ 2 NO(g) + 02 (g) 


From the stoichiometry of the balanced chemical equation, the information about 
the rate of this reaction (the stoichiometric rate relationship) can be summarized 
as follows: 


— (rate of consumption N02(g)) = — (rate of appearance of NO(g)) 
= rate of appearance of 02 (g) 


1^ A[N02(g)] ^ 


1 ^ A[NO(g)] ^ 

A[02(g)] 

At 
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Notice that the coefficients of the balanced chemical equation must appear in the 
denominator of the coefficients of the rates to make the rates equal. These stoichio¬ 
metric rate relationships apply to instantaneous reaction rates as well as to average 
rates of reaction. For example, in Sample Problem 1 of Tutorial 3, you calculated the 
instantaneous rate of oxygen gas appearance at 250 s as 


Slope of the tangent to the oxygen gas concentration curve at 250 s = 


0.00030 mol/L 
75 s 


= 4.0 X 10”® mol/L-s 

The corresponding tangent line for the nitric oxide gas concentration curve 
(shown in Figure 8 on page 354) indicates a change in nitric oxide gas concentration 
of 0.00060 mol/L at the same instant in time. The instantaneous rate for nitric oxide 
gas production at 250 s is therefore 


, 0.00060 mol/L 

Slope ot the tangent to the nitric oxide gas concentration curve at 250 s =-- 

= 8.0X10“® mol/L-s 

The slope of the tangent line at t = 250 s on the oxygen gas concentration curve 
is half the slope of the tangent line at t = 250 s on the nitric oxide gas concentration 
curve. Therefore, you can conclude that at 250 s, the rate of appearance of oxygen gas 
is half that of nitric oxide gas. 


Tutorial 4 Calculating Rates Using Stoichiometry 


In this tutorial, you will apply the stoichiometric information given in a balanced equation 
to calculate average and instantaneous rates of reaction. 

Sample Problem 1 : Writing a Stoichiometric Rate Relationship 
Write the stoichiometric rate relationship between products and reactants for the 
decomposition of dinitrogen pentoxide gas, NjOjIg), into gaseous nitrogen dioxide and 
oxygen. This reaction is represented by the following balanced chemical equation: 

2NA(g)^4N02(g) + 02(g) 

Solution 

Scale the expressions for the rates of consumption of the reactant and appearance of the 
products by the inverse of their coefficients in the balanced chemical equation. 

^ (rate of consumption of N205(g)) = ^ (rate of appearance of N02(g)) 

= rate of appearance of 02(g) 

_ 1 / A[N205(g)] \ 

2v Af ; 

_ 1 / A[N02(g)] \ 

41 Af ; 

A[02(g)] 

Af 


Chapter 6 • Chemical Kinetics 







statement: The stoichiometric rate relationship between products and reactants for the 
decomposition of dinitrogen pentoxide gas, NjOsig), into gaseous nitrogen dioxide and 
oxygen is 

1/ A[NA(g)] ^ ^ Y A[NO,(g)] \ 

2V Af ) A\ M J 
^ A[02(g)] 

At ■ 

Sample Problem 2: Using Stoichiometry to Calculate Instantaneous Rates 
For the chemical reaction represented by the equation 
2NA(g)^4N02(g) + 02(g) 

(a) If the rate of disappearance of NjOjIg) is 5.6 x 10'^ mol/L-s at 60 s, determine the 
rate of appearance of oxygen at this same point in time. 

(b) Calculate the rate of appearance of NOjig) at 90 s if the rate of appearance of 
oxygen at this time is 2.0 x 10'^ mol/L-s. 


^[^ 205 ( 0 )]?= 60 
Af 


= 5.6 X 10“2mol/L 


I rate of appearance of 02 (g) at 90 s, 

^[02(g)]f=90 

At 


- = 2.0 X 10“^mol/L 


Required: (a) rate of appearance of 02 (g) at 60 s 
(b) rate of appearance of N02(g) at 90 s 

Analysis: Scale the rates by the inverse of their coefficients in the balanced chemical 
equation. Then, substitute the given rates and solve for the required rates. 

Solution: 

2N205(g)^4N02(g) + 02(g) 


U_ A[N 205 (g)] \ ^ 1 / A[N02(g)] \ 
2V At J At J 

^ A[02(g)] 

Af 


(a) For this part, only the rate expressions for 02 (g) and N 205 (g) are needed. Substitute 
the rate given for N 205 (g) and solve for the 02 (g) rate. 

A[02(g)] _ 1 / A[N205(g)] \ 

At 2 V At J 

= ^ (5.6 X 10“^ mol/L-s) 

= 2.8 X 10“^ mol/L-s 
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(b) For the appearance of NOjig) at time 90 s, only the Ojlg) and NOjig) rate expressions 
are needed. Substitute the value given for the 02(g) rate and solve for the NO2 rate. 



1 /^ A[N02(g)] ^ 


;(g)] \ _ A[02(g)] 


At J At 



= 4(2.0 X 10 ^ mol/L-s) 
= 8.0 X 10“^ mol/L-s 


Statement: (a) The rate of appearance of 02(g) at 60 s is 2.8 x 10 ^ mol/L-s. 

(b) The rate of appearance of N02(g) at 90 s is 8.0 x 10“^ mol/L-s. 

Practice 

1. The formation of ammonia gas from its elements is represented by the following 
balanced chemical equation: 

N2(g) + 3 H2(g) ^ 2 NH3(g) m 

Determine the stoichiometric rate relationship between the rate of consumption and 
the rate of appearance of 

(a) hydrogen gas and ammonia gas [ans: 3:2] 

(b) nitrogen gas and hydrogen gas [ans:i:3] 

(c) nitrogen gas and ammonia gas [ans: i:2] 

2. Ammonia gas and oxygen gas react to form nitric oxide, NO(g), and water vapour 
according to the following balanced chemical equation: 

4 NH3(g) + 5 02(g) ^ 4 NO(g) + 6 H20(g) 

Assuming that the instantaneous rate of consumption of ammonia gas is 
1.8 X 10"^ mol/L-s, determine the instantaneous rate of 

(a) oxygen gas consumption [ans: 2.2 x 10-^moi/L-s] 

(b) water vapour appearance eq [ans: 2.7 x 10-^moi/L-s] 

3. Consider the general chemical reaction represented by the equation aA + bB ^ cC. 
The rate relationship formula for this reaction is 

^ Y_AB\ 
a\ At) ~ b\ At) 



where a, b, and c, are the coefficients from the balanced chemical equation. Use 
this formula to determine the values of coefficients a, b, and c, given the following 
average rate data: 

AA/At = 0.0080 mol/L-S; AB/At = 0.0120 mol/L-S; AC/Af = 0.0160 mol/L-s. 

Bil [ans: a = 2, 6 = 3, c = 4] 
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Review 


Summary 

• To determine the rates of chemical reactions, chemists may monitor changes 
in pressure, volume, colour, mass, pH, or conductivity. 

• Reaction rates are not constant; they change as the reaction proceeds. 

• The average rate of reaction is the change in concentration of a reactant or 
product over a specified time period. 

• The instantaneous reaction rate is the rate of a chemical reaction at one 
specific instant. 

• By convention, reaction rates are always expressed as positive values. 

• For any chemical reaction, the reaction rate can be expressed in terms of any 
reactant or product, and all of these rates are related by the stoichiometric 
relationships found in the balanced chemical equation. 
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Questions 


1. Solid phosphorus and oxygen gas react to 
form solid tetraphosphorus decoxide, P 40 io(s). 
Determine the average rate of reaction for oxygen 
gas during the first 40 s if the concentration of 
oxygen changes from 0.200 mol/L to 0.000 mol/L 
during this time interval. ESI 

2. The chemical reaction represented by the following 
balanced chemical equation takes place in aqueous 
solution: 

Mn 04 "(aq) + SFe^+Caq) + 8H+(aq) ^ 

Mn^’^(aq) + 5Fe^^(aq) + 4H20(1) 

When the disappearance of the permanganate ion, 
Mn 04 (aq), is monitored, the rate of reaction for the 
consumption of the permanganate ion is calculated 
as 4.0 X 10“^ mol/L - s. Calculate the reaction rate 
and express it with respect to each of the other 
reactants and the products in the reaction. D 

3. Gaseous ammonia and oxygen can react as shown 
by the following balanced chemical equation: 

4 NH3(g) + 5 02 (g) ^ 4 NO(g) + 6 H20(g) 

The instantaneous rate of consumption of ammonia 
gas is 2.0 X 10“^ mol/L-s at 10 s. Dl 

(a) Determine the instantaneous rate of 

(i) consumption of oxygen gas at 10 s 

(ii) appearance of water vapour at 10 s 

(b) Explain the relationship between the 
instantaneous rates of ammonia gas 
consumption and nitrogen monoxide gas 
appearance in the reaction. 


4. Nitric oxide gas reacts with oxygen gas to form 
nitrogen dioxide gas according to the following 
balanced chemical equation: 

2 NO(g) + 02 (g) ^ 2 N02(g) 

The rate of the reaction with respect to oxygen gas 
consumption is 

A[02] 

rate = 

= 2.0 X 10“^mol/L-s 

(a) Express the rate of the reaction with respect 
to nitrogen dioxide gas formation, and then 
calculate the rate. 

(b) Explain why the rates have different signs. ED 

5. One mole of aqueous sulfuric acid, H 2 S 04 (aq), 
reacts with 2 mol of aqueous sodium hydrogen 
carbonate, NaHC 03 (aq), in an acid-base 
reaction, m 

(a) Write a balanced chemical equation for this 
reaction. 

(b) If 0.038 mol sodium hydrogen carbonate reacts 
in 20 s, calculate the average reaction rate as 

(i) grams of sodium hydrogen carbonate 
consumed per second 

(ii) moles of sulfuric acid consumed per 
second 

(iii) moles of carbon dioxide gas formed per 
second 
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Figure 1 Small shavings of wood ignite 
more easily and burn much faster than 
a large log with much less surface area. 



Factors Affecting Reaction Rates 

In the previous section, you learned how to determine average reaction rates and 
instantaneous reaction rates. When chemists study reaction rates, they carefully 
describe the conditions under which the reaction takes place. This is because there 
are many factors that can affect the rate of a chemical reaction, such as the chemical 
and physical characteristics of the reactant(s), the concentration of the reactant(s), 
and the temperature at which the reaction takes place. In some cases, the presence 
of a substance that is not directly involved in the reaction itself can alter the rate of a 
chemical reaction. 

You have probably observed the effect of some of these factors in your daily life. For 
example, you have likely started a campfire or a fire in a wood-burning stove or fire¬ 
place at some point. A wood fire is actually a series of combustion reactions occurring 
at once. Wood is a complex substance made up of a number of different chemicals, 
each of which will burn at a different rate. The reactants in a wood fire are oxygen gas 
and gaseous substances released from wood. It is very difficult to light a fire if you start 
with a large log. Instead, you usually start with small bits of wood, known as kindling, 
and maybe some paper. The first combustion reaction occurs when you strike a match 
or light a hghter. This flame is applied to the kindling, heating it. When the kindling has 
reached a high enough temperature, some of the chemicals on the surface of the wood 
enter the gas phase, mix with oxygen in the air, and then begin to burn (Figure 1). As 
more kindling begins to burn, the temperature rises, which increases the rates of the 
combustion reactions. At some point, the fire will be hot enough that larger pieces of 
wood will burn readdy. You may also change the rate of the combustion reaction if you 
adjust the position of the logs or blow on the fire. These actions increase the concentra¬ 
tion of oxygen that is in contact with the surface of the wood. 

Chemical Nature of the Reactants 

The chemical nature of a pure substance gives it its chemical properties. A chemical 
property relates to the behaviour of a pure substance when it undergoes a chemical 
change or reaction. The tendency of a substance to undergo chemical reactions, such as 
combustion or oxidation reactions, is an example of a chemical property. The chemical 
properties of a substance can profoundly affect the reaction rate, as we can see by con¬ 
sidering oxidation reactions and the metal elements. Some metals, such as sodium and 
potassium, are very reactive and react with oxygen (and other substances) so quickly 
that they are never found naturally in their elemental state. Other metals, such as plat¬ 
inum, gold, and silver, are generally unreactive and so oxidation occurs very slowly 
(Figure 2). This makes these metals ideal for use in jewellery and electronics. 



Figure 2 (a) Sodium reacts quickly with oxygen and must be stored covered with mineral oil 
to avoid exposure to the air. (b) Copper reacts slowly with atmospheric oxygen, forming a layer 
of brown-black copper oxide, (c) Gold does not oxidize at room temperature—it is resistant to 
oxidation up to its melting point of 1064 °C. 
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Concentration of Reactants 


You may have seen signs in hospitals warning about smoking or using flames where 
oxygen gas is in use. Why do you think that is? Oxygen makes up about 20 % of air, 
but the cylinders of compressed gas used to supply oxygen to patients can be 50 % 
oxygen gas or higher. These higher concentrations of oxygen gas cause combustion 
reactions to be rapid, violent, and even explosive. 

The rate of many chemical reactions increases at higher concentrations of react¬ 
ants. Zinc metal will produce zinc chloride and hydrogen gas when placed in a solu¬ 
tion of hydrochloric acid (Figure 3): 

Zn(s) -f 2 HCl(aq) ^ ZnCl 2 (aq) -f H 2 (g) 

Suppose you conducted an investigation in which you placed the same mass of 
zinc metal in increasingly concentrated solutions of hydrochloric acid. You would 
observe that the reaction rate was slow in dilute solutions of hydrochloric acid, where 
the concentration of this reactant was low. As the concentration of acid increased, so 
would the reaction rate. 

Surface Area 

The rate of the chemical reaction between zinc metal and hydrochloric acid shown 
in Figure 3 could also be changed by modifying the zinc to expose more surface 
area. You could do this by cutting the mass into as many small pieces as possible. 
Similarly, 1 g of sugar will dissolve in water more quickly if added as powdered sugar 
than as sugar cubes. Notice that, in both of these examples, the reactants are in dif¬ 
ferent states of matter (solid and liquid). For any reaction in which the reactants 
are in more than one state of matter, the greater the surface area of the solid, the 
faster the reaction rate. Since only the atoms or ions at the surface of a solid reactant 
can interact with other reactants, increasing the surface area of a solid reactant 
in effect increases its concentration. This is the main reason why kindling lights 
more quickly than a log. The rate of combustion of fine flour dust can be so rapid 
that it has caused explosions at flour mills. Workplaces that create fine particles 
such as flour dust are required to keep the dust under control for the safety of their 
workers. # career link 

Temperature of the Reaction System 

In general, the rate of a chemical reaction increases with the temperature at which it 
is carried out. Chemists have found that the rates of many reactions double for every 
10 °C increase in temperature and are halved for every 10 °C decrease. If you mix 
a bowl of cake batter and leave it sitting on the counter at room temperature for an 
hour, very little will change. However, if you put the batter in the oven at 175 °C for 
that same period of time, chemical reactions will occur within the batter that result in 
a baked cake. Alternatively, you store perishable food in the refrigerator to slow down 
chemical reactions that will cause the food to spoil (including the chemical reactions 
that support the growth of micro-organisms). Many packages of medications contain 
directions for storage in cool places away from heat sources for the same reason. 

Cold-blooded animals such as amphibians and reptiles take on the temperature of 
their surroundings. They are less active during cool nights than warm days because 
their metabolic rates, or rates at which their bodies use energy, decrease as they lose 
thermal energy. The infrared image in Figure 4 shows a cold-blooded animal, a 
snake, that is at the same cool temperature as its surroundings. This appears as dark 
blue to black on the infrared image. In contrast, the warm-blooded mouse that it 
is eating is at much higher temperature than the surroundings, so it appears bright 
yellow to orange. 



Figure 3 In the reaction between zinc 
metal and hydrochloric acid, the rate of 
hydrogen gas formation will increase with 
the concentration of hydrochloric acid. 


Factors Affecting the Rate of 
Chemical Reactions (page 391) 

Now that you have learned about the 
factors that may affect the rate of 
a chemical reaction, you will select 
a reaction to investigate and then 
evaluate factors that may increase 
the reaction rate. 




Figure 4 Notice the difference between 
the temperature of the mouse and 
the snake that is eating it. In contrast 
to warm-blooded animals, which 
maintain and regulate their own body 
temperature, cold-blooded animals 
cool down when the temperature of the 
surroundings drops. This lowers the rates 
of the chemical reactions that control 
muscle activity, causing the animal to 
become less active. 
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catalyst a substance that alters the rate 
of a chemical reaction without itself being 
permanently changed 



As you work on your Unit Task on page 
402, consider ali the different factors 
that can affect reaction rate. 


biological catalyst a catalyst made by a 
living system 


heterogeneous catalyst a catalyst in a 
reaction in which the reactants and the 
catalyst are in different physical states 

homogeneous catalyst a catalyst In a 
reaction in which the reactants and the 
catalyst are in the same physical state 


Presence of a Catalyst 

A catalyst is a substance that changes the rate of a chemical reaction but remains 
unchanged during the reaction. Thus, a catalyst can participate in the same reac¬ 
tion over and over again. Often only very small amounts of a catalyst are needed to 
increase the rate of a reaction. 

Many industrial processes involve catalysts. For example, polyethene (also called 
polyethylene) is a polymer made by passing ethene gas over a metal catalyst. The 
metal catalyst speeds up the addition reaction that opens the double bond of ethene, 
allowing ethene molecules to join to make polyethene. Polyethene is used to make 
many things we use every day, including garbage bags, plastic wrap, squeeze bottles, 
and insulation for cables. Most other polymers, including synthetic rubber, nylon, 
polyester, PVC, and Teflon, are also made with the help of metal catalysts. Metal 
catalysts are used in the catalytic converters in vehicle exhaust systems that are used 
to reduce harmful pollution (Figure 5). They increase the rate at which exhaust gases 
react with oxygen so that more of the exhaust products will be oxidized into harmless 
or less harmful substances. Highly toxic carbon monoxide gas is oxidized to carbon 
dioxide, for example. 

Most biological reactions rely on catalysts to allow them to proceed at high rates 
under moderate temperature. Catalysts produced by living organisms are called 
biological catalysts or biocatalysts. Most biological catalysts are large protein mol¬ 
ecules called enzymes. 

Enzymes control most of the processes in living cells, so they are very important to 
health. For example, lactase is an enzyme which aids in the digestion of lactose, a sugar 
found in milk. Babies often have high amounts of lactase, while adults have much less. 
Someone with little or no lactase is lactose intolerant and has difficulty digesting milk. 

Many industrial processes, including the manufacture of beer, yogurt, cheese, 
medicines, and enzyme-containing detergents, use biocatalysts (Figure 6). Most 
of these enzymes are produced by fermentation processes using bacteria, yeast, or 
moulds. Enzymes tend to be sensitive to temperature and pH, so much research has 
gone into finding ways to make enzymes capable of working under industrial condi¬ 
tions. The use of catalysts in industry can also reduce costly and environmentally 
harmful energy consumption by allowing reactions to proceed rapidly at relatively 
low temperatures. 

Catalysts can be divided into two main types. A heterogeneous catalyst exists in 
a different state of matter from the reactants, usually as a solid. For example, in the 
polymer manufacturing process and the catalytic converters described previously, the 
metal catalyst is present in the solid phase, while the reactants are in the gas phase. 
A homogeneous catalyst is one that is in the same phase as the reactants, usually a gas 
or liquid phase. For example, enzymes and the reactants they catalyze are in aqueous 
solution, so enzymes are a type of homogenous catalyst. 



Figure 5 A catalytic converter converts 
toxic exhaust emissions from an internal 
combustion engine into non-toxic substances. 

A thin layer of the metal catalyst is spread over a 
honeycomb lattice to increase the surface area of 
the catalyst, further increasing the reaction rate. 



Figure 6 Enzymes called lipases help blue 
cheeses to ripen. 
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Review 


Summary 

• The rate of any reaction depends on the chemical nature and physical 
properties of the substances reacting. 

• An increase in reactant concentration increases the rate of a reaction. 

• When reactants are in different states of matter, an increase in reactant surface 
area increases the rate of a reaction. 

• An increase in temperature increases the rate of a reaction. 

• A catalyst increases reaction rate without being consumed in the reaction. 

• Biological catalysts control most biological reactions, and most are enzymes. 


7 


Questions 

1. In each example below, identify the factor that 
affects the reaction rate. BQ 

(a) Copper metal will turn green over time. 

(b) Milk can last several weeks when refrigerated, 
but will quickly sour at room temperature. 

(c) The dust in coal mines has been known to 
explode, whereas whole chunks of coal are 
difficult to ignite. 

(d) Magnesium metal is not used to make pipes. 

(e) Zeolite is added to large-chain hydrocarbons, 
causing them to break down into smaller, more 
useful molecules. The zeolite is then removed 
and reused. 

(f) Hydrogen peroxide (3 %) purchased in the 
drugstore is safe to put on open cuts. Hydrogen 
peroxide (30 %) purchased for the lab can cause 
very severe burns. 

(g) A glow stick will glow longer when placed in 
the freezer. 

(h) Signs warn about the dangers of having sparks 
or open flames near flammable fuels. 

(i) Flour mills ban smoking due to the high 
probability of explosions. 

(j) Phenylketonuria is a genetic disorder in 
which the body cannot produce the enzyme 
phenylalanine hydroxylase. People with 
this disorder cannot digest phenylalanine, a 
common amino acid. 

2. Identify five different factors likely to affect reaction 
rate. Give an example of each from life outside 
your chemistry class that was not discussed in this 
section, oiga 

3. A research chemist wants to decrease the rate of a 
reaction by a factor of 4. How should she change 
the temperature to try to achieve this reduction 
in rate? Explain your answer. E2i 


4. Digestive enzymes are present in very small 
quantities. Explain why they are not needed in large 
amounts, even though they are used by almost all 
biochemical processes in the body. D 

5. If metal ores are mixed with carbon, they will react 
very slowly to produce elemental metal. What 

are two ways the rate of this reaction might be 
increased? D 

6. A chemical called BHT (butylated hydroxytoluene 
or 2,6-di-tert-butyl-p-cresol) is found in many 
boxed foods, either in the food itself or in the 
packaging material (Figure 7). 

(a) Conduct research to find out how BHT affects 
chemical reaction rates. Relate this to its use in 
boxed foods. 

(b) Carry out a cost-benefit analysis of the use of 
BHT in the food industry. You may need to 
conduct additional research. Communicate your 
findings as an informative pamphlet suitable for 
distribution to the public. # 120 B EX 
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Figure 1 Calcium chloride or other salts will 
melt ice more quickly if the ice is broken up 
first, exposing more surface area. 


collision theory the theory that chemical 
reactions can occur only if reactants 
collide with proper orientation and with 
enough kinetic energy to break reactant 
bonds and form product bonds 


Explaining Reaction Rates 

After an icy winter storm, you might sprinkle crystals of a chemical such as calcium 
chloride around to melt the ice (Figure 1). The calcium chloride dissolves in any liquid 
water. This chemical reaction releases thermal energy that melts the ice, which then 
allows more calcium chloride to go into solution and melt more ice. You may have found 
that the ice will melt faster if you break it up before you sprinkle the calcium chloride. 
You probably do not think about it, but what you are doing is increasing the surface area 
of the ice to increase the reaction rate! So what is happening at the level of the ions and 
molecules? In this section, you will explore theories that explain how surface area and 
other factors, including the chemical nature of the reactants, concentration of reactants, 
surface area, temperature, and the presence of a catalyst affect reaction rate. 


Collision Theory 

Collision theory states that chemical reactions can occur only if reactant atoms, mol¬ 
ecules, or ions collide. Furthermore, the reactant entities must collide at an orienta¬ 
tion and with enough kinetic energy that any bonds in the reactants will break and 
new bonds will form, making the products. The rate of a reaction depends on the 
frequency and the proportion of collisions that convert reactants into products. An 
increase in the frequency of effective collisions leads to a higher reaction rate. 


Orientation 

Some orientations for collisions between molecules or ions can lead to reactions 
while others cannot. This is sometimes called the collision geometry. As an example, 
think about the decomposition reaction of nitrosyl bromide gas, BrNO(g), repre¬ 
sented by the following equation; 

2BrNO(g)^2NO(g) + Br^Cg) 

According to collision theory, only some collisions between reactants are oriented 
so that a chemical reaction is possible, such as the collisions illustrated in Figure 2(a) 
and (b). If the bromine atoms in the nitrosyl bromide molecules do not make direct 
contact, the reactants cannot form products and there will be no reaction, such as in 
the case shown in Figure 2(c). 



(c) 


Figure 2 Several possible orientations for a collision between 2 nitrosyl bromide molecules. In (a) 
and (b), the orientations of the bromine atoms allow them to contact one another, so the chemical 
reaction can occur. In (c), the orientation of the bromine atoms prevents the bromine atoms from 
interacting, so the molecules move apart without reacting. 
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Activation Energy 

The orientation of the reactant entities is only one factor in an effective collision. 
For a reaction to occur, the reactants must also have sufficient kinetic energy. The 
minimum amount of energy a reactant entity must have for a collision to be effective 
is called the activation energy (£ 3 ). Activation energy serves two purposes: it is used to 
overcome the electrostatic repulsive forces between colliding entities, and it is used 
to weaken the bonds of the reactants. 

You can think of activation energy as a potential energy hill or barrier. This concept 
of activation energy may be easier to understand if you think of a ball rolling (without 
obstacles or friction) on a smooth surface, such as the one shown in Figure 3. At point 
A, the ball has a certain quantity of potential energy. If you add kinetic energy, perhaps 
by pushing the ball, the ball will roll up the hiU. As it rolls up the hill, the ball slows 
down as some of the kinetic energy is transformed into potential energy. If there is 
sufficient kinetic energy to reach the top of the hill (the same or more than the activa¬ 
tion energy), the ball will roll down to the other side. In Figure 3, the ball has a higher 
potential energy at point B than it had at point A. If the ball had less kinetic energy at 
the start of its roll than the activation energy, it would have climbed only partway up 
the hill and then returned to point A. 

In a chemical reaction, the potential energy is the energy stored in the bonds within 
and among the entities of the reactants, and the kinetic energy is their movement. When 
entities collide in an appropriate orientation, a chemical reaction can only proceed if 
the kinetic energy is enough to break these bonds. This quantity of energy is the acti¬ 
vation energy (analogous to the hill in Figure 3). If the kinetic energy is sufficient, the 
bonds will rearrange to form the products. If the reactants do not have enough kinetic 
energy, the bonds of the reactants will not break and the reaction will not proceed. 

For example, in the reaction represented in Figure 2, two Br-N bonds must be 
broken and one Br-Br bond must be formed. It takes considerable energy (243 kj/mol) 
to break a Br-N bond. If 2 nitrosyl bromide molecules do not have enough kinetic 
energy to get over this potential energy hill, or barrier, the reaction will not take place. 

The change in potential energy over the progress of this reaction between nitrosyl 
bromide molecules is illustrated in Figure 4. The unstable arrangement of atoms 
found at the top of the potential energy hill is called the activated complex, or transition 
state. The activation energy, E^, represents the energy difference between reactants 
and the activated complex. 


activation energy (£,) the minimum 
energy that reactant moiecuies must 
possess for a reaction to be successful 


A Model for Activation Energy 



Figure 3 From point A to point B, there 
is a net increase in overall energy 
(kinetic plus potential). The ball must 
have a lot of energy (activation energy) 
to get up the hill. 


activated complex an unstable 
arrangement of atoms containing 
partially formed and unformed bonds 
that represents the maximum potential 
energy point in the change; also called the 
transition state 


Potential Energy Change during 
an Exothermic Reaction 


Potential Energy Change during 
an Endothermic Reaction 




(a) (b) 


Figure 4 The change in potential energy as a function of reaction progress for (a) the reaction 
2 BrNO(g) ^ 2 N0(g) -I- Br2(g) and (b) an endothermic reaction 


Notice how, as with the ball in Figure 3, the potential energy of the products of 
this reaction is not the same as the potential energy of the reactants. In Section 5.3, 
you saw that the net change in energy between reactants and products is called the 
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enthalpy change, AH. Exothermic reactions release energy and have a negative AH, 
and the reaction depicted in Figure 4(a) is an exothermic reaction. Figure 4(b) illus¬ 
trates the change in potential energy during a hypothetical endothermic reaction. 
The potential energy gain comes from the conversion of kinetic energy. Endothermic 
reactions absorb energy and have a positive AH. 

Temperature of the Reaction System 

Experimental evidence shows that a relatively small increase in temperature seems to 
have a very large effect on reaction rate. An increase of about 10 °C will often double or 
triple the rate of a reaction. Temperature is considered to be a measure of the average 
kinetic energy of a substance. Therefore, in any sample of a substance at a given tem¬ 
perature, the individual entities in the sample will have different kinetic energies. Some 
of the entities will therefore be moving more quickly than others, so only a proportion 
will have a quantity of kinetic energy that equals or exceeds the activation energy. If 
you increase the temperature, the average kinetic energy of the entities increases. As a 
result, more entities in the sample will have enough kinetic energy to break the bonds 
of the reactants and form an activation complex. In addition, the increase in kinetic 
energy will also increase the rate and force of collisions between reactants, which will 
increase the probability that the collisions whl be effective. 

For a given activation energy, E^, a much larger fraction of entities of a reactant will 
have the required kinetic energy at a higher temperature than at a lower temperature. 
A temperature rise that is a small increase in overall energy might cause a very large 
increase in the number of entities that have energy exceeding the activation energy. 
For reactants in the gas state, this relationship between the numbers of entities of 
a reactant and their kinetic energy is represented by a graph called the Maxwell- 
Boltzmann distribution (Figure 5). 


Maxwell-Boltzmann Distribution 



Figure 5 Only entities with kinetic energy equal to or greater than the activation energy can be 
involved in an effective collision. These entities are represented by the shaded area to the right of 
the dotted line. 

At a given temperature, only a certain fraction of the reactant entities will possess 
enough kinetic energy to equal or exceed the activation energy, E^. Figure 6 on the 
next page shows how the Maxwell-Boltzmann distribution changes when tempera¬ 
ture is changed. At the lower temperature, Tj, the fraction of entities that have kinetic 
energy equal to or greater than the activation energy is quite small. In Figure 6, this 
is represented by the shaded area to the right of the line that represents the activation 
energy and under the line for Tj. When the temperature is raised to Tj, the fraction 
of reactant entities with kinetic energy equal to or greater than the activation energy 
increases dramatically. Therefore, there are many more entities that are capable of 
making effective collisions at the higher temperature (provided they collide in a 
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productive orientation). Experimental evidence shows that, for most chemical reac¬ 
tions, reaction rates increase exponentially with temperature. This is consistent with 
the theory that increases in temperature exponentially increase the probability of 
effective collisions. 


Maxwell-Boltzmann Distribution at Two Temperatures 



Figure 6 When the temperature of a reaction mixture is increased from T, to Tj, the number of 
entities capable of having effective collisions increases significantly. 


Mini Investigation 


Modelling Energy Distribution of Molecules 
Skills: Performing, Observing, Analyzing 

In this activity, you will work with a group to model how 
temperature changes the distribution of energy among entities 
in a substance. 

Equipment and Materials: 5 tokens per student (such as paper 
clips or pieces of paper) 

1. Obtain 1 token, then pair up with a fellow student. Both of 
you should have 1 token. Each token represents an effective 
collision between reactants. 

2. As a class, form 2 rings so that 1 ring is inside the 
other and each person is facing his or her partner in the 
other ring. 

3. Play rock, paper, scissors with your partner in the other ring. 
Whenever one of you wins, the losing partner must pass 

1 token to the winner. If there is no winner, then you both 
keep your tokens. 

4. As a class, shift positions so that all students in the inner circle 
move 1 person to the right, giving everyone a new partner. 

5. Repeat Steps 3 and 4 twice, then record the number of 
tokens held by each person in the class. 


SKILLS i . 

HANDBOOK ■ “■'* 

6. Repeat Steps 3 to 5 an additional three times. 

7. Take note of who your current partner is. Obtain another 
token and return to the circle. Everyone in the class should 
now be in the same position but have 1 more token than 
at the end of Step 6. This additional token represents an 
increase in temperature. 

8. Repeat Steps 3 to 6. 

A. Do you think you could have predicted how many tokens 
each person would have at the end of the activity? Why or 
why not? Di 

B. How is obtaining an additional token in Step 7 similar to 
an increase in temperature? EZi 

C. After each round, were the tokens distributed equally or 
were there many students who had many more tokens than 
others? How does this model the kinetic energy of entities of 
a substance at a given temperature? lai 

D. Relate the results of this activity to the effects of 
temperature on the probability of effective collisions in a 
reaction mixture. Di 


Chemical Nature of Reactants 


For any reactant, the bond type, strength, and number determine the activation 
energy required for a successful collision. Reactions involving the breaking of fewer 
bonds per reactant proceed faster than those involving the breaking of a larger 
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number of bonds per reactant. Weaker bonds are broken at a faster rate than stronger 
bonds. For example, it takes less energy to break a single C-C bond than a double 
C=C bond. Reactions between molecules are usually slower than reactions between 
ions. This is because, in molecules, covalent bonds have to be broken and new bonds 
re-formed. This slows down reaction rates. 

The size and shape of a molecule or ion can also affect reaction rate. Some reac¬ 
tions involve complicated molecular substances or complex ions. These are often less 
reactive than smaller, less complex entities. This is in part because more bonds must be 
broken. However, it is also less likely that complex molecules or ions will collide in an 
orientation relative to each other that will be effective in allowing a reaction to occur. 

Concentration and Surface Area 


You are more likely to bump into another passenger while travelling on a public bus 
during rush hour than on a less crowded bus in the middle of the day. Similarly, if you 
increase the concentration of a reactant, the probability of collisions between reactant 
molecules increases and, hence, a greater number of effective collisions is likely to 
occur. Therefore, the reaction rate will be expected to increase. Figure 7 represents 
two reactions occurring in aqueous solution, with two different concentrations of 
reactants A and B. Which reaction rate do you predict will be higher? 




reactant A reactant B 


Figure 7 Two reactions occurring in aqueous solution, one with lower concentrations of the 
reactants and the other with higher concentrations, identify the number of reactant A-reactant B 
collisions in each sample. 

In a reaction involving reactants in more than one state, such as a solid reactant 
and a liquid reactant, increasing the surface area of the solid reactant increases the 
reaction rate. Imagine that you are holding a cube of some substance. Its surface area 
is the area of the 6 faces of the cube. If you were to cut the cube into many smaller 
cubes, the total surface area would increase. If you ground the cube into a powder, the 
surface area would be maximized. This is why many solids are powdered using a mortar 
and pestle before being used in a reaction. 

Chemical entities that are not bound within a crystalline structure are available to 
react with other entities. Only the atoms, ions, or molecules at the surface of the solid 
reactant can collide with entities of the other reactant(s). Therefore, increasing the sur¬ 
face area of a sohd reactant increases the probability of effective collisions in a similar 
manner to increases in concentration. In a reaction between a solid and a reactant in 
the liquid or gas phase, or in aqueous solution, increasing the surface area of the reac¬ 
tant in the sohd phase increases the number of collisions per unit time and therefore 
increases the reaction rate (Figure 8). 



Figure 8 The entities in a solid structure have fewer potential collision sites than the same number 
of entities split into smaller bits, increasing the total surface area. 
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Catalyst Theory 


For any reaction to occur, the kinetic energy of colliding reactant entities must be 
equal to or greater than the activation energy. However, catalysts do not increase the 
number of collisions between reactant entities, nor do they increase the kinetic energy 
of the entities of reactant(s). Instead, a catalyst provides an alternative pathway for the 
reaction, which has a lower activation energy. Thus, at any given temperature, a larger 
fraction of the entities of the reactant(s) will have kinetic energy equal to or greater 
than this lower activation energy. There is a greater number of effective collisions, and 
so the reaction rate is increased (Figure 9). 


Number of Collisions versus Energy 


Number of Collisions versus Energy 



fa (uncatalyzed) 


fa (catalyzed) 


(a) 


Energy 


(b) 


Energy 


Figure 9 The effect of a catalyst on the number of reaction-producing collisions. Since a catalyst provides 
a reaction pathway with a lower activation energy, a much greater fraction of the collisions are successful 
for the catalyzed pathway (b) than for the uncatalyzed pathway (a) (at a given temperature). This allows 
reactants to become products at a much higher rate, even if the temperature is not increased. 

A catalyst is thought to allow a reaction to occur along a different pathway of steps 
that results in the same overall products. However, as shown in Figure 10, although 
a catalyst lowers the activation energy, E^, for a reaction, it does not affect the energy 
difference between products and reactants. 


Energy Change for an Uncatalyzed and 
a Catalyzed Reaction Pathway 




How can you apply catalyst theory to 
the Unit Task on page 402? 


reactants 


Reaction progress 


Figure 10 Energy plots for a catalyzed and an uncatalyzed pathway for a given reaction 
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Summary 


Collision theory states that, for a chemical reaction to occur: a collision must 
occur between 2 or more reactant entities; the entities must collide with the 
correct orientation; and the entities must have a certain minimum energy 
An effective collision is one in which reactant(s) is converted to product. 
Activation energy, E^, is the minimum energy required for an effective collision. 
Chemical properties of the reactants determine the activation energy required 
for an effective collision. 

An activated complex (transition state) is an unstable arrangement of atoms at the 
maximum potential energy point in the change from reactant(s) to product(s). 
Increasing the surface area and the concentration of a reactant(s) increases the 
total number of collisions and so the number of effective collisions. 

Increasing the temperature will increase the average kinetic energy of the 
entities of reactant(s). This will result in more entities having a quantity of 
kinetic energy the same as or greater than the activation energy and will 
increase the number of collisions. 

A catalyst provides a reaction pathway with a lower activation energy. 


Questions 


1. A reaction will occur between zinc and hydrochloric 
acid. Describe what will happen to the reaction rate 
under the conditions described below. QID 

(a) The acid is cooled to 1 °C. 

(b) The reaction mixture is stirred. 

(c) A concentration of 5.0 mol/L hydrochloric acid 
is used instead of 1.0 mol/L. 

(d) Powdered zinc is used instead of chunks of zinc. 

(e) The reaction is carried out in a darkened room. 

2. (a) State the collision theory in your own words. 

(b) Explain why not every collision that occurs 
results in the formation of a product. 

(c) Explain why increasing the temperature can 
affect the number of collisions as well as the 
percentage of effective collisions. QQ 

3. Think of an everyday activity, such as a handshake, 
that requires you to come in contact with something, 
to be lined up correctly, and to have a certain 
minimum amount of energy. Describe the activity 
and explain what would happen if any one of these 
criteria were not met. D 


4. Draw and label two potential energy diagrams, 
one for an endothermic reaction and one for an 
exothermic reaction. Show AH and E^. EQ D 

5. A common catalyst that is used to speed up the 
rate of the decomposition of hydrogen peroxide is 
powdered manganese dioxide. QQ Di 

(a) Describe what a catalyst is. 

(b) Explain how it affects the rate of a reaction. 

(c) Is manganese dioxide a heterogeneous or 
homogeneous catalyst? 

(d) Design an experiment to prove that manganese 
dioxide is a catalyst for this reaction. Include a 
list of all materials that are required. 

6 . (a) Write the balanced equation for the reaction 

between ethylene, C 2 H 4 and hydrogen 
chloride, HCl. 

(b) Represent the reaction using Lewis structures. 

(c) Based on your Lewis structures, suggest an 
orientation that would result in an effective 
collision. 

(d) Suggest an orientation that would result in an 
ineffective collision, oig EZD B 
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Explore an Application of Chemical Kinetics 


Biocatalysts and the Environment 

Enzymes are found in living organisms throughout nature. They allow for countless 
reactions to occur within the temperature range that supports life as we know it. 
Enzymes are biocatalysts—catalysts that are made by living systems or that are them¬ 
selves living systems. For example, ribulose-l,5-bisphosphate carboxylase oxygenase, 
or Rubisco, is an enzyme produced by plant cells that catalyzes the first step in the 
conversion of carbon dioxide gas to glucose during photosynthesis. Alternatively, 
yeast cells added to bread dough to catalyze the fermentation of sugar are an example 
of a biocatalyst that is a living system (Figure 1). Like all catalysts, biocatalysts are 
thought to act by providing an alternative pathway for a chemical reaction that has a 
lower activation energy than the uncatalyzed reaction. 

Biocatalysis is any method that uses biocatalysts to increase reaction rate. As 
we learn more about it, people working in an increasingly wide range of fields are 
becoming interested in using biocatalysis. For example, new pharmaceuticals are 
increasingly complex, which makes them very expensive to synthesize by traditional 
chemical methods. Researchers are exploring ways to use biocatalysis instead, as a 
way to reduce costs. Biocatalysis may also play a key role in improving and protecting 
our environment. Traditional chemical manufacturing processes often produce toxic 
by-products. These by-products are costly, since they must be either stored or con¬ 
verted to non-toxic substances and also have a risk of accidental release into the envi¬ 
ronment. Biocatalysis has the potential to reduce or eliminate such by-products. In 
addition, since biocatalysis can be more efficient than traditional chemical synthesis 
processes, it may also reduce energy and raw material use. 


SKILLS MENU | 

• Researching 

• Evaiuating 

• Performing 

• Communicating 

• Observing 

• identifying 

• Anaiyzing 

Aiternatives 



Figure 1 Yeast cells, when used to make 
bread dough rise, are an example of a 
biocatalyst that is a living organism. 


The Application 

The industrial preparation of paper is an example of a process that may benefit from 
the application of biocatalysis. The predominant paper pulping method used by the 
paper industry is the kraft process. Wood is composed of a number of substances. The 
most abundant and desirable is cellulose, which forms long fibres that give wood its 
strength. In a living tree, the cellulose fibres are associated with a group of compounds 
known as lignin. Although important biologically, the presence of lignin lowers the 
quality of paper. The kraft process removes lignin from cellulose by heating chipped 
wood in a solution of sodium hydroxide, NaOH(aq), and sodium sulfide, Na 2 S(aq). 
This uses a lot of energy and also produces large volumes of pollutants. Even with 
restricted emissions, pulp and paper manufacturers that use the kraft process often 
can be identified by a strong, offensive smell. The kraft process generates hydrogen 
sulfide gas, H 2 S(g), and other sulfur gas compounds as a by-product. To produce 
white paper, paper manufacturers have traditionally used chlorine bleach. However, 
using chlorine to bleach wood pulp has been shown to produce dioxins, substances 
that cause cancer in humans and other organisms. 

Biocatalysts that are proving to be very useful in these applications include the 
following: 

• Laccases: This class of enzymes can remove lignin from cellulose in wood 
without the need for harsh chemicals. These enzymes break down the lignin, 
leaving the cellulose intact. 

• Xylanase: Treatment with this enzyme (Figure 2) enables manufacturers to 
reduce chlorine consumption by 15 to 25 %. This enzyme is used in bleaching 
procedures in which chlorine is completely replaced with chlorine dioxide or 
non-chlorine chemicals. 



Figure 2 If xylanase is used for 
bleaching pulp, fhe need for chlorine 
in the bleaching process is reduced or 
eliminated. 
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UNIT TASK BOOKMARK 


You might apply what you learn about 
the advantages and disadvantages of 
using biocatylysis for paper production 
to the Unit Task on page 402. 


Your Goal 

To determine the pros and cons of funding for biocatalyst research for the pulp and 
paper industry; also to determine whether there are social costs associated with the 
environmental benefits, and, if so, how they are balanced 

Research HANDBOOK L A4, A5.1 

Gather information about the use of traditional processes used in enzymes as cata¬ 
lysts in the pulp and paper industry. Here are some suggestions to help guide your 
research: 

• What are the environmental impacts of traditional processes used in the pulp 
and paper industry? 

• How are biocatalysts currently used in the pulp and paper industry? 

• What is the focus of the pulp and paper industry’s current research into the 
use of biocatalysts? 

• What are the environmental benefits of using biocatalysts in the industry? 

• What are the economic impacts of the use of biocatalysts for the pulp and 
paper industry? 

• What percentage of pulp and paper mills currently use biocatalysts? 

• What are some of the drawbacks of using biocatalysts? 

• How is the paper used at your school manufactured? # web link 

Summarize handSdok v ^ *5-2 

Prepare a one- to two-page point-form summary of your research. Decide whether 
you think biocatalyst technology is an economically and environmentally viable tool 
for use in the pulp and paper industry. Organize the report into pros and cons of 
funding biocatalyst research in the pulp and paper industry. 

Communicate handbook v *6-5 

Prepare a visual presentation (PowerPoint, bristol board, tri-fold poster, or other 
format) of your research findings. Use diagrams where necessary. 


Plan for Action 


Biocatalysis is a usefui tooi for scientists working in the fieid of 
green chemistry. Green chemistry foliows 12 tenets that aim to 
make chemicai processes more sustainabie and iess damaging 
to the environment. Tenet 9 states, “Cataiytic reagents (as 
seiective as possibie) are superior to stoichiometric reagents.” 

Create a pian to heip the peopie in your community 
become better informed about the benefits of catalysts as 
supported by green chemistry, in creating your pian, consider 
the following questions. You may have to conduct additionai 
research to compiete your pian. 


How wili you communicate how cataiysts work to a person 
with iittie chemicai knowledge? 

Are there any Canadian success stories using biocataiysis 
in a process that meets the standards of green chemistry? 
Are there any costs to using catalysts in a manufacturing 
process? 

What is the most interesting manner in which you couid 
communicate this to your community? 

WEB LINK 
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Rate Law 

Industries continually search for ways to increase efficiency. Their aim is to maximize 
output while minimizing costs of production. Achieving this balance requires finding 
an optimal rate of production. 

One strategy industries use to change their production rate is to vary the con¬ 
centrations of reactants. This strategy requires much experimental work, because 
chemists cannot predict the effect of changing reactant concentrations on the rate of a 
reaction simply by looking at a balanced chemical equation. They can only determine 
rates of reaction from data obtained during experimental testing (Figure 1). One goal 
of this testing is to create a chemical rate law for the reaction. A chemical rate law is an 
equation that connects the rate of a reaction with the concentrations of its reactants 
at a given temperature and pressure. 

Determining a Rate Law Equation 

The concentration of a reactant may affect the rate of a reaction. In most reactions, 
the concentrations of the reactants and the temperature inside the reaction vessel 
change as soon as the reaction begins. Therefore, in gathering data to determine a 
rate law for a reaction, chemists look at the initial concentrations of the reactants at 
a specified temperature. 

Consider the following equation for a chemical reaction: 

aA + bB^ products 

A and B represent the reactants, and a and b are the coefficients used to balance the 
equation. Experimental evidence has shown that the rate of a reaction is proportional 
to the product of the initial concentrations of the reactants, where each concentration 
is raised to some exponential value. This can be expressed as 

rate <z: [A]”'[B]" 

This expression relates the reaction rate to the initial concentrations of reactants 
using exponents m and n. Note that exponents in a rate law cannot be obtained from 
the balanced equation; they can only be determined experimentally. The values of the 
exponents can be any real number. For the relatively simple reactions we will consider 
here, however, all exponents will be positive integers or 0. 

Instead of using a proportionality sign, we can write the relationship between 
reactant concentrations and reaction rate as an equation; 

rate = k[A]"'[B]'' 

This equation is called the rate law equation. Notice that this equation includes a 
constant, k, known as the rate constant. The rate constant is unique for each reaction, 
and must be determined experimentally. For any reaction, k varies with temperature, 
so the temperature must be kept constant in all runs of an investigation of a chemical 
reaction carried out to determine the rate law for that reaction. 

Each exponent in the rate law equation is called an order of reaction with respect to 
the particular reactant with which it is associated. For example, if the exponent of [A] 
is 1, then the reaction is first order with respect to A. If the exponent of [A] is 2, the 
reaction is second order with respect to A, and so on. The total order of reaction is the 
sum of the individual orders of reaction for each reactant. The orders of reaction can 
be used to predict reaction rates. Suppose you are given this equation, 

2A -f 2B -I- 3C ^ products 

and are told that the experimental evidence gives the following rate law equation: 

rate = A:[A]'[B?[C]'> 

This equation tells us that the rate of the reaction is proportional to each of the initial 
concentrations of the reactants raised to a given power: 

rate [a]' rate [Bf rate ^ [C]° 




Figure 1 To determine how the 
concentration of a reactant may affect 
the rate of a reaction, chemists carry 
out several runs using different initial 
concentrations, and determine the initial 
rate resulting from each run. They then 
compare the results to observe how 
the initial rate depends on the initial 
concentrations. 

rate law the mathematical expression 
that allows calculation of reaction rate as 
a function of reactant concentration 


rate law equation the relationship 
among rate, the rate constant, the initial 
concentrations of reactants, and the orders 
of reaction with respect to the reactants 

rate constant determined empirically 
and is unique for a single reaction at a 
specified temperature 

order of reaction the exponent used 
to describe the relationship between the 
initial concentration of a particular reactant 
and the rate of the reaction 

total order of reaction the sum of the 
exponents in the rate law equation 
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initial rate the rate determined just after 
the reaction begins (just after f = 0 s) 


The rate of the reaction is proportional to [A] raised to the power 1. If the expo¬ 
nent of the concentration of a reactant is 1, when we multiply the initial concentra¬ 
tion by 2, the rate will be multiplied by 2\ When we multiply the initial concentration 
by 3, the rate will be multiplied by 3\ Since a number raised to the power 1 is the 
number itself, when we double the initial concentration, the rate will double; when 
we triple the initial concentration, the rate will triple; and so on. 

The rate of the reaction is proportional to [B] raised to the power 2. A number 
raised to the power 2 is the number squared. So, if the exponent of the concentration 
of a reactant is 2, when we double the initial concentration, the rate will be multiplied 
by 2^, or 4. When we multiply the initial concentration by 3, the rate will be multi¬ 
plied by 3^, or 9, and so on. 

The rate of the reaction is proportional to [C] raised to the power 0. Any non-zero 
number raised to the power 0 is 1. So, if the exponent of the concentration of a reac¬ 
tant is 0, this means that the concentration of that reactant does not affect the rate of 
reaction. If we double the concentration of the reactant, the rate will be multiplied 
by 2° = 1. In other words, the rate will not change. Similarly, if we triple the initial 
concentration of the reactant, the rate will still not change, because the rate will be 
multiplied by 3° = 1. Since in this reaction the rate does not depend on the initial 
concentration of (C), we would write the rate law equation as 

rate = k[A]W 

We can use graphs to help us recognize the order of reaction with respect to a 
particular reactant. Plotting experimental data as shown in Figure 2 and looking for 
a straight line (indicating a direct relationship) will determine the value of n. 



(a) Initial [A] (b) Initial [A] 



(c) Initial [A] (d) Initial [A]^ 


Figure 2 When a series of kinetics experiments is performed on a given system, the rates of 
reaction are measured for different initial concentrations of a reactant. When the evidence is 
graphed, you may see one or more of these results. 


(a) In this plot, r ^ [A]“. The reaction is zero order with respect to [A], 

(b) In this plot, ra [A]b The reaction is first order with respect to [A]. 

(c) In this piot, r tx [A]", where n is greater than 1. 

(d) in this plot, r« [A]^. The reaction is second order with respect to [A]. 


Chemists commonly use the method of initial rates to determine the rate law 
equation for a reaction. The initial rate of a reaction is the instantaneous rate deter¬ 
mined just after the reaction begins (just after t = 0 s). 
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The steps in the method of initial rates are as follows: 

1. Measure the instantaneous rate of reaction before there are any significant 
changes in concentration of the reactants. 

2. Carry out several runs using different initial concentrations, determining the 
initial rate resulting from each run. 

3. Compare these results to observe how the initial rate depends on the initial 
concentrations. 

Note that the concentrations of the products are not expressed in the rate law 
equation. Since we deal with the initial instantaneous rate, we do not worry about the 
products, because at this stage none or close to none have been formed. 

A rate law equation establishes the specific mathematical relationship between the 
reaction rate for a given reaction and the concentrations of reactants at the start of 
the reaction. We can use experimentally determined reaction rates to illustrate this. 
Consider the following chemical equation, which summarizes the reaction between 
nitric oxide, NO(g), and hydrogen gas, H 2 (g): 

2NO(g) + 2H2(g)^N2(g) + 2H20(g) 

Table 1 shows several experimentally determined rates for our sample reaction under 
various initial concentrations of each reactant. In order to determine the value of 
an exponent of the rate law equation and therefore the effect of the concentration of 
that reactant on the reaction rate, it is necessary to keep all other variables constant. 
Therefore, in runs 1 and 2 the concentration of nitric oxide gas was kept constant to 
see if changes in the concentration of hydrogen gas have an effect on the reaction rate. 
Likewise, in runs 2 and 3 the concentration of hydrogen gas was kept constant to see 
if changes in the concentration of nitric oxide gas have an effect on the rate. 


Table 1 Initial Rates from Three Investigations for the Reaction at 800 °C Represented by 
2 N0(g) + 2 H2(g) ^ NjCg) + 2 HgOCg) 


Run 

Initial [N0(g)] (mol/L) 

Initial [Hjfg)] (mol/L) 

Initial rate (mol/L>s) 

1 

0.400 

0.100 

1.10 X 10-= 

2 

0.400 

0.200 

2.20 X 10-= 

3 

0.800 

0.200 

8.80 X 10-= 


Compare the data shown in the first two runs in Table 1. The nitric oxide gas concen¬ 
tration is identical in both cases; only the hydrogen gas concentration has been changed. 
Notice what happens to the rate of the reaction when the concentration of nitric oxide gas 
is kept constant and the concentration of hydrogen gas is doubled—the rate of the reac¬ 
tion doubled from 1.10 x 10“^ to 2.20 x 10“^ mol/L-s. As the concentration of hydrogen 
gas doubles, the rate doubles, so the reaction rate in runs 1 and 2 is directly proportional 
to the concentration of hydrogen gas, that is, proportional to the hydrogen gas concentration 
raised to the power 1: 

rate [H 2 (g)]^ or rate = A:[H 2 (g)]^ 

Next, compare the data shown in runs 2 and 3 in Table 1. In these runs, the 
hydrogen gas concentration is constant and the nitric oxide gas concentration has 
been doubled. This time, the reaction rate went up fourfold, from 2.20 X 10“^ to 
8.80 X 10“^ mol/L-s. As the concentration of nitrogen monoxide gas doubles, the 
rate goes up four times. The rate of the reaction in runs 2 and 3 is proportional to the 
square of the concentration of nitrous oxide gas: 









rate ^ [NO(g)P°or°rate = fc[NO(g)P 
Therefore, the rate law equation for this reaction is 
rate = fc[NO(g)?[H 2 (g)]i 

The reaction is second order with respect to nitric oxide gas and first order with 
respect to hydrogen gas. Notice that the exponent for hydrogen gas does not match 
the coefficient for this reactant in the balanced equation. 

Note that the rate constant, k, is not a true constant. It varies if you change the 
temperature of the reaction, add a catalyst, or change the catalyst. 

In Tutorial 1. you will use experimental data to analyze a sample reaction. You 
will write the complete rate law equation for the sample reaction, including the rate 
constant, k, and the order with respect to each reactant. 


Tutorial 1 Using Experimental Data to Formulate the Rate Law 


In this tutorial, you will use experimental data to determine the rate law equation for a 
reaction. 

Sample Problem 1: Predicting a Rate and Finding the Rate Constant 
An investigation indicates that the initial rate of the reaction represented by the equation 
BrOa'Caq) + 5 Br-(aq) + 6 H+(aq) ^ 3 BrjO) + 3 HjOCi) 
at 25 °C is 3.2 x 10“^ mol/(L s) when the initial concentration of bromate, Br03“(aq), is 
0.10 mol/L; the initial concentration of bromide, Br“(aq), is 0.10 mol/L; and the initial 
concentration of hydrogen ion, H+(aq), is 0.20 mol/L. The reaction is first order with 
respect to bromate, first order with respect to bromide, and second order with respect to 
hydrogen ion. Determine the initial rate of reaction if the initial concentration of hydrogen 
ion is doubled with no change in the bromate or bromide concentrations, and find the 
rate constant, k. 

Given: [Br03“(aq)]ini,iai = 0.10 mol/L; [Br“(aq)]iniflai = 0-10 [H+(aq)]ini,iai = 0-20 mol/L; 

rateinitiai = 3.2 X 10“^ mol/(L-s); orders of reactions 

Required: initial rate if [H+(aq)]|nitiai is doubled, and the rate constant, k 

Solution: 

Step 1 . The rate law for the reaction is 
rate = /r[Br03“(aq)P[Br“(aq)]’[H + (aq)p 

Since the rate is second order with respect to hydrogen ion, if the initial concentration 
of hydrogen ion is doubled (multiplied by 2), the initial rate will be multiplied by 2^ or 4. 
The new rate is 

4 X (3.2 X 10“^ mol/(L s)) = 1.3 x 10“^ mol/(L s) 

Step 2. To find k, rearrange the rate law equation to solve for /rand enter the values 
provided: 

^ __rate_ 

~ [BrOj-(aq) [Br" (aq) [H(aq) f 

3.2 X 10-2?! 

ks 

k = 8.0 L^/(moP-s) 

Statement: If the initial concentration of hydrogen ion is doubled, the initial rate of 
reaction will be 1.3 x 10“^ mol/(L s).The rate constant, k, is 8.0 L^/(mol^ s). 
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Sample Problem 2: Determining the Rate Law Equation 

Under acidic conditions, hydrogen peroxide, HjOjiaq), oxidizes iodide ions, r(aq), to 

triiodide ions, l3~(aq). The balanced equation describing this reaction is 

H202(aq) + 3i-(aq) + 2H+(aq)^ l3-(aq) + 2 HjO® 

A chemist runs a series of reactions using the method of initial rates. She varies the Initial 
concentrations of the 3 reactants as shown in Table 2. Using these data, determine the 
reaction orders with respect to H202(aq), r(aq), and H+(aq). State the rate law equation 
for the reaction. 


Table 2 Initial Data from Runs at 25 °C of the Reaction Represented by 
H202(aq) + 3 r (aq) + 2 H+(aq) ^ Ig^Caq) + 2 HjOO) 


Run 

Initial [H202(aq)] 
(mol/L) 

Initial [l~(aq)] 
(mol/L) 

Initial [H^(aq)] 
(mol/L) 

Initial rate 
(mol/(L.s)) 

1 

0.100 

0.100 

0.00030 

1.5x10-= 

2 

0.200 

0.100 

0.00030 

3.0x10-= 

3 

0.100 

0.200 

0.00030 

3.0x10-= 

4 

0.100 

0.100 

0.00060 

1.5x10-= 


Given: experimental data provided in Table 2 

Required: the order of reaction with respect to each reactant and the rate law equation 
Analysis: Use the general form of the rate law equation to begin writing the rate law for 
this reaction: 

rate = /([H202(aq)f[r (aq)]'’[H+(aq)]'’ 

To determine the orders of reaction, look for pairs of data in which the initial 
concentration of only 1 reactant changes. Then, insert values for m, n, and p into the rate 
equation along with 1 set of data from the table. 

Solution: 

Step1. Find m. 

Look at the data from runs 1 and 2, because the initial concentration of hydrogen 
peroxide changed while the concentrations of iodide and hydrogen remained 
constant. When the initial concentration of hydrogen peroxide doubled, the rate 
of reaction doubled. Thus, the rate of reaction and the initial concentration are 
directly proportional. The exponent m in the rate law equation is therefore 1, and 
the order of reaction with respect to H202(aq) is 1. 

Step 2. Find n. 

Look at the data from runs 1 and 3, because the initial concentration of iodide 
changed while the concentrations of hydrogen peroxide and hydrogen remained 
constant. When the initial concentration of iodide doubled, the rate of reaction 
doubled. The exponent n in the rate law equation is therefore 1, and the order of 
reaction with respect to |■(aq) is 1. 
steps. Find A 

Look at the data from runs 1 and 4, because the initial concentration of hydrogen 
changed while the concentrations of hydrogen peroxide and iodide remained 
constant. When the initial concentration of hydrogen doubled, the rate of reaction 
remained unchanged. The exponent p in the rate law equation is therefore 0, and 
the order of reaction with respect to H+(aq) is 0. ^ 
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6.5.1 

The Iodine Clock Reaction System 


Now that you have learned about 
the rate law equation, you will run 
experiments to collect the data 
needed to determine the order of 
reaction with respect to one of the 
reactants involved in the reaction of 
iodate ions and bisulfite ions. 


Step 4. Therefore, for this reaction, 

rate = /r[H202(aq)]^[r(aq)P[H+(aq)]° 

The total order of this reaction is 
m + n + p = ^ +1 +0 
= 2 

You do not need to include the exponent when it is 1. Since the exponent of 
[H+(aq)] is 0, the rate does not depend on the initial concentration of hydrogen, 
so you do not include it in the rate law equation. The rate law equation is 

rate = /r[H202(aq)][l“(aq)] 

Statement: The rate law equation is rate = /([H202(aq) ][l “ (aq) ]. The total order of the 
reaction is 2. 

Practice 

1. A series of investigations is performed for the theoretical reaction 
2A + 3B + C^D + 2E. 

When the initial concentration of A is doubled, the rate increases by a factor of 4. 

When the initial concentration of B is doubled, the rate is doubied. 

When the initial concentration of C is doubled, there is no effect on rate, ei 

(a) What is the order of reaction with respect to each of the reactants? 

[ans:A = 2,B = 1,C = 0] 

(b) Write the rate law equation for the reaction, [ans: rate = 

2. The reaction represented by the balanced chemical equation 
C0(g) + N02(g) ^ C02(g) + NO(g) 

is first order with respect to carbon monoxide and first order with respect to 
nitrogen dioxide. The initial rate of the reaction at 175 °C is 2.5 mol/(L s) when the 
concentration of carbon monoxide is 0.025 mol/L and the concentration of nitrogen 
dioxide is 0.055 mol/L. Ezn 

(a) Determine the rate of reaction if the carbon monoxide concentration is doubled 
with no change in the nitrogen dioxide concentration, [ans: s.o moi/(L s)] 

(b) Determine the rate if the nitrogen dioxide concentration is tripled with no change 
in carbon monoxide concentration, [ans: 7.5 moi/(L s)] 

(c) Determine the rate if the carbon monoxide concentration is doubled and the 
nitrogen dioxide concentration is tripled, [ans: 15 moi/(L s)] 

3. The reaction represented by the balanced chemical equation 
2 N0(g) + Cl2(g) ^ 2 NOCI(g) 

was studied at -10 °C. The initial rate of reaction was determined by measuring the 
rates of change in the concentrations of NO(g) and Cl2(g) near the beginning of the 
reaction (Table 3). ebi 

Table 3 Initial Data from Runs at 25 °C of the Reaction Represented by 
2 NO(g) + Cl2(g) ^ 2 NOCl(g) 


Run 

Initial [NO(g)] 
(mol/L) 

Initial [Cl 2 (g)] 
(mol/L) 

Initial rate 
(mol/(L.s)) 

1 

0.10 

0.10 

0.18 

2 

0.10 

0.20 

0.36 

3 

0.20 

0.20 

1.44 
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(a) What is the rate law equation? [ans: rate = /([N0(g)]^[ci2(g)]] 

(b) What is the value of the rate constant? [ans: i.s x io^ LVmoPs] 

4. The reaction represented by the balanced chemical equation 

21“(aq) + S208^“(aq) ^ l2(aq) + 2 S0/“(aq) 

was studied at 25 °C. The initial rate of reaction was determined by measuring the 
rates of change in the concentrations of I (aq) and SjOg^'iaq) near the beginning of 
the reaction (Table 4). m 


Table 4 Initial Rates from Runs at 25 °C of the Reaction Represented by 
2 |-(aq) + SjOs^-faq) ^ Waq) + 2 S042^(aq) 


Run 

Initial [1 (aq)] 
(mol/L) 

Initial [SjOa" (aq)] 
(mol/L) 

Initial rate 
(mol/(L.s)) 

1 

0.080 

0.040 

12.5X10'® 

2 

0.040 

0.040 

6.25 X 10"® 

3 

0.080 

0.020 

6.25 X 10"® 

4 

0.032 

0.040 

5.00X10"® 

5 

0.060 

0.030 

7.00X10"® 


(a) Determine the rate law equation, [ans: rate = /f[i-(aq)][S208'-(aq)]] 

(b) Calculate a value for the rate constant for each investigation and an average 
value for the initial rate constant. Include units, [ans: average /t= 3.9 x lO”^ umoi s] 

5. The experimental observations in Table 5 were obtained for the reaction represented 
by the following balanced chemical equation: 

2A + B + 2C^3D m 

(a) What is the order of reaction with respect to each of the reactants? 

[ans:A = 2,B = 0,C = 1] 

(b) Write the rate law equation for the reaction, [ans: rate = /f[A]^[C]] 

(c) Calculate a value for the rate constant, including units, [ans: o.so i^/moF s] 

(d) Calculate the rate of production of D when [A] = [B] = [C] = 0.40 mol/L. 

[ans: 1.9 X ICF mol/L-s] 


Table 5 Initial Rates from Four Runs at 
25 °C of the Reaction Represented by 
2A+ B^3D 


Run 

1 

2 

3 

4 

Initial [A] 
(mol/L) 

0.10 

0.20 

0.10 

0.10 

Initial [B] 
(mol/L) 

0.10 

0.10 

0.30 

0.10 

Initial [C] 
(mol/L) 

0.10 

0.10 

0.10 

0.20 

D 

formation 

(mol/(Ls)) 

3.0 X 
10"'’ 

1.2 X 
10"^ 

3.0 X 
10"'’ 

6.0 X 
10"= 


Units for k 

The order of a reaction can be determined from the units of the rate constant, k. Rate is 
always measured in mol/(L-s). Therefore, a first-order reaction has the unit s'^ because 
rate = k[A] 

Inserting units for rate into this expression gives 

mol mol 

— = fc X — 

L-s L 

Dividing both sides of this equation by (mol/L) gives 

mol , mol 

— kX^ 

L-s _ L 

mol mol 
Simplifying, 

^ = k 

Therefore, k for a first-order reaction has units of s“\ 

Table 6 contains a summary of the units for k. These units vary depending on the 
total order of reaction. It is useful to go through the same process shown above to 
check the units for k that correspond to each reaction order. 


Table 6 Units of k by Total Reaction 
Order 


Total reaction 

order 

Units of k 

0 

mol/(Ls) 

1 

1/sors"^ 

2 

L/(mols) 

3 

L^/fmol^-s) 
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Summary 

• A rate law equation describes the relationship between the rate of a reaction and 
reactant concentrations. It follows the general format rate = fc[A]'"[B]”, 
where [A] and [B] are the concentrations of reactants, m and n are the 
orders of reaction, and k is the rate constant. Values of m, n, and k must be 
determined by experimentation. 

• If the exponent of [A] is 1, then the reaction is first order with respect to A. If the 
exponent of [A] is 2, then the reaction is second order with respect to A, and so on. 

• The total order of a reaction can be determined from the rate constant units. 

Questions 


1. The gas-phase decomposition of dinitrogen 
pentoxide, represented by the following balanced 
chemical equation, was studied: 
2N205(g)^4N02(g) + 02(g) 

The initial rate of reaction was determined by 
measuring the rate of change in the concentration 
of dinitrogen pentoxide gas, N 205 (g), at constant 
temperature near the beginning of the reaction 
(Table 7). 

Write the rate law equation for the reaction, and 
calculate the value of the rate constant. QID EH 
Table 7 Initial Data from Constant Temperature Runs 


Run 

Initial [N 205 (g)] 
(mol/L) 

Initial rate 
(mol/(L.s)) 

1 

0.0750 

8.90 X 10-“ 

2 

0.190 

2.26 X 10-2 

3 

0.275 

3.26 X 10-2 

4 

0.410 

4.85 X 10-2 


2. The decomposition of nitrosyl chloride, NOCl(g), 
represented by the following balanced chemical 
equation, was studied: 

2NOCl(g)^2NO(g) + CUg) 

The initial rate of reaction was determined by 
measuring the rate of change in the concentration 
of nitrosyl chloride gas at constant temperature 
near the beginning of the reaction (Table 8). BEl iZ 
Table 8 Initial Data from Constant-Temperature Runs 


Run 

Initial [NOCI(g)] 
(mol/L) 

Initial rate 
(mol/(L'S)) 

1 

3.0X10-' 

5.98 X 10“ 

2 

2.0X10-' 

2.66 X 10“ 

3 

1.0X10-' 

6.64 X 102 

4 

4.0X10-' 

1.06 X 10= 


(a) What is the rate law equation? 

(b) Calculate the value of the rate constant. 

3. Table 9 shows experimental data obtained at 

constant temperature for the reaction described by 
the following balanced chemical equation: 

I“(aq) -f OCl“(aq) ^ IO“(aq) -f Cl“(aq) BZDEH 
Table 9 Initial Data from Constant Temperature Runs 


Run 

Initial [r(aq] 
(mol/L) 

Initial [0Cr(aq] 
(mol/L) 

Initial rate 
(mol/(L.s)) 

1 

0.12 

0.18 

7.91 X 10-2 

2 

0.060 

0.18 

3.95x10-2 

3 

0.090 

0.030 

9.88X10-2 

4 

0.090 

0.24 

7.91 X 10-2 


(a) What is the rate law equation for this reaction? 

(b) Calculate the value of the rate constant, 
including units. 

(c) Calculate the initial rate for an investigation 
where both [r(aq)] and [OCT(aq)] are initially 
present at 0.15 mol/L. 

4. The rate law equation for a reaction is 

rate = A:[Cl 2 (g)][NO(g)]l mEH 

(a) What is the order of the reaction for each reactant? 

(b) How would the rate change if the initial 
concentration of Cl 2 (g) were tripled? 

(c) How would the rate change if the initial 
concentration of NO(g) were doubled? 

(d) Calculate the rate constant, k, given 
the following information: initial 
rate = 0.0242 mol/L-s, initial 
[Cl 2 (g)] = 0.20 mol/L, and initial 
[NO(g)] = 0.20 mol/L. 

(e) Calculate the reaction rate predicted for the 
following conditions: k = 3.0 LV(moP-s), 
initial [Cl 2 (g)] = 0.44 mol/L, initial 
[NO(g)] = 0.025 mol/L 
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Reaction Mechanisms 

To get from home to a concert, you might walk a few blocks, take a bus, transfer to 
the subway, and then walk a few more blocks. If you tell a friend you are going from 
home to the concert, this gives information about where you will be starting from and 
where you will end up, but not where you will be and what you will be doing in the 
stages in between. Like the trip from home to the concert, chemical reactions rarely 
occur in a single step. 


What Is a Reaction Mechanism? 

Balanced chemical equations provide an overall summary of a chemical reaction. 
They provide information about the types of reactants and products as well as their 
stoichiometric relationships. However, chemists think that most chemical reac¬ 
tions occur by a sequence of simpler reactions. An elementary step is a step that only 
involves one-, two-, or three-entity collisions and that cannot be explained in terms of 
simpler reactions. A reaction mechanism is the series of elementary steps by which the 
chemical reaction occurs. Chemists perform experiments that provide clues about 
the steps of a reaction mechanism. 

To understand a chemical reaction completely, we must know its mechanism. 
However, reaction mechanisms cannot be 100 % confirmed. One of the main pur¬ 
poses for studying reaction rates is to learn as much as possible about the steps 
involved in a chemical reaction. 

Consider the reaction between gaseous nitrogen dioxide and carbon monoxide. 
The overall balanced chemical equation that summarizes this chemical reaction is 


elementary step a step involving a one-, 
two-, or three-entity collision that cannot 
be explained by simpler reactions 

reaction mechanism a series of 
elementary steps by which a chemical 
reaction occurs 


NO^Cg) + CO(g) ^ NO(g) + C02(g) 


The rate law equation for this reaction has been determined experimentally to be 
rate = A:[N 02 (g)? 


The mechanism of the reaction is thought to involve the following two elementary 
steps, or elementary reactions. 

Step 1: N02(g) + N02(g)->N 03 (g) + NO(g) slow step 

Step 2: NOjCg) + CO(g) -^N02(g) + C02(g) fast step 

Experiments show that the first step in this reaction mechanism is much slower than 
the second step. Since the first step is the slowest step in the reaction mechanism, 
the overall reaction must proceed at the rate of the first step. That is, the products of the 
overall reaction, gaseous nitrogen dioxide and carbon dioxide, can be produced only as 
fast as the slowest step. Step 1. Step 1 is therefore called the rate-determining step, which 
is the step in a reaction mechanism that determines the rate of the overall reaction. 

In this mechanism, gaseous nitrogen trioxide, N 03 (g), is a reaction intermediate. 
A reaction intermediate is an entity that is neither a reactant nor a product but is 
formed and consumed during the reaction sequence. Note that when the two steps 
are combined, the resulting equation is the overall balanced chemical equation for 
the reaction; 

N02(g) + CO(g) ^ NO(g) + C02(g) 


rate-determining step the step in a 
reaction mechanism that determines the 
rate of the overall reaction; the slowest 
step in a reaction mechanism 

reaction intermediate an entity that is 
neither a reactant nor a product but is 
formed and consumed during the reaction 
sequence 


Step 1 in the mechanism for the reaction between nitrogen dioxide and carbon 
monoxide has two reactant molecules, as does Step 2. Most reaction steps have either 
1 or 2 reactant entities. Reaction steps that involve only 1 reactant entity include those 
in which a single entity collides with the sides of the container and breaks apart into 
smaller entities. 
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Elementary steps involving 3 reactant molecules are very rare. Why? According to 
collision theory, a chemical reaction must involve collision of chemical entities with 
each other or the walls of the container. Logical analysis and calculations indicate 
that collisions of 3 entities simultaneously must he much less frequent than collisions 
of 2 entities. Picture yourself in a circle of friends, tossing Velcro-covered Ping-Pong 
balls toward the centre of the circle. The chances of any 2 balls colliding and sticking 
together in the air is small: the probability of 3 balls colliding and sticking together 
is much smaller still. 

Rate law equations cannot be written using information from an overall balanced 
equation for a reaction. However, rate law equations can be written directly from the 
balanced equations representing elementary steps. Examples of the common types 
of elementary steps and the corresponding rate law equations are shown in Table 1. 
Notice that the rate law equation for an elementary step with 1 reactant molecule is 
always first order, and the rate law equation for an elementary step with 2 reactant 
molecules is always second order, either of the form A:[A]^ for a step with a single 
reactant or of the form A:[A][B] for a step involving 2 reactants. 


Table 1 Examples of Elementary Steps 


Elementary step 

Rate law equation 

A ^ products 

rate = /([A] 

A -1- A -> products 

rate = /r[A]^ 

A -1- B ^ products 

rate = /f[A][B] 


We may now describe the requirements of a plausible reaction mechanism. To be 
plausible, a reaction mechanism must satisfy two requirements: 

1. Summing the elementary steps in the reaction mechanism must give the 
overall balanced equation for the reaction. 

2 . The reaction mechanism must agree with the experimentally determined rate law. 

To see how these requirements are applied, we will consider the reaction mecha¬ 
nism given previously for the reaction between nitrogen dioxide gas and carbon 
monoxide gas. The following equations show that the sum of the two steps gives the 
overall balanced equation. 

NO^Cg) + NO^Cg) ^ NOaCg) + NO(g) 

NOjCg) + CO(g) ^ NO^Cg) + CO^Cg) 

NOM + NO^ig) + NO^ + CO(g) ^ N0^ + NO(g) + NO^ + CO^ig) 

Overall reaction: NOjCg) + CO(g) —> NO(g) -f C02(g) 

The first requirement for a correct mechanism is therefore met. To determine whether 
the mechanism meets the second requirement, we need to evaluate the rate-determining 
step. Recall that experiments show that the first step in this reaction is much slower than 
the second step. Why? The theoretical interpretation is that the first elementary step is 
relatively slow because it has a fairly high activation energy. The rate of the overall reac¬ 
tion is primarily controlled by the rate of this step, just as the slowest part of a journey to 
a concert might be the bus ride. 
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The first elementary step of this reaction mechanism is the rate-determining step, 

h 

N 02 (g) + N 02 (g)-^■products 

so the rate law equation will be 
overall rate = fci[N 02 ]^ 

This rate law equation agrees with the experimentally determined rate law 
equation given earlier, 

rate = fc[N 02 (g)? 

Therefore, this reaction mechanism satisfies the two requirements stated above. 
Experimental evidence can be used to confirm or refute this reaction mechanism. 


Tutorial 1 Evaluating a Rate Law Mechanism 


In this tutorial, you will use rate law equations to evaluate the plausibility of a proposed 
reaction mechanism and then use the rate law to identify the rate-iimiting step in a 
reaction mechanism. 


Sample Problem 1: Using the Experimental Rate Law Equation 
Nitryl fluoride gas, NOjFIg), is a strong oxidizer that is sometimes used as rocket propeliant 
(Figure 1). Nitryl fluoride gas can be synthesized from gaseous nitrogen dioxide and fiuorine. 
The balanced equation for the reaction of nitrogen dioxide gas and fluorine gas is 

2N02(g) + F2(g)^2N02F(g) 

The experimentally determined rate iaw equation is 
rate = /([N02(g)][F2(g)] 

A suggested mechanism for this reaction is 
N02(g) + F2(g)-^N02F(g) + F(g) slow 
N02(g) + F(g) ^ NOjFCg) fast 

Does this mechanism satisfy the two requirements for a plausible reaction mechanism? 

Solution 

step 1. Analyze the first requirement. Add the two elementary steps given for the 

mechanism to determine whether the sum yields the balanced equation for the 
overali reaction. 

N02(g) + F2(g) ^ N02F(g) + F(g) 

_F(g) + N02(g) ^ N02F(g)_ 

2 N02(g) + F2(g) + E(§)^ ^ 2 N02F(g) + m 
Overall reaction: 2 N02(g) + Fjfg) ^ 2 N02F(g) 

The first requirement has been met. 

Step 2. Analyze the second requirement. Determine whether the mechanism agrees with 
the experimentaliy determined rate iaw equation. Since the proposed mechanism 
states that the first step is rate determining, the overail reaction rate must be 
defined by the first step. The rate iaw equation for the first step is 
rate = /r[N02(g)][F2(g)] 

This has the same form as the experimentaily determined rate law, meaning that 
the second requirement has been met. 

Statement: The proposed reaction mechanism satisfies both requirements for a plausible 
reaction mechanism. 



Figure 1 Rocket propeiiants, such as 
nitryl fluoride gas, provide the thrust to 
counteract the force of gravity. 
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How will you apply what you have 
learned about reaction mechanism and 
rate-determining steps to the Unit Task 
described on page 402? 


Sample Problem 2: Identifying the Rate-Determining Step 
The rate law of a chemical reaction was found to be 
rate = /c[N0(g)][Cl2(g)] 

The following elementary steps have been proposed: 

NO(g) + Cl2(g) ^ NOCl2(g) 

NOCIjCg) + NO(g)^2NOCI(g) 

(a) Determine the overall reaction. 

(b) Identify any reaction intermediates. 

(c) Determine the slowest step in the mechanism. Explain your choice. 

(d) Determine the rate law equation for the fast step. 

Solution: 

(a) NO(g) + Cl2(g) ^ N0Cl2(g) 

_NOCl2(g) + NO(g) ^ 2 NOCI(g)_ 

NO(g) + Cl2(g) + UOGiM + NO(g) ^ 2 NOCI(g) + NOGtjfg^ 

Overall reaction: 2 NO(g) -E Cl2(g) ^ 2 NOCI(g) 

(b) The reaction intermediate is NOCIjig). 

(c) The experimentally determined rate law for the overall reaction indicates that 
the first step is rate determining, because it matches the rate law written for this 
elementary step. 

(d) rate = /([NOCl2(g)][NO(g)] 


Practice 

1. Write the rate law equations for the following elementary reactions: ESi 

(a) Ag'^(aq) -E cr(aq) ^ AgCI(s) [ans:rate = /f[Ag-"(aq)][C|-(aq)] 

(b) 03(g) -E NO(g) 02(g) -E N02(g) [ans: rate = /([03(g)][NO(g)] 

(C) 03(g) ^ 02(g) -E 0(g) [ans: rate = mm 

(d) 03(g) -E 0(g) ^ 2 02(g) [ans: rate = /([03(g)][ 0 (g)]] 

2. A proposed mechanism for the reaction between iodine chloride gas, ICI(g), and 
hydrogen gas, H2(g), is 

ICI(g) + H2(g) ^ Hl(g) + HCI(g) slow 
Hl(g) + ICI(g) ^ HCI(g) + 12(g) fast mm 

(a) Determine the overall reaction, [ans: 2 ici(g) -h H^ig) ^ 2 Hci(g) -h yg)] 

(b) The rate law equation was experimentally determined to be rate = /r[ICI(g)f[H2]. 
Does the proposed mechanism agree with the rate law equation? If it does agree, 
explain why. 

3. A two-step reaction is outlined below: 

12(g) ^ 2 1(g) slow 

H2(g) -E 21(g) ^ 2 Hl(g) fast m di 

(a) What is the overall reaction? [ans: Hjig) -1- 12(g) ^ 2 Hi(g)] 

(b) Are there any intermediates? What are they? [ans: 1(g)] 

(c) What is the rate law equation if the proposed mechanism is correct? 

[ans: rate = /([yg)] 
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Summary 

• Most chemical reactions occur in a series of elementary steps. The sequence of 
elementary steps making up a reaction is known as its reaction mechanism. 

• A rate law equation can be written for each elementary step of a reaction, and 
the overall rate law equation for a reaction may be deduced from these. 

• The slowest elementary step in a reaction mechanism is the rate-determining step. 

• There are two requirements for a plausible reaction mechanism; 

1 . The elementary steps must combine to give the correct overall balanced 
equation. 

2 . The mechanism must agree with the experimentally determined rate law 


equation. 

Questions 

1. Define each of the following terms: QQ 

(a) elementary step (c) reaction intermediate 

(b) reaction mechanism (d) rate-determining step 

2. Using an example from your daily life as an analogy, 
explain the concepts of reaction mechanism and rate¬ 
determining step. Try to use an analogy that includes 
a reaction intermediate as well. B D 

3. The following reaction can occur between iodine 
fluoride and hydrogen: 

2 IF(g) + H^Cg) ^ 2 HF(g) + I^Cg) 

One of your classmates thinks that this is probably a 
one-step reaction. Explain why this is unlikely. 02 !] 

4. A proposed mechanism for a reaction is 

03 (g) ^ 02 (g) + 0 (g) fast 
03 (g) -f 0 (g) ^ 202 (g) slow QEIiai 

(a) Write the rate law equation expected for this 
reaction mechanism. 

(b) What is the overall balanced chemical equation 
for the reaction? 

(c) What is the intermediate in the proposed 
reaction mechanism? 

5. A proposed mechanism for a reaction is 
C 4 H 9 Br(aq) ^ C 4 H+(aq) -f Br“(aq) slow 
C 4 H + (aq) -f H 20 ( 1 ) ^ C 4 HgOH 2 +(aq) fast 
C 4 H 90 H 2 +(aq) + H20(l) ^ 

C4H9OH + H 30 +(aq) fast mm 

(a) Write the rate law equation expected for this 
reaction mechanism. 

(b) What is the overall balanced chemical equation 
for the reaction? 

(c) What are the intermediates in the proposed 
reaction mechanism? 


6 . What two requirements must be met for a 
mechanism to be plausible? BIS 

7. A friend of yours says, “A balanced equation 
describes how chemical entities interact. Therefore, 
we can determine a rate law equation directly from 
an overall balanced equation.” Evaluate your friends 
explanation. BISEZD 

8 . The steps of a proposed reaction mechanism for a 
reaction are 

NO(g) + NO(g) ^ N202(g) 

N202(g) + 02(g) 2N02(g) BIS m 

(a) What is the overall balanced chemical equation 
for the reaction? 

(b) What is the intermediate in the proposed 
reaction mechanism? 

(c) The rate law equation was experimentally 
determined to be rate = k[N 07 [ 02 ]. If this 
mechanism is correct, which is the 

rate-determining step? 

9. A proposed mechanism for a reaction is 

NH 4 + (aq) ^ NH 3 (aq) -f H+(aq) fast 

H+(aq) -f HN 02 (aq) ^ H 20 (l) -f NO+(aq) fast 
NH 3 (aq) -f NO+(aq) ^ NH 3 NO+(aq) slow 

NH 3 NO+(aq) ^ N 2 (g) + H 20 (l) + H+(aq) fast 

(a) What is the overall balanced chemical equation 
for the reaction? 

(b) What are the intermediates in the proposed 
reaction mechanism? 

(c) The rate law equation was determined to be 

rate = A:[HN 02 (aq)][NH 4 ’^(aq)]. Is the proposed 
mechanism plausible? Support your answer. 
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Global Warming and Reaction Rates . 

ABSTRACT handbook C 

Greenhouse gases absorb energy from solar radiation and store it as thermal energy. 
Atmospheric concentrations of greenhouse gases are increasing, which is complicating 
efforts to limit global warming. In 2009, the G 8 (six of the worlds major economies, 
plus Ganada and Russia) set a goal to keep the average global temperature within 
2 °G of the pre-industrial level of 14.4 °G. Through this goal, the G 8 hope to minimize 
the negative consequences of global warming. Important to this goal are gases that 
persist in the upper atmosphere, which can make a significant contribution to global 
warming even in low concentrations. Also, some “super” greenhouse gases have a 
global warming potential significantly higher than that of carbon dioxide. An under¬ 
standing of the average lifespan of these super greenhouse gases therefore is needed 
to better manage the contribution of these gases to global warming. 


Global warming is an increase in Earths average temperature. 
We are presently in a period of global warming, which is 
leading to climate change. In 2009, representatives of the G 8 
countries met in Gopenhagen, Denmark, and agreed to hmit 
global warming so that, by 2020, Earths average temperature 
will have risen no more than 2 °G above pre-industrial levels. 
In other words, the average global temperature would be no 
higher than 16.4 °G. Since the G 8 is composed of the worlds 
six largest economies plus Ganada and Russia, reaching 
this limit could have profound effects on the whole planet. 
European countries had made a similar agreement in 1996. 

The global warming we are currently experiencing is due 
in large part to increases in the concentration of greenhouse 
gases in the atmosphere. A greenhouse gas is any gas that 
absorbs incoming solar radiation and infrared radiation 
re-irradiated from Earths surface and stores it. Some of this 
stored energy is re-emitted as infrared radiation back to 
Earths surface. This process is called the greenhouse effect. 
Without the greenhouse effect. Earth would be too cold to 
support life as we know it. However, since the Industrial 
Revolution of the 1800s, many human activities have caused 
a large increase in the concentration of greenhouse gases. The 
atmosphere can therefore store and re-emit more energy and, 
as a result. Earth is getting warmer. Scientists believe that an 
increase beyond the 2 °G mark agreed upon by the G 8 will 
likely cause dramatic, irreversible climate change. 

The most abundant greenhouse gases are water vapour, 
H 20 (g); carbon dioxide, G 02 (g); methane, GH 4 (g); nitrous 
oxide, N 20 (g); and ozone, 03 (g). Evidence supports the idea 
that the increased atmospheric concentration of each of these 
gases is related to increases in industrial activity. For example, 
combustion of fossil fuels releases large quantities of carbon 
dioxide gas as well as water vapour (Figure 1). 

Global Warming Potential 

It is not just the general concentration of greenhouse gases 
in the atmosphere that affects global warming. Each gas 



Figure 1 Every combustion reaction of a fossil fuel rel 
carbon dioxide and water vapour into the atmosphere 


has a particular ability to capture, store, and return energy 
back to Earths surface. Further, each gas remains in the 
atmosphere for a distinct length of time, which depends 
on the reaction rate of its decomposition. To compare the 
contribution of different gases to global warming, scien¬ 
tists came up with the concept of global warming potential 
(GWP). GWP is the ratio of the quantity of energy stored 
by a certain mass of a greenhouse gas (for example, 1 kg of 
methane) to the quantity of thermal energy stored by the 
same mass of carbon dioxide, usually over 100 years. The 
GWP of a gas is affected both by its ability to absorb energy 
and its lifetime in the atmosphere. Table 1 shows the GWP 
and average atmospheric lifespan of several greenhouse 
gases produced by human activity. 
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Table 1 Global Warming Potential and Average Lifespan of Some 
Atmospheric Gases 


Greenhouse gas 

GWP over 100 
years 

Average atmospheric 
lifespan (years) 

carbon dioxide 

1 

50-200 

methane 

25 

12 

nitrous oxide 

298 

120 


New Greenhouse Gases 

Human activities continue to release greenhouse gases, some 
of which have never been in the atmosphere. For example, in 
2010 scientists found three new “super” greenhouse gases in 
the atmosphere: sulfuryl fluoride, S 02 F 2 (g), trifluoromethyl 
sulfur pentafluoride, SF 5 CF 3 (g), and nitrogen trifluoride, 
NF 3 (g). These synthetic substances have extremely high GWP. 
For example, the GWP of nitrogen trifluoride is reported to 
be 17200 over 100 years! These three gases have only recently 
been manufactured and their atmospheric concentrations are 
increasing. Sulfuryl fluoride is a fumigant used in pest con¬ 
trol, which was believed to be more environmentally friendly 
than older fumigants. Trifluoromethyl sulfur pentafluoride 
is likely released from electronic devices and microchips 
as a by-product. Nitrogen trifluoride is used in the elec¬ 
tronics industry for plasma etching and equipment cleaning 
(Figure 2). This gas replaced perfluorocarbons, which 
damage Earths ozone layer. The ozone layer filters out much 
of the damaging ultraviolet rays in solar radiation. 

Why do these gases have such high GWP values? Any 
substance with polar bonds can absorb the infrared por¬ 
tion of solar radiation very efficiently. These three gases 
are all fluorinated compounds, and fluorine atoms have the 
highest electronegativity of any element. As a result, they 
form highly polar bonds with sulfur and carbon, which are 
found in these three gases. These three gases can absorb and 
store a lot of energy. All fluorinated compounds also have 
very slow rates of decomposition, so they will persist in the 
atmosphere for a very long time. 

Faster Decomposition, Slower Global 
Warming? 

Progress in limiting global warming and, hopefully, climate 
change, depends on finding more environmentally friendly 



Figure 2 The greenhouse gas nitrogen trifluoride is used in the 
manufacture of energy-efficient LCD televisions. 


substitutes for harmful substances and continuing to mon¬ 
itor for harmful effects. In one approach, scientists are 
making progress in finding other fluorinated compounds or 
appropriate substitutes that will decompose at a much faster 
rate than those used currently. These new substances will 
not last as long in the atmosphere. They may even absorb 
less infrared radiation than fluorinated compounds used 
today. A second approach is to look for ways to speed up 
the rate of the decomposition reactions of greenhouse gases. 
Such studies must be done very carefully, however, since we 
already know that altering the gases in our atmosphere can 
have unforeseen consequences. 

Further Reading 

Georgia Institute of Technology. (2010, January 27). Study 
documents reaction rates for three chemicals with high 
global warming potential. ScienceDaily. 

Zhao, Z., Laine, PL, Nicovich, J.M. & Wine, PH. (2010) 
Atmospheric Ghemistry Special Feature: Reactive 
and nonreactive quenching of 0('D) by the potent 
greenhouse gases SO 2 F 2 , NF 3 , and SF 5 GF 3 . Proceedings 
of the National Academy of Sciences, 107: 661-6615. 
doi: 10.1073/pnas.0911228107 
Ganadian Space Agency. (2010, May 3). NASA, Purdue 
study offers recipe for global warming-free industrial 
materials. SpaceRef 


Questions 

1 . 

Why is the 2 °G limit to an increase in Earths 

for their potential effect on global warming? Give 


average temperature so important? QQ D 

reasons for your answer. Di D 

2 . 

Describe how limits in scientific understanding 

4. Gonduct research to find out if scientists have made 


affected the choice to use the three super 

any progress in increasing the decomposition rate 


greenhouse gases, 

of any greenhouse gases. Report your findings to 

3 . 

Do you think that the people who approved the 
use of these super gases should be held accountable 

the class. # B B 

*SS*; 
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Investigations 


OBSERVATIONAL STUDY 


Reaction Rates 

Limestone is composed mainly of calcium carbonate, 
CaCOjts). Limestone formations are also geological 
indicators of petroleum deposits. Geologists use 
hydrochloric acid in a field test to detect limestone 
(Figure 1). The reaction between hydrochloric acid and 
calcium carbonate produces carbon dioxide gas: 


• Questioning 

• Researching 

• Hypothesizing 

• Predicting 


• Planning 

• Controiiing Variables 

• Performing 

• Observing 


• Anaiyzing 

> Evaluating 

> Communicating 


Calculate the instantaneous rate of consumption of 
hydrochloric acid at 60 s and 240 s. 


Table 1 Concentration of Hydrochloric Acid Over Time 


CaC 03 (s) + 2 HCl(aq) ^ CaC^Caq) + H20(l) + C02(g) 



Figure 1 A positive reaction to hydrochloric acid indicates the 
presence of calcium carbonate in a geological sample. 


Purpose 

To determine the reaction rate at various points during the 
reaction of hydrochloric acid and calcium carbonate, using 
given data 


Hypothesis/Prediction hanSk , ^ 

Write a hypothesis that explains the change in rate of a 
chemical reaction over time. Then, write a prediction for 
the shape of the curve for the given data, based on this 
hypothesis. 

Procedure handbook Zl 

1. Using the data in Table 1, plot a graph of the 

concentration of hydrochloric acid over time (6 min). 


2. Calculate the average rate of consumption of 
hydrochloric acid from 0 s to 120 s and 
from 180 s to 300 s. 


[HCI(aq)] (mol/L) 

Time (s) 

1.90 

0.0 

1.40 

60.0 

1.10 

120.0 

0.90 

180.0 

0.80 

240.0 

0.75 

300.0 

0.72 

360.0 


Analyze and Evaluate handmok *24 

(a) What variables were recorded in this investigation? 
What type of relationship was being tested? BD 

(b) Describe in words the change in reaction rates 
determined in Steps 2 and 3. EH 

(c) Calculate the slope of the line. What does this 
represent? EZD 

(d) Using your graph, determine the instantaneous 
reaction rate of hydrochloric acid with calcium 
carbonate at 

(i) 1 min 

(ii) 2 min 

(iii) 6 min EZD B 

(e) What are the possible sources for error in your 
analysis of the data? EZD 


Apply and Extend 

(f) To determine the concentration of hydrochloric acid 
at the different times, an investigator measured the 
pH of the solution. Referring to the chemical equation, 
suggest other ways that could be used to determine the 
rate of this reaction at various points. EZD 
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noNTROi I Fn fxpfrimfnt 



Factors Affecting the Rate 
of Chemical Reactions 

• Questioning 

• Researching 

• Hypothesizing 

• Predicting 

• Planning 

• Controlling Variables 

• Performing 

• Observing 

• Analyzing 

• Evaluating 

• Communicating 


There are five factors that affect reaction rate: 
concentration, nature of the reactant, surface area, catalysts, 
and temperature. In this investigation, you will explore 
factors that might increase the rate of a particular reaction. 
You will choose one of the following chemical reactions to 
investigate: 

Metals react with acids as follows: 

X(s) + H 2 S 04 (aq) ^ XS 04 (aq) + H 2 (g) 

Carbonate or carbonate salts react with acids as follows: 
XCOaCs) + 2HCl(aq) ^ XCl 2 (aq) + H20(g) + C02(g) 
Hydrogen peroxide decomposes as follows: 

2 H202(aq) ^ 2 H20(l) + 02 (g) 

Testable Question hanSk '' *2-2 

Write an appropriate question that you will attempt to 
answer in this investigation. Your question must state the 
manipulated and responding variables. 


Hydrogen peroxide solutions should be no more than 6 % w/v. 
Higher concentrations are corrosive and highiy reactive, so 
should not be used. 

Procedure 

Part A: Evaluation of the Effect of a Catalyst 
on Reaction Rates 

1. Plan a step-by-step procedure to evaluate the effect 
of a catalyst on the reaction rate. Include any safety 
equipment you will need and precautions you should 
follow, based on the information in the relevant 
MSDS. Outline what you will observe and how you 
will record your observations. 

2. Once your teacher has approved it, carry out your 
procedure. 

Part B: Evaluation of Factors Affecting 
Reaction Rate 


Hypothesis/Prediction 

Write a hypothesis outlining how the factor or factors you 
have chosen affect chemical reaction rates. Then, predict 
the results of your investigation based on this hypothesis. 

Variables 

Identify all major independent, dependent, and controlled 
variables in your investigation. 

Experimental Design handbook h A2.1 

Describe your experimental set-up and procedure in one 
paragraph. Include the manipulated, responding, and 
controlled variables. 

Equipment and Materials handbook h . 2 

• chemical safety goggles 

• lab apron 

• all necessary chemicals and equipment 

• MSDS for the chemicals 


3. Write a detailed procedure to evaluate at least 
two other factors that affect reaction rate. Include 
appropriate safety measures. Outline what you will 
observe and how you will record your observations. 
Your procedure must allow you to collect data at 
enough time points to generate graphs. 

4. Once your teacher has approved it, carry out your 
procedure. 

Analyze and Evaluate handbook . *6.5 

(a) What variables were measured/recorded and/or 
manipulated in this investigation? E2i 

(b) Create graphs and conduct calculations to determine 
the rates of the reaction(s) you investigated. EZD B 

(c) Answer your testable question using your results. Was 
your prediction correct? Explain. iSl 

(d) Suggest ways that you could improve your procedure 
if you were to repeat your investigation. EZl 


Hydrochloric acid is corrosive and poisonous. Avoid splashing 
it on your skin, in your eyes, or on clothing. Immediately rinse 
© any spills with plenty of cool water and inform your teacher 
of the spill. Carefully follow your teacher’s instructions for 
disposal. 


Apply and Extend 

(e) Which of the factors you tested had an effect on the 
rate of reaction in your investigation? Da 

(f) What was happening at the level of atoms, ions, 
and/or molecules to change the reaction rate when 
you modified the factors in (d)? EZO 
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^ CONTROLLED EXPERIMENT 


The Iodine Clock Reaction System 

The iodine clock reaction system allows you to see 
changes in reaction rate by colour changes. Two colourless 
solutions are combined and the combined solution initially 
stays colourless. After a certain amount of time, the 
combined solution suddenly changes colour (Figure 1). 



Figure 1 During the iodine clock reaction, the solution suddenly 
changes from clear to blue-black. 

The iodine clock reaction system has three reactions that 
occur in sequence. In the first reaction, the iodate ions, 
IO 3 (aq), are reduced to iodide ions, r(aq). 
lOjTaq) + 3 HSOjXaq) ^ 

3 SO/-(aq) + r(aq) +3 H+(aq) 
In the second reaction, iodate ions, IO3 (aq), are changed 
to molecular iodine, ^(aq). 

6 H+(aq) + I 03 -(aq) + 5 I (aq) ^ 3 ^(aq) + 3 H 20 (l) 

In the last, the iodine, ^(aq), reacts with starch to form a 
blue-black complex. 

I 2 (aq) + starch —> blue-black complex 
The third reaction is extremely fast compared to the 
previous two reactions, so the time it takes for the colour 
change to happen is approximately the same it takes to 
complete the first two reactions. 

In this investigation, you will use the iodine clock 
reaction system to investigate the relationship between the 
rates of the first two reactions and the initial concentration 
of iodate ions. 


• Questioning • Planning • Analyzing 

• Researching • Controlling Variables • Evaluating 

• Hypothesizing • Performing • Communicating 

• Predicting • Observing 


Testable Question HANDBOOK 4^' *2.2 

In the iodine clock reaction, system, how does the initial 
concentration of iodate ions affect the rate and/or the 
sequence of the first two reactions? 

Hypothesis/Prediction 

State a hypothesis relating the concentration of reactants 
to reaction rate. Predict what will happen to the rate and 
sequence of each reaction in the iodine clock reaction 
system when the initial concentration of iodate ions is 
increased. 

Variables 

Identify the independent (sometimes called manipulated) 
and dependent (sometimes called responding) variables, 
and the variables that will be controlled. 

Experimental Design 

Using dropper bottles, solutions with varying iodate ion 
concentrations will be combined with equal amounts of 
sulfuric acid, starch, and sodium bisulfite in spot plates. 
The time from mixing to the appearance of the blue-black 
product will be measured and then graphed. 

Equipment and Materials 

• chemical safety goggles 

• lab apron 

• 2 spot plates, labelled A and B 

• 1 transfer pipette 

• timer 

• dropper bottles with 

- distilled water 

- 0.020 mol/L solution of potassium iodate 
(solution A) 

- 0.0200 mol/L sodium bisulfite mixed with sulfuric 
acid and starch solution (solution B) 

Procedure 

1. Put on your safety goggles and lab apron. 

2. Place spot plates on a flat surface. In spot plate 1, use 
the dropper bottle of solution A to place 1 drop of 
solution A in well 1, 2 drops in well 2, 3 drops in well 
3, and so on, up to 10 drops of solution A in well 10. 
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3. Still using spot plate 1, place 9 drops of water in well 
1, 8 drops of water in well 2, 7 drops in well 3, and 
so on, to 1 drop of water in well 9. There are now 10 
drops of solution in each well and you have created a 
dilution series of solution A (Figure 1). 



Figure 2 Create a dilution series for solution A. 

4. Using spot plate 2, place 10 drops of solution B in 
each of the first 10 wells. 

5. Using the transfer pipette held vertically, transfer the 
contents of spot plate 1, well 10, to spot plate 2, well 
10. Make sure to push the tip of the transfer pipette 
below the surface of the liquid in spot plate 2, and stir 
gently so the solutions mix thoroughly (Figure 3). Start 
timing the instant the transfer pipette is squeezed and 
stop timing when the colour first appears. Record your 
observations. 

6 . Rinse the transfer pipette at least twice with water. 
Ensure that no water remains in the transfer pipette. 

7. Using the rinsed transfer pipette, repeat Steps 4 and 
5 for each of the other pairs of wells. Record your 
observations. 

Analyze and Evaluate 

(a) What variables were measured/recorded and/or 
manipulated in this investigation? Da 

(b) Calculate the concentration of iodate ions in each of 
the wells at the end of Step 2. Da 



Figure 3 Ensure that the tip of the pipette is below the surface of the 

liquid. 

(c) Calculate the concentration of iodate ions in each of 
the wells at the instant of mixing with an equal value 
of solution B. Da 

(d) Using tables and graphs of your observations, 
identify the order of the reaction with respect to the 
concentration of iodate ions. Da D 

(e) Answer the testable question using your results. Dl 

(f) Evaluate your hypothesis and prediction. Was your 
prediction correct? Explain your answer. Dl 

(g) Suggest ways that you could improve your procedure 
if you were to repeat your investigation. Da 

Apply and Extend 

(h) The manufacture of many plastics depends on series 
of linked chemical reactions. One role of chemical 
engineers in this area is to ensure that these linked 
reactions take place as efficiently as possible. Research 
the Internet and other sources to learn more about 
this career. Communicate your findings in an 
interesting way. # B D # career link 
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Sm SUMMARY 


Summary Questions 


1. Create a study guide based on the Key Concepts on 
page 344. For each point, create three or four sub- 
points that provide further information, relevant 
examples, explanatory diagrams, or general equations. 


2. Look hack at the Starting Points questions on page 344. 
Answer these questions using what you have learned 
in this chapter. Compare your latest answers with 
those that you wrote at the beginning of the chapter. 
Note how your answers have changed. 


Vocabulary 


chemical kinetics (p. 346) 
reaction rate (p. 346) 
average reaction rate (p. 347) 
instantaneous reaction rate 
(p. 353) 

catalyst (p. 364) 


biological catalyst (p. 364) 
heterogeneous catalyst (p. 364) 
homogeneous catalyst (p. 364) 
collision theory (p. 366) 
activation energy (fj (p. 367) 
activated complex (p. 367) 


rate law (p. 375) 
rate law equation (p. 375) 
rate constant (p. 375) 
order of reaction (p. 375) 
total order of reaction (p. 375) 


initial rate (p. 376) 
elementary step (p. 383) 
reaction mechanism (p. 383) 
rate-determining step (p. 383) 
reaction intermediate (p. 383) 


Grade 12 chemistry can lead to a wide range of careers. Some 
require a college diploma or a B.Sc. degree. Others require 
specialized or postgraduate degrees. This graphic organizer 
shows a few pathways to careers mentioned in this chapter. 

1. Select two careers related to Chemical Kinetics that you 
find interesting. Research the educational pathways that 
you would need to follow to pursue these careers. What is 
involved in the required educational programs? Prepare a 
brief report of your findings. 

2. For one of the two careers that you chose above, describe 
the career, main duties and responsibilities, working 
conditions, and setting. Also outline how the career benefits 
society and the environment. 


12U Chemistry 

Nv 

OSSD 

/ 


SKILLS / . ,, 
HANDBOOK 
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Sm SELF-QUIZ 


QID Knowledge/Understanding Dl Thinking/Investigation 


Communication D Application 


For each question, select the best answer from the four 
alternatives. 

1. In the chemical reaction 

CH4(g) + 2 02 (g) ^ CO^Cg) + 2 H20(g) 
the rate of consumption of oxygen gas is observed to 
be 4 mol/(L-min). What is the rate of production of 
carbon dioxide gas? (6.1) QID 

(a) 1 mol/(L'min) 

(b) 2 mol/(L'min) 

(c) 4mol/(L'min) 

(d) 8mol/(L-min) 

2 . The rate of reaction depends upon 

(a) the concentration and nature of the reactants 

(b) the temperature of the reaction 

(c) whether or not a catalyst was used 

(d) all of the above (6.2) □!!] 

3. Which of the following factors that affect rate of 
reaction applies only to heterogeneous systems? 

(6.2) m 

(a) surface area (c) temperature 

(b) concentration (d) catalysis 

4. The catalytic converter on a vehicle is 

(a) a biological catalyst 

(b) a heterogeneous catalyst 

(c) a homozygous catalyst 

(d) a reactant (6.2) dg 

5. The activation energy of a chemical reaction is 
affected by 

(a) the kinetic energy of the reactant(s) 

(b) the potential energy of the product(s) 

(c) the presence of a catalyst 

(d) none of the above (6.3) QQ 

6 . If the initial rate of reaction is observed to increase by 
a factor of 9 when the concentration of a reactant is 
tripled, what is the order of reaction with respect to 
that reactant? (6.5) dD 

(a) 0 (c) 2 

(b) 1 (d) 3 

7. The gas phase reaction A + B ^ C has a reaction 
rate that is experimentally observed to follow the 
relationship rate = fc[A]^. What is the reaction order 
with respect to B? (6.5) dS 

(a) 0 (c) 2 

(b) 1 (d) 3 


8 . Which of the following statements is incorrect? (6.5) dS 

(a) The reaction rate for a zero-order reaction is 
independent of concentrations. 

(b) The rate constant for a second-order reaction is 
dependent on temperature. 

(c) The rate law expression relates rate and 
concentration. 

(d) The rate constant for a first-order reaction never 
varies with temperature or pressure. 

9. What are the units of the rate constant, k, in a second- 
order equation if rate is measured in mol/(L-s) and all 
concentrations are in mol/L? (6.5) dU 

(a) 

(b) L/(moTs) 

(c) L^/(moP's) 

(d) moP/(L^-s) 

10. Recent scientific research shows that the emerging 
“super” greenhouse gases include 

(a) sulfuryl fluoride, SO 2 F 2 

(b) nitrogen trifluoride, NF 3 

(c) trifluoromethylsulfurpentafluoride, SF5CF3 

(d) all of the above (6.7) dD 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

11. The concentration of the product or reactant in a 
reaction changes over time. ( 6 . 1 ) dD 

12. Reaction rates can only be determined by studying 
the change in concentration of the products. ( 6 . 1 ) dD 

13. The instantaneous rate of reaction is determined 
graphically from the slope of a tangent. (6.1) dD 

14. Rates of reaction can only be determined from 
theoretical data. ( 6 . 1 ) dS 

15. A decrease in the frequency of collisions leads to a 
higher reaction rate. (6.3) dD 

16. An enzyme is a biological catalyst. (6.4) dD 

17. If one reactant molecule is involved in the rate¬ 
determining step, the reaction is a first-order reaction. 
(6.5, 6 . 6 ) dg 

18. The elementary steps in a mechanism must add up to 
the overall equation. ( 6 . 6 ) dg 

19. A reaction intermediate may be used in the rate law if 
required. ( 6 . 6 ) dg 

20. Methane has a global warming potential about 12 
times that of carbon dioxide. (6.7) dg 

Go to Nelson Science for an online self-quiz. 

WEB LINK 
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sm REVIEW 


□IS Knowledge/Understanding EiD Thinking/Investigation D Communication D Appiication 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. Chemical kinetics is the study of factors that affect 

(a) the rate of a chemical reaction 

(b) the chemical properties of substances 

(c) the rate of a change in concentration 

(d) the physical properties of substances (6.1) QQ 

2. Which of the following conditions will change the 
rate of a reaction? (6.2) QZD 

(a) chewing food 

(b) heating in an oven 

(c) exposure to high oxygen concentration 

(d) all of the above 

3. Enzymes are 

(a) highly porous substances that activate 
acids and bases 

(b) substances synthesized by chemists to decrease 
the reaction rate 

(c) extremely poor in catalytic activity 

(d) catalysts found in organisms (6.2) QQ 

4. Which of the following statements is true, according 
to the collision theory? (6.3) QQ 

(a) All collisions result in reactions. 

(b) Entities must collide to react. 

(c) Entities that collide but are incorrectly oriented 
will form a different product. 

(d) All entities in a collision have the same quantity 
of kinetic energy. 

5. Which of the following is not an example of a 
biocatalyst? (6.4) QID 

(a) yeast 

(b) Rubisco 

(c) cellulose 

(d) laccases 

6 . A rate law equation expresses how 

(a) the concentrations of entities in a reaction 
depend on time 

(b) the rate of a reaction depends on the 
concentrations of the reactants 

(c) the concentrations of entities in the reaction 
depend on temperature 

(d) the rate of a reaction depends on temperature 
(6.5) m 


7. Which of the following describes a reaction 
intermediate? ( 6 . 6 ) QQ] 

(a) a starting material 

(b) a product 

(c) something formed and consumed during a reaction 

(d) a step in a reaction mechanism 

8 . In a reaction mechanism, the rate-determining step is 
always 

(a) the reaction intermediate 

(b) the last step 

(c) the slowest step 

(d) the fastest step ( 6 . 6 ) 013 

9. The average atmospheric lifespan of a greenhouse gas 
depends on its 

(a) global warming potential (GWP) 

(b) concentration in the atmosphere 

(c) rate of decomposition 

(d) rate of emission (6.7) 013 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

10. The instantaneous reaction rate is always equal and 
constant. (6.1) QI3 

11. Similar elements tend to react similarly, but may do 
so at different reaction rates. (6.2) 013 

12. It is not necessary to break existing bonds in 
molecules in order to form new bonds. (6.3) I3!3 

13. Chemical entities can be in any orientation during an 
effective collision. (6.3) 023 

14. The frequency of collisions and the proportion of 
those collisions that are effective determine the rate of 
a given reaction. (6.3) 013 

15. Biocatalysts are catalysts that are made by living 
systems or are themselves living systems. (6.4) QQ 

16. The rate constant for a zero-order reaction has no 
units. (6.5) 013 

17. The rate law for a chemical reaction is always 
expressed as a product of the initial concentrations of 
the products of the reaction. (6.5) 1313 

18. The units for the rate law constant, k, are always 
L/(mol-s). (6.5) 013 

19. The reaction mechanism explains exactly what occurs 
in a chemical reaction. ( 6 . 6 ) 1313 

20. The increase in thermal energy trapped in Earths 
atmosphere is contributing to climate change. (6.7) 013 
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Understanding 

Write a short answer to each question. 

21. Why do the average and instantaneous rates of a 
reaction usually differ? ( 6 . 1 ) DQ 

22. Define “reaction rate” in your own words. (6.1) QID 

23. Describe three different methods a chemist might 
use to quantify the appearance of a product or the 
disappearance of a reactant. ( 6 . 1 ) QQ 

24. What is the purpose of enzymes in our bodies? (6.2) QID 

25. In terms of reaction kinetics, explain why each of the 
following increases reaction rate: (6.2) 130 

(a) catalyst 

(b) increase in temperature 

(c) increase in concentration 

26. Explain the difference between homogeneous and 
heterogeneous catalysts, and provide an example of 
each. ( 6 . 2 ) 00 

27. There are five factors that affect the rate of a reaction. 
For each of the five factors, draw a series of diagrams 
showing how it affects the rate of reaction. Include 
captions with your diagrams to clarify your ideas. 

(6.2) BOD 

28. Consider the equation Ag^(aq) + Cl“(aq) —> AgCl(s) 
Predict the rate law for this reaction. Justify your 
prediction. (6.2) BO D 

29. Why do reactions of substances containing covalent 
bonds take longer than reactions of ions in solution? 

(6.3) m 

30. Explain the collision theory, using diagrams in your 
answer. (6.3) BOD 

31. What is the Maxwell-Boltzmann distribution? (6.3) BO 

32. Define “activation energy” in your own words. (6.3) BO 

33. Explain why all chemical reactions have an activation 
energy. (6.3) BO 

34. According to the collision theory, what are two 
reasons why the rates of most reactions increase with 
increasing temperature? (6.3) BO 

35. Use a potential energy graph to differentiate between 
endothermic and exothermic reactions. (6.3) BO 

36. What is a potential drawback of using biocatalysts? 
(6.2, 6.4) m 

37. Why are the initial rates used to measure the rate of 
reaction? (6.5) BO 

38. What is the overall order of reaction for the 
one-step reaction represented by the following? 

A -I- B ^ products (6.5) lOD 

39. Use collision theory to explain why it is unlikely 
that three or more chemical entities (atoms, ions, or 
molecules) will be involved in an elementary step. 

(6.3, 6 . 6 ) m 


40. (a) Why do average rates of reaction decrease with time? 

(b) How does the instantaneous rate of a reaction 
depend on time? 

(c) Why are initial rates used by convention? (6.5) BB 

41. State in your own words the relationship between the 
rate law and the reaction mechanism. (6.5, 6.6) BB 

42. Distinguish between the rate of a chemical reaction 
and the rate constant for the reaction. (6.1, 6.5) BB 

43. What is the relationship between the rate law and the 
rate-determining step? (6.5, 6.6) EZa 

44. What is a reaction mechanism? Include and explain 
the term “elementary step” in your answer. (6.6) BB 

45. How many chemical entities are generally involved 
in an elementary step in a reaction mechanism? 

(6.6) m 

46. Why is it not effective to simply use a balanced chemical 
equation to understand a reaction rate? (6.6) BB 

47. Why is it necessary to consider the atmospheric 
lifespan of a gas when considering the gas’s impact on 
global warming? (6.7) BB 

48. Describe the concerns surrounding greenhouse gases. 

(6.7) m 

Analysis and Application 

49. A chemist conducted a study of the decomposition 
of phosphine gas, PH 3 (g), into phosphorus gas, P 4 (g), 
and hydrogen gas. This reaction is represented by the 
following balanced chemical equation: 
4PH3(g)^P4(g) + 6H2(g) 

She determined the rate of reaction with respect 
to the consumption of phosphine gas to be 
—0.0024 mol/L-s. What are the rates of formation of 
phosphorus gas and hydrogen gas in this experiment? 
(6.1) m 

50. In the reaction represented by the general equation 
A -f 2B^3C -f 4D 

the initial concentration of B was 0.0431 mol/L. After 
11.3 min, the concentration of B was 0.0307 mol/L. 
(6.1) m 

(a) Calculate the average rate of consumption of B 
for the first 11.3 min in mol/L-s. 

(b) Calculate the average rate of formation of C. 

51. In the reaction represented by the general equation 
A -f 2B^3C -f 4D 

the initial concentration of A was 0.0367 mol/L. After 
21.8 min, the concentration of A was 0.0240 mol/L. 
What is the average rate of disappearance, in mol/L-s, 
of reactant B? (6.1) Bi 
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52. Use Figure 1 to answer these questions. (6.1) E2i B 

(a) How many reactants are there? 

(b) How many products are there? 

(c) What was the initial concentration of each of the 
entitites involved in the reaction? 

(d) Based on the graph, write the balanced chemical 
equation for this reaction. Explain how you 
determined the coefficients in the equation. 

Concentration versus Time 





Figure 1 

53. Table 1 shows data collected during an investigation 
in which the concentration of nitrogen dioxide, 
N 02 (g), was measured as a function of time. (6.1) 


Table 1 Concentration of Nitrogen Dioxide over Time 


Time (s) 

[NOJ mol/L 

0 

0.560 

15 

0.445 

30 

0.350 

45 

0.282 

60 

0.210 

75 

0.171 

90 

0.142 

105 

0.123 

120 

0.102 


(a) Graph the data. 

(b) Determine the average rate of consumption of 
nitrogen dioxide between 15 s and 90 s. 

(c) Determine the instantaneous rate of reaction at 15 s. 

(d) Determine the instantaneous rate of reaction at 90 s. 

(e) Explain why the instantaneous rate of reaction 
changes so dramatically over the course of 
the reaction. 


54. When zinc metal, Zn(s), is placed in a solution of 
hydrochloric acid, HCl(aq), a chemical reaction occurs 
that forms hydrogen gas, H 2 (g), and aqueous zinc 
chloride, ZnCl 2 (aq). This reaction is exothermic, as 
shown by the following balanced chemical equation: 

2 HCl(aq) + Zn(s) ^ 

H 2 (g) + ZnCl 2 (aq) + thermal energy 

For each of the following, predict the effect on the 
rate of this reaction. Justify your predictions using the 
collision theory. Use diagrams in your explanations. 

(a) The concentration of hydrochloric acid is increased. 

(b) The reaction mixture is cooled. 

(c) Finely ground zinc is used instead of large chunks 
of zinc. 

(d) A solution of copper(II) sulfate, CuS 04 (aq), is used 
as a catalyst. 

55. During the process of making bread, at one stage you 
let yeast act on the dough and, at another stage, you 
place the finished dough in a hot oven. Explain how 
temperature affects each of these two processes (that 
is, the action of yeast and baking), referring to the 
effect on reaction rates. (6.2) QQ B 

56. Explain why dust control is an important part of 
industrial safety, and give an example of what can 
happen if dust builds up in a workplace. Refer to 
reaction rate in your answer. (6.2) QQ D 

57. Refer to the reactivity information given in Figure 2 

( 6 . 2 ) mWM 

(a) Explain why copper is commonly used in 
plumbing. 

(b) If copper were not available, what other metal 
might be suitable to make plumbing pipes? Refer 
to the costs and benefits of the metal in your 
answer. 


sodium react with 
iithium 

caicium _ >Jr 

magnesium react with 

aiuminum acids 

zinc 

iron 

tin 

iead 


react with 
oxygen 


very 

reactive 


copper f '' 

mercury very 

silver _ ^ unreactive 

gold 


Figure 2 
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58. Sulfuric acid, H 2 S 04 (aq), can be produced by a 
number of different methods. One process, called the 
wet sulfuric acid process, can be summarized by the 
following reaction equations: (6.2) E2i D D 

S(s) + 02 (g) ^ S 02 (g) 

2 S 02 (g) + 02 (g) —> 2 S 03 (g), possible catalyst V 2 O 5 
S 03 (g) + H20(1) ^ H 2 S 04 (aq) 

(a) Suggest ways that could be used to increase the 
rate of each step of the reaction. 

(h) Discuss the costs and benefits of each factor you 
suggested in (a) with respect to both expense and 
safety. Use a chart or other visual tool to organize 
your answer. 

59. The instantaneous rate of a highly exothermic 
reaction is measured at the start of the reaction, 

t = 0. After 5 s, the instantaneous rate is measured 
again, and is found to be higher than at the start 
of the reaction. How is this increase possible? 

(6.1, 6.3) m 

60. Figure 3 illustrates the energy of a system during a 
chemical change. Sketch a new diagram showing how 
the energy of the system would change if a catalyst 
were added. Explain your answer. (6.3) QIS ESI D 


Potential Energy Changes during an 
Exothermic Reaction 



Figure 3 

61. Why do large piles of timber in a lumberyard not 
catch fire spontaneously, even though they are 
surrounded by oxygen? (6.3) ESI D 

62. When cobalt metal, Co(s), is placed in a solution of 
chlorine, Cl 2 (aq), it undergoes a chemical reaction 
to form cobalt (II) chloride, CoCl 2 (aq). The balanced 
chemical equation is 

Co(s) + Cl 2 (aq) CoCl 2 (aq) 


(a) Suggest three ways that you could increase 
the rate of this reaction, and explain each one, 
referring to the collision theory. 

(b) What techniques could you use to measure the 
rate of this reaction? State as many as you can, 
and briefly describe how you could carry out 
each. (6.2, 6.3) QQ ESI 

63. In solution, chlorine dioxide, C 102 (aq), and 
hydroxide ions, OH“(aq), react to form chlorate ions, 
C 103 “(aq), chlorite ions, C 102 “(aq), and water. The 
balanced chemical equation for this reaction is 

2 C 102 (aq) + 2 OH-(aq) ^ 

C 103 “(aq) + C102“(aq) + H20(l) 

The reaction is found to be second order with respect 
to chlorine dioxide and first order with respect to 
hydroxide ions. (6.5) 1319 ESI 

(a) Write a rate equation for the reaction. 

(b) What is the overall order of the reaction? 

(c) How would doubling the concentration of 
chlorine dioxide affect the reaction rate? 

(d) How would doubling the concentration of 
hydroxide ions affect the reaction rate? 

64. Explain the steps you need to follow to determine 
the exponents of the reactant concentrations in the 
rate law equation. Use a flow chart, point-form list, or 
series of diagrams with explanations. (6.5) OQ ESI B 

65. An investigator carried out a chemical reaction 
between molecules of a haloalkane, RX, and 
hydroxide ions, OH , three times at constant 
temperature. Table 2 shows his experimental data. 
Determine the order of the reaction with respect to 
RX and OH“ then write the rate law equation for the 
reaction. (6.5) QIS ESI 

Table 2 Initial Data from Constant Temperature Runs of the 
Reaction between a Haloalkane and Hydroxide 


Run 

Initial [RX] 
(mol/L) 

Initial [0H1 
(mol/L) 

Initial rate 
(mol/(L-s)) 

1 

0.01 

0.04 

8 X 10’® 

2 

0.01 

0.02 

4 X 10^® 

3 

0.005 

0.04 

4 X 10-® 
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66 . Identify the order of reaction associated with the shape 
of each of the curves shown in Figure 4(a-d). Explain 
each of your answers. (6.5) EBID 




(b) Initial [A] 
Figure 4 




67. The rate law for the reaction between chlorine and 
nitric oxide can he expressed as 

r = A:[Cl 2 ][NOp (6.5) QQiai 

(a) What is the order of the reaction with respect to 
chlorine and nitric oxide? 

(b) What is the overall order of the reaction? 

(c) What are the units of the rate constant? 

68 . Magnesium ribbon, Mg(s), will burn in the presence 
of oxygen gas, forming solid magnesium oxide, 
MgO(s). The balanced chemical equation for this 
reaction is 

2 Mg(s) + 02 (g) ^ 2 MgO(s) 

A chemical technician carries out this reaction three 
times at the same temperature, and collects the 
data given in Table 3. From the given information, 
determine the rate law, the rate constant, and the 
overall reaction order. (6.5) ESI 
Table 3 Initial Data from Constant Temperature Runs of the 
Combustion Reaction of Magnesium Metal 


Run 

Initial [Mg] 
(mol/L) 

Initial [OJ 
(mol/L) 

Rate 

(mol/(L>s)) 

1 

0.10 

0.10 

2.0 X 10"^ 

2 

0.20 

0.10 

4.0 X 10"^ 

3 

0.10 

0.20 

8.0 X 10"^ 


69. Hydrogen bromide gas, HBr(g), can form from 
the reaction of hydrogen gas and bromide gas, as 
represented by the balanced chemical equation 
H 2 (g) + Br 2 (g) ^ 2 HBr(g) 


A researcher carries out this reaction in a sealed 
vessel at 50 °C and determines the reaction rate to 
be 2.5 mol/(L-s). She repeats the reaction twice. She 
starts with the same initial reactant concentrations, 
but changes one other factor. Under the new conditions, 
she finds the reaction rate is 1.75 mol/(L-s) for the first 
repetition and 2.35 mol/(L s) for the second repetition. 
She double-checks her calculations and finds no 
errors. Suggest what factor she changed to achieve 
these different reaction rates. (6.2, 6.5) ESI 

70. Thioethanamide, CH 3 CSNH 2 , reacts with hydroxide 
ions as follows: 

CH 3 CSNH 2 (aq) + 2 0H-(aq) ^ 

CH 3 C 02 “(aq) + HS-(aq) + NH 3 (g) 
The reaction is first order with respect to both 
thioethanamide and hydroxide ions. (6.5, 6 . 6 ) QZD Em 

(a) Write the rate law equation for this reaction. 

(b) What is the overall order of the reaction? 

(c) The reaction occurs in two steps and the 
rate-determining step is 

CH3CSNH2 + OH" ^ CH3CONH2 + HS" 
Write an equation for the second step in the reaction. 

71. For the theoretical reaction represented by the 
balanced chemical equation 
2A-fB-fC^2D-fE 

the data given in Table 4 were obtained at 50 °C. 

(6.5, 6 . 6 ) mEm 

Table 4 Initial Data from Runs at 50 °C for the Theoretical 

Reaction Given by 

2A + B + C^2D + E 


Run 

Initial [A] 
(mol/L) 

Initial [B] 
(mol/L) 

Initial [C] 
(mol/L) 

Rate 

1 

0.025 

0.035 

0.022 

0.0060 

2 

0.025 

0.035 

0.044 

0.012 

3 

0.025 

0.140 

0.022 

0.0060 

4 

0.050 

0.035 

0.044 

0.048 


(a) Determine the order of the reaction with respect 
to each reactant. 

(b) Write the specific rate law equation for the reaction, 
making sure to include units for k. 

(c) The following proposed mechanism is being studied: 

1. A-fC—>D-I-F-I-G (slow) 

2. F -f B ^ E (fast) 

3. A -f G —> D (very slow) 

Which is the rate-determining step? 

(d) What are the reaction intermediates? 
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(e) Show that this mechanism results in the overall 
reaction being studied. 

(f) Does the reaction mechanism agree with the 
experimental rate law? Explain your answer. 

(g) Is this mechanism correct? Justify your response. 

72. Assuming a reaction occurs in one elementary step, 
propose a chemical equation using P as the symbol 
for the product. (6.6) Di 

Evaluation 

73. A solution of permanganate ions, Mn 04 (aq), 
causes the solution to be purple. When oxalic acid, 
H 2 C 204 (aq), is added, a chemical reaction occurs and 
the solution becomes nearly colourless. The balanced 
chemical equation for this reaction is 

2 Mn 04 (aq) + 5 H 2 C 204 (aq) + 6 H 30 ’^(aq) ^ 

2 Mn2+(aq) + 10 C02(aq) + 14 H20(l) 
A student carried out this reaction and determined 
the concentration of permanganate ions by measuring 
the intensity of the colour of the solution. His results 
are given in Table 5. 

Table 5 Concentration of Reactants and Product over Time 


Time (s) 

[Mn 04 ‘(aq)] 

(mol/L) 

[H 2 C 204 (aq)] 

(mol/L) 

[Mn^'^faq)] 

(mol/L) 

0 

0.10 

1.0 

0 

10 

0.049 



20 

0.024 



30 

0.011 



40 

0.005 




(a) Copy and complete Table 5. 

(b) Calculate the average reaction rate over the first 
30 s, with respect to permanganate ions. 

(c) Using your answer from (b), determine the 
average rate of the disappearance of oxalic acid 
and the appearance of carbon dioxide. 

(d) A classmate thinks that measuring colour 
intensity is the only way to determine 
concentration of reactants and products over 
time. Do you agree? If so, explain why. If not, 
suggest other ways to determine changes in 
concentration for this reaction. (6.1) qq EHID 

74. At a hardware store, the clerk directs you to a type of 
paint that will dry much more quickly when you add 
a small amount of an accelerant to the can before you 
use it. When you ask him about the accelerant, he 
tells you that it is a catalyst. Do you think the clerk is 
using this term correctly in describing this particular 
accelerant? Justify your position based on what you 
know about catalysts. (6.2, 6.3) 023 D 


75. You read an article that states that a gas station is 
much more likely to catch fire spontaneously on a hot 
day than on a cold day. Do you think this is statement 
is accurate? Support your answer by referring to the 
collision theory. (6.3) ISID D 


Reflect on Your Learning 

76. Write a paper detailing how chemical kinetics makes 
an impact on your daily life. You may want to include 
examples from manufacturing, the environment, or 

77. Identify and describe three ways to change a reaction 
rate that you studied in this chapter that you might 
apply in your everyday life. For each way, give an 
example of a situation where you would want to change 
a reaction rate, and state whether you would be trying 
to increase or decrease the reaction rate. QQ D 

78. What concepts in this chapter did you find the easiest 
to understand? Which ones were the most difficult? 
What tools did you use to help you understand the 
difficult concepts? ma 

Research web link 

79. Catalysts used by industry may be either 
heterogeneous or homogeneous. Research catalysts 
and find a specific example of an industrial use of 
each type. For each example, briefly describe how it 
is used. Determine whether most catalysts used in 
industry are heterogeneous or homogeneous, and 
explain why. Report your findings as a written report, 
poster, or computer-based presentation. E2I1B D 

80. What is autocatalysis? Describe a reaction in which 
it occurs and an industrial or medical use for that 
reaction. BD 

81. Ozone is a molecule that is helpful in the upper 
atmosphere but harmful at ground level. Use a 
web page, computer-based presentation, or other 
interesting format to explain the effects of this gas. 
Answer the following questions in your work. 


(a) Why is ground-level ozone a problem? 

(b) What are the mechanisms of the reactions that 
lead to its production? 

(c) What is the connection between the production 
of ozone and kinetics? 

82. John Polanyi, a scientist at the University of Toronto, 
won the 1986 Nobel Prize for his work in chemical 
kinetics. Imagine that you are a newspaper reporter 
describing Polanyi’s work in an article written the 
day after he received the Nobel Prize. Include in your 
article a description of his area of research and the 
experiments he performed. DD B D 
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UNIT 3 UNIT TASK 


r 


Evaluating Different Catalysts 

Our unhealthy dependence on non-renewable energy 
sources such as gasoline and natural gas has triggered 
unprecedented research into the production of green 
fuels from renewable resources. Bioethanol, a green fuel, 
can be used to run motor vehicles or as an additive to 
conventional gasoline. The production of bioethanol is 
costly. It is currently produced from high-quality biomass 
such as sugar and starch. As a result, corn, grain, and 
soy are no longer being produced solely for use as food. 
Their value on the food market is therefore rising, making 
them very expensive and inaccessible to people in poorer 
countries as food sources. 

Another type of plant matter that could be used to 
produce bioethanol is cellulose (Figure 1). Cellulose is a 
complex sugar polymer and differs from the simple sugars 
found in starch. Sources of cellulose include 

• forestry waste (wood chips, sawdust from saw mdls, 
and dead trees) 

• municipal solid waste (household garbage and paper 
products) 

• energy crops (fast-growing trees and grasses) 

• garden waste (grass clippings, tree branches) 



Figure 1 Cellulose obtained from biomass such as wood chips can 
be converted into ethanoi, a biofuel. 

Cellulose is a polysaccharide made from glucose, a 
6 -carbon sugar. Cellulose is highly resistant to hydrolysis. 
Hydrolysis is the chemical reaction that breaks down 
cellulose into simple sugars. The simple sugars can then 
be fermented into ethanol. In animals that eat plants 
and grass, enzymes known as cellulases facilitate the 
breakdown of cellulose in an energy-efficient manner. 


Scientists are currently searching for alternative 
catalysts that will break down biomass cellulose into 
glucose molecules. Japanese scientists are comparing 
different metal catalysts. Australian, Canadian, and 
American scientists are investigating methods that use 
alternative enzymes or acid catalysts. 

Scientists must compare the rate of catalysis, the purity 
of product, the availability of the catalyst, and the cost of 
using each catalyst and its associated process. 

The Task 

In this Unit Task, imagine that you are a chemist who 
is responsible for comparing different catalysts that will 
be used to break down cellulose into glucose. In order 
to do so, you must conduct a preliminary study on 
basic catalytic properties that you will apply to catalytic 
cellulose decomposition. For your study, you have chosen 
the decomposition of hydrogen peroxide. You will 
quantitatively analyze the rate of reaction associated with 
the breakdown of hydrogen peroxide into oxygen and 
water using three chemical catalysts: potassium iodide, 

KI; manganese dioxide, Mn 02 ; and zinc oxide, ZnO. This 
analysis will help you understand how chemists compare 
the efficiency of different types of catalysts in a specific 
reaction. Furthermore, in this activity, you will further 
develop your understanding of experimental design and 
application of results. 

Purpose 

To understand the relationship between the type of catalyst 
used and its effect on the rate of a specific reaction 
To model a system that may be applied to current research 
in isolating viable catalysts for breaking down cellulose 
into glucose for the production of bioethanol 

Equipment and Materials 

• graduated cylinder 

• dishwashing detergent 

• scoopula 

• stopwatch 

• hydrogen peroxide (4 %) 

• potassium iodide, KI(s) 

• manganese dioxide, Mn 02 (s) 

• zinc oxide, ZnO(s) 

• goggles and gloves 

• any other equipment approved by your teacher 
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Procedure handbook O. *1-2.*2-2 

Design an experiment that will allow you to compare the 
effectiveness of different catalysts that may be used to 
decompose hydrogen peroxide. Collect data that will allow 
you to calculate the rate of reaction for each catalyst used 
in the decomposition reaction. Outline the variables you 
will measure and any controls you will need. Include a 
sample observation table(s). 


Analyze and Evaluate 


L 


(a) Write the chemical equation for the decomposition of 
hydrogen peroxide. Qd 

(b) What variables did you measure in the task? What did 
you change? What was the result of each change? Dl 

(c) Calculate the reaction rate for each catalyst. Use 
volume of gas produced per unit time. You may wish 
to use a graph. EiD D 

(d) How do the catalysts compare in terms of reaction 
rate qualitatively and quantitatively? Support your 
answer with observations and calculations directly 
from your results. EBl 

(e) Which of the catalysts you used was most effective in 
breaking down hydrogen peroxide? Consider in your 
analysis the mass of catalyst used versus the volume of 
gas produced, i® 

(f) Calculate which of the catalysts is the most 
economical to use in breaking down hydrogen 
peroxide. Obtain the cost of each chemical catalyst 
from your teacher. iSI 

(g) List two errors that occurred during the execution 
of your experiment and explain how they may have 
affected your results. E2i 

(h) Propose two modifications to your experimental 
design that would provide you with more conclusive 
results. EiO 


Apply and Extend handbook L: a 5 .i,a 5.2 

(i) Use the Internet or other electronic resources to find the 
chemical equation for the hydrolysis of cellulose. # BD 

(j) What are the products of the hydrolysis of cellulose? 
Describe the process by which the products of 
hydrolysis are turned into viable biofuel. EH D 

(k) Why is ethanol a good alternative fuel source? EH D 

(l) Using the Internet or other electronic resources, 
research different catalytic methods being investigated 
to break down cellulose. # EH D 


(m) Compare your investigation to the process research 
scientists use to evaluate different catalysts in the 
breakdown of cellulose. Was your investigation a good 
model of what catalytic research scientists undertake 
in their studies? Why or why not? EH D 

(n) Using the Internet or other electronic resources, 
research how much energy is obtained from the 
combustion of ethanol. How does this value 
compare to the combustion of conventional 
gasoline? # EHD 

(o) Currently in Canada, ethanol is used as an additive to 
gasoline. Why is ethanol added? What percentage of 
gasoline would you expect to consist of ethanol at a 
Canadian gas station? EH D 

(p) List some sources of biomass that could be used as 
viable sources of cellulose. EH D 

(q) Besides cellulose, hemicellulose and lignin can be 
used as sources of ethanol once they are broken down. 
What are the advantages and disadvantages of using 
these polymers as a starting material versus cellulose? 
Communicate your answer as a chart, poster, webpage, 
or other visually interesting manner. EH D B 



Your completed Unit Task will be assessed according to 

the following criteria; 

Knowledge/Understanding 

/ Identify the manipulated and controlled variables. 

Thinking/Investigation 

/ Correctly use the variables in the experiment. 

/ Fill out an observation table correctly. 

/ Analyze the results. 

/ Evaluate the procedure as a model for cellulose 
breakdown research. 

Communication 

/ Prepare a suitable lab report that includes a complete 
procedure, results, analysis, and evaluation. 

Application 

/ Research current methods used to break down cellulose 
into glucose for use in fermentation. 

/ Compare this student-designed investigation with current 
studies of cellulose breakdown being conducted by 
research scientists. 
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UNIT 3 SELF-QUIZ 


D Knowledge/Understanding DU Thinking/Investigation 


For each question, select the best answer from the four 
alternatives. 

1. Identify the correct order of relative magnitude of 
potential energy changes from the following: 

(a) nuclear change > phase change > chemical change 
(h) phase change > nuclear change > chemical change 

(c) chemical change > phase change > nuclear change 

(d) nuclear change > chemical change > phase change 
(5.1) m 

2. Consider the reaction system represented by the 
following thermochemical equation: 

H 2 (g) + ^ 02 (g) ^ H^Od) AH° = -286 kj 
Which of the following is true? (5.1, 5.2) QID 

(a) Thermal energy is absorbed by the system. 

(b) The reaction is endothermic. 

(c) The reaction is exothermic. 

(d) none of the above 

3. One-gram samples of two metals that have different heat 
capacities are subjected to the same quantity of thermal 
energy. Which of the following statements is true for this 
experiment? (5.2) QQ 

(a) Both metals undergo the same change in temperature. 

(b) The metal with the higher heat capacity 
undergoes the smaller temperature change. 

(c) The metal with the lower heat capacity undergoes 
the smaller temperature change. 

(d) You need to know the initial temperature of the 
metals to predict their temperature change. 

4. A 4.0 g sample of heated metal is placed in a coffee-cup 
calorimeter that contains 1.00 kg of water. The 
temperature of the water increases by 5.0 °C. How much 
thermal energy was transferred to the water, given that 
the heat capacity of water, c, is 4.18 J/g-°C? (5.2) BO 

(a) OkJ/g 

(b) 5.2kJ/g 

(c) 5.4kJ/g 

(d) 21 kj/g 

5. The balanced chemical equation for the combustion 
of 1 mol of ethyne gas, C 2 H 2 (g), is 

C 2 H 2 (g) + 2.5 02 (g) ^ 2 C02(g) + H20(g) 

Estimate the heat of combustion for 1 mol of ethyne 
gas, using the bond energy values given in. Table 1, 
page 307. (5.3) m 

(a) -1228 kJ (c) 447 kJ 

(b) -447 kJ (d) 1228 kJ 


6 . Given the following two balanced thermochemical 
equations: 

C(s) -f 02 (g) ^ C02(g) AH = -393.6 kJ 
CO(g) + 1/2 O 2 ^ C02(g) AH = -283.3 kJ 
use Hess’s law to determine the AH for the reaction 
2 C(s) + 02 (g) ^ 2 CO(g) 

(a) -576.9 kJ 

(b) -220.8 kJ 

(c) 220.8 kJ 

(d) 576.9 kJ (5.4) EBl 

7. Identify which of the following statements concerning 
petroleum is inaccurate: (5.6) QQ 

(a) All of its hydrocarbon chains contain the same 
number of carbon atoms. 

(b) It is a thick, dark liquid composed mostly of 
hydrocarbons. 

(c) It must be separated into fractions by boiling to 
be used. 

(d) It likely was formed from the remains of ancient 
marine organisms. 

8 . The type of coal that releases the highest quantity of 
thermal energy per unit burned is 

(a) anthracite 

(b) bituminous 

(c) lignite 

(d) sub-bituminous (5.6) QBl 

9. Which of the following is not a potential drawback of 
a wind farm? A wind farm 

(a) requires large tracts of land. 

(b) may produce noise pollution. 

(c) allows farmers to generate additional revenue 
while still using the land for crops. 

(d) must be located in an area where there are strong, 
steady winds. (5.7) QID 

10. For the chemical reaction that occurs when zinc 

metal, Zn(s), is placed in a hydrochloric acid solution, 
HCl(aq), the rate of reaction could not be determined 
by measuring the 

(a) change in pH 

(b) volume of gas produced 

(c) temperature change 

(d) mass of zinc consumed (6.1) QQIBII 
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A chemical reaction is represented by the following 
balanced chemical equation: 

2 H202(aq) ^ 2 H20(l) + 02 (g) 

Identify the catalyst, given that the following two 
equations represent the accepted reaction mechanism: 
H202(aq) + r(aq) ^ H20(l) + lO'Caq) 

H202(aq) + IO“(aq) ^ H20(l) + 02 (g) + r(aq) 


(a) H 20 ( 1 ) 

(b) H202(aq) 

(c) r(aq) 

(d) IO“(aq) (6.2) QlDDn 

1. Which of the following will occur when the kinetic 

energy of reactants is not equal to or greater than the 

activation energy? (6.3) QID 

(a) The activated complex will convert to products. 

(b) The products will form at an unstable 
energy state. 

(c) The rate of the reaction will tend to increase. 

(d) The reactants will re-form. 

5. Which of the following is NOT true? (6.4) QQ 

(a) Reactions involving a biocatalyst are thought to 
have a lower activation energy than the same 
reaction carried out without a biocatalyst. 

(b) Biocatalysts often make a chemical process more 
environmentally friendly. 

(c) Sodium hydroxide is a biocatalyst used in the 
kraft process. 

(d) Biocatalysts can increase the rate of a chemical 
process. 


A sample of zinc with a mass of 6.54 g is dropped 
into dilute acetic acid. At the end of 2.00 min, the 
unreacted zinc is removed, dried, and found to have 
a mass of 6.00 g. The average rate of the reaction over 
this time period was 

(a) 4.13 X 10“^ mol/min (c) 5.00 X 10“^ mol/min 

(b) 4.13 X 10“^ mol/s (d) 4.59 X 10“^ mol/min 

For the chemical reaction represented by the balanced 
chemical equation 

2N0(g)^N2(g) + 02(g) 
the rate law equation is 
A[NO(g)] 

- - 2fc[NO(g)]^ 


After a period of 2.0 X 10^ s, the concentration of 
nitric oxide, NO(g), decreases from an initial value 
of 2.8 X 10“^ mol/L to 2.0 X 10“^ mol/L. What is the 
rate constant, kl (6.5) Di 

(a) 3.6 X 10“^mol/L-s (c) 1.7 X 10“^mol/L-s 

(b) 7.2 X 10“^mol/L-s (d) 4.0 X 10“^mol/L-s 


16. The catalyzed pathway of a reaction mechanism has 

_activation energy and thus causes a_ 

reaction rate. ( 6 . 6 ) 013 

(a) higher, lower 

(b) higher, higher 

(c) lower, higher 

(d) lower, lower 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

17. The energy of the universe is constant. (5.1) QIS 

18. When a reaction is reversed in enthalpy calculations, 
the sign of AH remains the same but its magnitude 
changes. (5.4) □□ 

19. Elements in their standard states are not included in 
the AH° calculations. (5.5) QQ 

20. Nuclear reactions constitute a potentially valuable 
energy source. (5.6) 013 

21. Combining 2 light nuclei to form a heavier, more 
stable nucleus is called fission. (5.6) QQ 

22. One of the least abundant energy sources is the energy 
that binds the atomic nucleus together. (5.6) QQ 

23. A modern wind turbine can generate enough 
electricity to supply several small towns. (5.7) 1313 

24. For the chemical reaction in which hydrogen gas 
and oxygen gas form water vapour, the rate of 
water vapour formation is equal to the rate of the 
consumption of hydrogen gas. ( 6 . 1 ) QBl 

25. The effect of changing reactant concentrations on the 
rate of a reaction can be predicted by looking at a 
balanced chemical equation. (6.2) 1213 

26. A catalyst is a substance that increases reaction 
rate by lowering the activation energy and that is 
consumed in the reaction. (6.2) 1213 

27. Chemical entities must be oriented in a certain way 
and have sufficient kinetic energy when they collide 
for a chemical reaction to occur. (6.3) 1213 

28. Biocatalysts are thought to increase reaction rate by 
providing an alternative reaction mechanism with a 
higher activation energy. (6.4) 1213 

29. The initial rate of a reaction is the instantaneous rate 
determined just after the reaction begins (just after 

t = 0). (6.5) 133 

30. The rate constant, k, is the same for all chemical 
reactions. (6.5) 1213 

31. Most chemical reactions occur in a series of steps 
called the reaction mechanism. ( 6 . 6 ) I213 

32. The global warming potential of “super” greenhouse 
gases is similar to that of carbon dioxide. (6.7) 1213 
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UNIT 3 REVIEW 


f 

f QQ Knowledge/Understanding 


D Communication 


I Thinking/investigation 


D Application 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. Potential energy can be defined as energy (5.1) QID 

(a) associated with an objects location or composition 

(b) related to the motion of an object 

(c) of moving particles 

(d) that is dependent on an objects mass and velocity 

2. Which of the following terms describes the study 
of the transfer of energy that occurs in chemical 
reactions? (5.1) QQ 

(a) thermal energy 
(h) thermodynamics 

(c) thermochemistry 

(d) none of the above 

3. Which of the following defines an endothermic 
reaction? (5.1) QIS 

(a) a reaction in which matter is not allowed to move 
into or out of a system 

(h) a reaction in which energy flows out of a system 

(c) a reaction in which energy flows into a system 

(d) all of the above 

4. Which of the following is an accepted way to 
communicate the enthalpy change of a reaction? 

(5.2) m 

(a) writing the energy term into the thermochemical 
reaction equation 

(h) writing the enthalpy change separately from the 
reaction equation 

(c) drawing a potential energy diagram 

(d) all of the above 

5. A bond in which 3 pairs of electrons are shared by 2 
atoms is a (5.3) QID 

(a) single bond 

(b) double bond 

(c) triple bond 

(d) ionic bond 

6 . The complete combustion of propane in oxygen is 
represented by the equation 

C3H3(g) + 5 02 (g) ^ 3 C02(g) + 4 H20(g) 

Which of the following reactions would not be 
required to calculate the enthalpy of combustion of 
propane? (5.4) QID 

(a) 3C(s) + 4H2(g)^C3H8(g) 

(b) 2 H2(g) + 02 (g) ^ 2 H20(g) 

(c) C(s) + 02 (g) ^ C02(g) 

(d) CO(g) + 02 (g) ^ C02(g) 


7. Which of the following statements about Hess’s law is 

true? (5.4) QID 

(a) The enthalpy change of a reaction is the same 
whether the reaction takes place in one step or in 
a series of steps. 

(b) You can manipulate and combine different 
chemical reactions to determine the enthalpy 
change of a reaction. 

(c) If you multiply the coefficients in a balanced 
equation by an integer, then you also have to 
multiply the value of AH by the same integer. 

(d) all of the above 

8 . The standard state of a pure substance is 

(a) a pressure of exactly 100 kPa when the substance 
is in the gas phase 

(b) the most stable form of the substance under 
standard conditions, 25 °C and 100 kPa 

(c) a concentration of exactly 100 mol/L when the 
substance is dissolved in water 

(d) the substance in the solid phase (5.5) QID 

9. What is/are the primary component(s) of syngas? 

(5.6) m 

(a) oxygen gas 

(b) hydrogen liquid 

(c) carbon dioxide gas 

(d) hydrogen gas and carhon monoxide gas 

10. The rate of a chemical reaction 

(a) tells you how quickly a reactant is consumed or a 
product is formed 

(b) is expressed as a change in concentration 
per unit time 

(c) can be determined from a graph of the change in 
concentration of a reactant or product 

(d) all of the above (6.1) QID 

11. In which state of matter will a reactant undergo a 

chemical change most slowly? (6.2) QID 

(a) aqueous 

(b) liquid 

(c) gas 

(d) solid 

12. Simple reactions often have an elementary step that is 

called the rate-determining step, which is 

(a) only for first-order reactions 

(b) faster than the rest of the steps 

(c) known with 100 % certainty 

(d) the step in the reaction that has a much slower 
rate than the other steps ( 6 . 6 ) QID 


406 Unit 3 • Energy Changes and Rates of Reaction 





Indicate whether each statement is true or faise. If you think 
the statement is false, rewrite it to make it true. 

13. The terms “thermal energy” and “temperature” mean 
the same thing. (5.1) QQ 

14. Much of the energy emitted from the Sun is released 
during the nuclear process called fission. (5.1) BIS 

15. The quantity of energy needed to increase the 
temperature of a substance depends on the amount 
of the substance present. (5.2) m 

16. The quantity of energy required to break a chemical 
bond is known as thermal energy. (5.3) BIS 

17. According to Hess’s law, if you reverse a reaction, you 
must reverse the sign of AH for the reaction. (5.4) BID 

18. An enthalpy of formation is always reported per mole 
of product in its standard state. (5.5) BID 

19. Electricity generated by wind turbines is far more 
expensive than electricity generated by other 
sources. (5.7) BID 

20. The instantaneous reaction rate is the slope of the 
tangent line to the curve of a graph of concentration 
versus time. (6.1) BID 

21. Product concentration(s) can be used to express the 
rate law equation. (6.5) BID 

Understanding 

Write a short answer to each question. 

22. Distinguish between potential energy and kinetic 
energy (5.1) 

23. State whether each of the following is an open system 
or a closed system: (5.1) BID 

(a) combustion of methane gas to heat a home 

(b) combustion of methane gas in a sealed bomb 
calorimeter 

(c) water boiling in a kettle with a closed lid 

(d) an acid-base neutralization reaction in a sealed 
flask 

24. Classify each of the following reactions as 
endothermic or exothermic: (5.1) BID 

(a) splitting a large gas molecule into smaller gas 
molecules 

(b) forming a cation from an atom in the gas phase 

(c) mixing elemental sodium and chlorine to form 
table salt 

(d) nuclear fission 

25. Explain the difference between nuclear fission and 
nuclear fusion. (5.1) BID 

26. List three examples of endothermic reactions. (5.1) BID 

27. List three examples of exothermic reactions. (5.1) BID 


28. Describe how the enthalpy change of a chemical 
reaction is consistent with the law of conservation of 
energy. (5.1, 5.2) BID 

29. Explain how bond energies are used. (5.3) BID 

30. Which releases more energy: breaking an N-O bond 
or forming a P-Cl bond? Refer to Table 1 on page 307 
for bond energy values. (5.3) BID 

31. Why is more energy needed to form and break triple 
bonds than single or double bonds? (5.3) BID 

32. State the two rules you need to apply when calculating 
enthalpy changes using Hess’s law. (5.4) BID 

33. What is the standard enthalpy of formation? (5.5) BID 

34. What are the three main forms of fossil fuels used for 
energy? Explain the major concern with using fossil 
fuels as energy sources. (5.6) BID 

35. Suggest any three physical properties that can change 
during a reaction and that may be used to measure 
the rate of a reaction. (6.1) BID 

36. In each of the following examples, identify the factor 
that affects the rate of the reaction: (6.2) BID 

(a) Gold and copper are both used in jewellery, but 
copper bracelets turn green over time. 

(b) Milk kept in a refrigerator will keep for a week 
or more, but milk left out on the counter will 
quickly turn sour. 

(c) Papain is a food additive that is sometimes added 
to meat to make it more tender. 

(d) The dust in grain silos has been known to 
explode, whereas kernels of grain are almost 
non-flammable. 

(e) Vinegar is safe to add to food and to consume, 
but pure acetic acid will burn skin on contact. 

37. In chart form, summarize the factors that affect 
reaction rate, and explain, using collision theory, how 
each factor affects reaction rate. Include an example 
in each case. (6.3) BID D 

38. How do biocatalysts support the tenets of green 
chemistry? (6.4) BID WM 

39. Explain, with an example, the difference between 
order of reaction with respect to each reactant and 
the total order of reaction. (6.5) BID 

40. Explain the difference between an elementary step 
and the rate-determining step. (6.6) BID 

Analysis and Application 

41. Give an example of an endothermic change that 
you have encountered in your everyday life. Where 
did the energy for the endothermic change come 
from? (5.1) BQD 
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42. Physical changes in substances often depend on 
energy released during chemical changes. Suppose 
you are boiling a pan of water by placing it over a 
hot campfire. Draw a series of labelled diagrams to 
show the transfer of energy as the water starts to boil, 
consistent with the law of conservation of energy. 

(5.1) mwawM 

43. Calculate the amount of thermal energy, in J and kj, that 
is required to heat 1.5 kg of water from 20 °C to 75 °C. 
The specific heat capacity of liquid water is 4.18 J/(g-°C). 

(5.2) ESI 

44. The molar enthalpy of vaporization of elemental 
chlorine, Clj, is +20.7 kj/mol. Calculate the enthalpy 
change during the vaporization of 2.25 kg of 
elemental chlorine. (5.2) BO 

45. A coffee-cup calorimeter is filled with 200.0 mL of 
water at 22.1 °C. A piece of metal at 48.6 °C with 

a mass of 5.1 g is added. The final temperature of 
the water in the calorimeter is 26.8 °C. The density 
of liquid water is 1.00 g/mL, and its specific heat 
capacity is 4.18 J/(g-°C). Determine the specific heat 
capacity of the metal. (5.2) BD 

46. When 0.40 g of sodium hydroxide is dissolved in 
100 mL of water in a coffee-cup calorimeter, the 
temperature of the water changes from 20.02 °C to 
21.12 °C. The specific heat capacity of water is 
4.18 J/(g-°C). Determine the heat of dissolution. 

(5.2) Bi 

47. In a coffee-cup calorimeter, 60.0 mL of 0.700 mol/L 
sodium hydroxide solution was neutralized with 
40.0 mL of excess sulfuric acid solution. The 
temperature increased by 5.6 °C. (5.2) Bi 

(a) Calculate the molar enthalpy of neutralization 
for sodium hydroxide. 

(b) What assumptions did you make to answer this 
question? 

48. In developing countries, solar ovens are sometimes used 
to boil water. If 2.00 L of water is heated from 26.5 °C 
to 100.0 °C, determine the amount of energy that was 
transferred to the water from sunlight. (5.2) EBl 

49. For reactions carried out in a copper flame 
calorimeter, you must consider the specific heat 
capacities of the copper metal that makes up 
the calorimeter and the water contained in the 
calorimeter. This is because, during a physical or 
chemical change in this calorimeter type, thermal 
energy is transferred to both the calorimeter walls 
and the water. A chemist burns a sample of propanal, 
CjHgO, in a copper flame calorimeter. Her data 

are presented in Table 1. What is the enthalpy of 
combustion of propanal? (5.2) BQ D 


Table 1 Data for the Combustion of Propanal in a Copper Flame 
Calorimeter 


Variable 

Value 

mass of calorimeter 

305 g 

mass of water 

255 g 

mass of propanal 

1.01 g 

temperature change of calorimeter 
and contents 

+28.8 °C 

specific heat capacity of copper 

0.385 J/(g-°C) 

specific heat capacity of water 

4.18J/(g-°C) 


50. Using bond energies given in Table 1 on page 307, 
determine the enthalpy change for the reaction given 
by the following balanced chemical equation: (5.3) Dl 

H2(g) + Cl2(g) ^ 2 HCl(g) 

51. Using bond energies given in Table 1 on page 307, 
estimate the enthalpy change for the reactions 
represented by each of the following chemical equations. 
Make sure to balance the equations first. (5.3) Bi 

(a) Hp^Caq) ^ H^d) + 02 (g) 

(b) CH 30 H(aq) + 02 (g) ^ C02(g) + H20(l) 

(c) CHF 2 CHF 2 (g) ^ CHCH(g) + F 2 (g) 

52. Nitromethane gas, CH3N02(g), is a rapidly burning 
fuel often used in dragsters, where rate, not energy 
yield, is important. The combustion of nitromethane 
gas is given by the equation 

4 CH3N02(g) + 3 02 (g) ^ 4 C02(g) + 2 N2(g) + 6 H20(g) 

Use Hess’s law and the known thermochemical 
equations given below to calculate the enthalpy change 
for the combustion of 1 mol of nitromethane: (5.4) Bi 

C(g) + 02 (g) ^ C02(g) AH = -393.5 kJ 

2 H2(g) + 02 (g) ^ 2 H20(g) AH = -483.6 kJ 

2 C(g) + 3 H2(g) + 2 02 (g) + N2(g) ^ 2 CH3N02(g) 
AH = -226.2 kJ 

53. The combustion of glucose, C6Hi20g, forms carbon 
dioxide gas and water vapour. When a 1.00 g sample 
of glucose was burned, it raised the temperature of 
100.0 mL of water by 37.0 °C. (5.2, 5.3, 5.5) Bi D 

(a) Write a balanced chemical equation for this reaction. 

(b) Use AHf° to calculate the enthalpy change of this 
reaction. 

(c) Use bond energies in Table 1 on page 307 to 
calculate the enthalpy change of this reaction. 
The structural formula of glucose is shown in 

Figure 1. 
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CH20H 



H OH 


Figure 1 

(d) Use the given experimental data to calculate the 
enthalpy change of this reaction. 

(e) Give reasons for any differences in your answers 
to (b), (c), and (d). 

54. The standard molar enthalpy of formation for vinyl 
chloride gas, C 2 H 3 Cl(g), is +37.3 kj/mol. Express this 
information in three different ways. (5.5) EZD 

55. The standard enthalpy of formation of sulfur dioxide 
gas, S 02 (g), is -296.8 kj/mol. (5.5) DID 

(a) Write a thermochemical equation for the 
formation reaction. 

(b) Sketch a potential energy diagram for the 
reaction. Label the axes, enthalpy of reactants, 
enthalpy of products, and AH. 

(c) If 9.63 g of sulfur dioxide is formed under 
standard conditions, what quantity of thermal 
energy is released? 

56. (a) Write an equation for the combustion of 1 mol of 

pentane gas, C 5 Hi 2 (g), to form carbon dioxide gas 
and liquid water. 

(b) Use the standard enthalpies of formation in 
Table 1 on page 320, and the standard enthalpy 
of formation of pentane, —146 kJ/mol, to 
calculate the enthalpy change associated with the 
combustion of 1 mol of pentane. 

(c) How much thermal energy would be released in 
the combustion of 20 g of pentane? (5.5) BD 

57. For five different uses of fossil fuels, create and 
complete a table with the following headings: “Fossil 
fuel,” “Use,” “Possible alternative fuel,” “Advantage(s) 
of alternative,” and “Disadvantage(s) of alternative.” 
(5.6) maWM 

58. Summarize the advantages and disadvantages of wind 
energy using a graphic organizer. Consider social, 
economic, and environmental factors. (5.7) QQ D 

59. Table 2 shows data collected from an investigation 
of the chemical reaction between gaseous carbon 
monoxide and nitrogen dioxide, represented by the 
balanced chemical equation 

CO(g) + N02(g) ^ C02(g) + NO(g) (6.1) EZD 

(a) Copy and complete Table 2 by predicting the 
missing concentration values. 

(b) If the initial concentration of nitrogen dioxide 
gas, N 02 (g), is 0.250 mol/L, what is its 
concentration after 80 s? {Hint: Refer to Table 2.) 


(c) Use the data in your completed table to create a 
graph of the changes in concentration of carbon 
monoxide gas and carbon dioxide gas over time. 
Plot the data from both gases on one graph. 

(d) Does your graph reflect the stoichiometry of the 
balanced equation? Explain. 


Table 2 Concentration of Carbon Monoxide and Carbon Dioxide 


Time (s) 

[C0(g)] (mol/L) 

[C02(g)]( mol/L) 

0 

0.100 


20 

0.050 

0.050 

40 

0.033 


60 

0.026 

0.074 

80 

0.020 

0.080 

100 


0.083 


60. Table 3 shows observations made during the 

decomposition of the theoretical gas X 205 (g), given 
by the balanced chemical equation 
2 X 205 (g) ^ 4 X 02 (g) + 02 (g) (6.1) EZD D 
Table 3 Concentration of Reactant and Products during 
Decomposition 


Time (h) 

[X205(g)] 

(mol/L) 

[XO^fg)] 

(mol/L) 

[02(g)] 

(mol/L) 

0.0 

1.20 

0 

0 

2.0 

0.80 


0.20 

4.0 

0.55 


0.325 

7.0 

0.30 


0.45 

12.0 

0.10 


0.55 


(a) On the same axes, plot concentration versus time 
on a graph to show 

(i) [X 205 (g)] versus time 

(ii) [ 02 (g)] versus time 

(b) Complete Table 3. 

(c) Calculate the rate of consumption or formation 
production in the first 12 h of 

(i) X205(g) 

(ii) 02 (g) 

(iii) X 02 (g) 

(d) Determine the instantaneous rates of 
consumption of X 205 (g) at 2.0 h and 7.0 h. 

(e) Describe and explain the observed trend in the 
rate of consumption of X 2 O 5 (g). 

61. What is the overall rate of production of nitrogen 
dioxide for the chemical reaction represented by the 
balanced equation 

N2(g) + 2 02 (g) ^ 2 N02(g) 
if the concentration of nitrogen dioxide gas changes 
from 0.32 mol/L to 0.80 mol/L in 3 min? (6.1) ESI 
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62. Under certain conditions, gas phase ammonia, 
NH 3 (g), and oxygen gas react as shown by the 
following balanced chemical equation: 

4 NH3(g) + 5 02 (g) ^ 4 NO(g) + 6 H20(g) 
When the instantaneous rate of consumption of 
ammonia is 2.0 X 10“^ mol/(L s), what will be the 
instantaneous rate of 

(a) consumption of oxygen? 

(b) formation of water vapour? (6.1) BO 

63. A student draws the two graphs in Figure 2 from data 
he collected during an investigation. Use these graphs 
to answer the following questions. (6.1) EZD B 


Oxygen Gas Volume versus Time 



(a) Time (s) 

Methane Gas Volume versus Time 



(a) Determine the reaction rate of the decomposition 
of methane between 3 s and 7 s. 

(b) Determine the reaction rate of the production of 
oxygen gas between 2 s and 6 s. 

(c) Identify the reactant and product, based on the 
graphs. Explain your answer. 


64. Predict which of the following reactions you expect to 
have a higher rate at room temperature. Explain your 
answer. (6.2) EH B 

Pb2'"(aq) + 2 Cr(aq) ^ PbCl 2 (s) 

Pb(s) + Cl 2 (g) ^ PbCl 2 (s) 

65. Containers of powdered aluminum metal, a 
chemical used in laboratory investigations, must 
carry a warning that the contents are dangerously 
combustible. Aluminum metal is used in many 
everyday objects, from frying pans to screen-door 
frames to the bodies of buses. Why are such objects 
not required to carry the same warning? (6.2) QZD B 

66 . At 25 °C, a catalyzed solution of formic acid, 
CH 202 (aq), undergoes a chemical reaction that forms 
44.2 mL of carbon monoxide gas, CO(g), in 30.0 s. 
(6.2) dSBiB 

(a) Calculate the rate of reaction with respect to 
carbon monoxide gas production in mL/s. 

(b) The experiment was repeated under various 
conditions, listed below. Predict the effect of each 
of these conditions on the rate of formation of 
carbon monoxide. Explain your reasoning. 

(i) at30°C 

(ii) without the catalyst 

(hi) with formic acid that is half as concentrated 

67. Hydrogen peroxide, H202(aq), decomposes to oxygen 
gas, 02 (g), and water under certain conditions. 
Hydrogen peroxide can be stored for months on the 
shelf, but will bubble strongly when applied to an 
open cut. Suggest an explanation for this effect. 

68 . Hydrogen gas and bromine gas can combine to 
form hydrogen bromide, as shown in the following 
balanced equation: 

H 2 (g) + Br 2 (g) ^ 2HBr(g) 

Using a molecular model kit, illustrate a collision 
between a hydrogen molecule and a bromine 
molecule that is likely to be an effective collision. 
Draw a series of sketches showing the molecular 
orientation of the 2 entities. (6.3) B B 

69. A strip of magnesium metal can be safely stored at 
room temperature for long periods of time (over a 
year). When a magnesium strip is heated in a flame, 
it will undergo a rapid, highly exothermic reaction 
that forms magnesium oxide. When a container 

of magnesium metal granules is stored at room 
temperature for about one year, essentially all the 
magnesium metal will be converted to magnesium 
oxide. Explain these observations. (6.3) qq B B 

70. Create a graphic organizer that summarizes the 
advantages of biocatalysts over traditional catalysts. 
(6.4) BB 
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A chemical reaction is highly exothermic. How will 
this affect the rate of this reaction? Explain your 
answer using the collision theory. (5.1, 6.2, 6.3) BID 
Calcium ions, found in hard water, will form solid 
calcium oxide, CO(s), which builds up over time in 
plumbing pipes and fixtures. This buildup can be 
dissolved by soaking the affected hardware in vinegar 
(dilute acetic acid). Suggest two ways that the rate at 
which calcium oxide dissolves could be increased. 
Explain how these would work, using the collision 
theory. (6.2, 6.3) BID D 

The iodine clock reaction can be represented by the 
following balanced equation: 

C10“(aq) + r(aq) ^ Cr(aq) + 10“(aq) 

A researcher found that the rate was first order with 
respect to each of the reactants. 

(a) Predict what would happen to the initial rate, r, 
when 

(i) the initial [C10“(aq)] is doubled 

(ii) the initial [I“(aq)] is halved 

(iii) the same initial numbers of moles of reactants 
are placed in a container with half the volume 
of water 

(b) Design an experiment that would enable you to 
study the effect of change in temperature using 
the iodine clock reaction. Write a question, 
prediction, experimental design, equipment and 
materials list, and procedure, including safety and 
disposal precautions. (6.5) ESI D D 

Phosgene, COCl 2 (g), is a toxic gas that was used 
as a chemical weapon in World War I. It is now 
used primarily in the manufacture of the plastic 
polyurethane. Phosgene gas is produced when carbon 
monoxide gas combines with chlorine gas according 
to the following balanced equation: 

CO(g) + Cl2(g) ^ COCl2(g) 

The reaction is first order with respect to chlorine, and 
the rate constant is 1.3 X 10“^ L/(mol • s). (6.5) EBl 

(a) What is the order of the reaction with respect to 
carbon monoxide? 

(b) You want to increase the reaction rate as much as 
you can by doubling the initial concentration of 
one of the reactants. Which reactant would you 
choose? Explain your reasoning. 

Using the rate law, determine the rate constant, k, 
of a zero-order reaction if the initial concentration 
of substance A is 1.5 mol/L and, after 120 s, the 
concentration of substance A is 0.75 mol/L. (6.5) EBl 
The bimolecular reaction given by the balanced 
chemical equation 
H 30 + (aq) + OH-(aq) ^2H20(1) 


has a rate constant of 1.0 X 10“ L/mol-s. Calculate 
the rate of the reaction when equal volumes of 
0.10 mol/L solutions of hydrochloric acid and 
sodium hydroxide are mixed. (6.5) E2B 

77. The combustion of propane gas, C 3 H 8 (g), is 
represented by the following equation: (6.5, 6.6) BID EBl 

C3H,(g) + 5 02 (g) ^ 3 C02(g) + 4 H20(g) 

(a) Explain whether you would expect this reaction 
to occur in a single step or in a series of steps. 

(b) If the rate of consumption of propane gas is 
4 X 10“^ mol/(L • s), write expressions and 
numerical values to represent the rate of reaction 
with respect to oxygen and carbon dioxide gases. 

78. Nitrogen monoxide reacts with hydrogen gas to 
produce nitrogen and water vapour. The reaction 
mechanism is believed to be 

Stepl. 2 NO(g) ^ N202(g) 

Step 2. N202(g) + H 2 (g) ^ N20(g) + H20(g) 
Step 3. N20(g) + H 2 (g) ^ N 2 (g) + H20(g) 

(a) Write the overall balanced equation for this 
process. 

(b) Identify the reaction intermediates. 

(c) If Step 1 is the slow step, write the rate law 
equation for this reaction. (6.5, 6.6) m 

79. For the reaction represented by the balanced chemical 
equation 

2 N02Cl(g) ^ 2 N02(g) + Cl2(g) 

an investigator proposed the following mechanisms: 


(i) 

NO 2 CI ^ NO 2 + Cl 


(slow) 


NO 2 CI + Cl ^ NO 2 

+ CI 2 

(fast) 

(ii) 

2 NO 2 CI ^ N 2 O 4 CI 2 


(slow) 


N 2 O 4 CI 2 ^ 2 NO 2 + 

CI 2 

(fast) 

(iii) 

NO 2 CI ^ NO 2 + Cl 


(fast) 


NO 2 CI + Cl ^ NO 2 

+ CI 2 

(slow) 


He carried out the reaction three times and gathered 
the data in Table 4. (6.5, 6.6) BID EDI 


Table 4 Initial Data from Constant-Temperature Runs 


Run 

Initial [NOjCI](mol/L) 

Rate (mol/(L-s)) 

1 

0.0025 

3.5X10^2 

2 

0.0050 

7.0X10-' 

3 

0.0075 

1.0X10-^ 


(a) Use the experimental data to generate the rate law 
for this reaction. 

(b) Using the rate law, determine which of the 
proposed mechanisms are incorrect. 

(c) Is it appropriate to ask which mechanism is 
correct? Why or why not? 
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80. A chemist studying the reaction given by the balanced 
chemical equation 
2 NO(g) + 02 (g) ^ 2 N02(g) 
obtained the results in Table 5. (6.5, 6.6) QID ESI 


Table 5 Initial Data from Constant Temperature Runs 


Run 

Initial [N0(g)] 
(mol/L) 

Initial [ 02 (g)] 
(mol/L) 

Rate 

(mol/(L.s)) 

1 

0.22 

0.15 

0.45 

2 

0.22 

0.30 

0.90 

3 

0.44 

0.15 

1.80 


(a) Determine the order of the reaction with respect 
to nitrogen monoxide. 

(b) Determine the order of the reaction with respect 
to oxygen. 

(c) Determine the total order of the reaction. 

(d) A proposed mechanism for this reaction is 

NO(g) + 02 (g) ^ N02(g) + 0(g) (fast) 
NO(g) + 0(g) ^ N02(g) (slow) 

Does this mechanism agree with the proposed 
rate law? Support your answer. 

Evaluation 

81. The per capita energy use of Canadians is one of the 
highest of any country in the world. (5.6) QIS D 

(a) Suggest reasons why this is true. 

(b) What changes could Canadians make as a society 
to decrease our energy use? 

(c) What things in Canadian life that affect our 
energy use cannot be changed? 

(d) A classmate believes that the per capita energy 
use in Canada will always be one of the highest 
in the world. Do you share this opinion? Give 
reasons for your answer. 

82. There are many different sources of energy that may 
be used as fuel in the future. Which source or sources 
of energy do you think we should be looking to 
develop as an alternative to fossil fuels? Explain 
your position in the form of a letter to a politician. 
(5.6) maWM 

83. Would you be concerned if a wind farm was in your 
area? Justify your opinion. (5.7) QQ D 

84. Fire departments warn people against leaving large 
masses of paper near a potential source of sparks, 
such as a furnace or spaceheater. Compare the fire 
hazard of equal masses of paper and lumber. Do you 
think similar warnings should be made about storing 


lumber near potential sources of sparks? Why or why 
not? (6.2) QQ D 

85. Many industries in Canada apply many of the 
methods to alter the rate of chemical reactions that 
you explored in this chapter. Which of these methods 
do you think would be used in industrial processes to 
increase the rate of a reaction? Refer to the costs and 
benefits of the various methods available. 013 D 

86 . Sucrose, fructose, and glucose are all sugars. Sucrose 
(table sugar) is the sweetest of these, followed by 
fructose (fruit sugar) and glucose. Sucrose is extracted 
and purified from sugar cane or sugar beets. An 
alternative sweetener is a fructose solution produced 
from corn starch, known as high fructose corn syrup. 
Starch is extracted from corn and decomposed to 
glucose. The glucose is converted to sweeter fructose 
by adding a biocatalyst called glucose isomerase. 

(a) What are the advantages to society of producing 
sugars using a biocatalyst such as glucose 
isomerase? 

(b) High fructose corn syrup is cheaper to produce 
than sucrose and is used to sweeten many 
products. What are the disadvantages to society 
of the use of high fructose corn syrup as a 
sweetener? 

(c) Do you think glucose isomerase has had a 
positive or a negative effect on society? Explain 
your answer. (6.4) OZD E2i D 

87. Three scientists are independently studying the 
reaction given by the following balanced chemical 
equation: 

2 AB + C 2 ^ 2 ABC 

The rate law of the reaction was determined to be 
rate = [AB][C 2 ]. 

Each scientist proposed one of the following reaction 
mechanisms: 

Proposed mechanism 1: 

AB + C 2 ^ ABC + C (slow) 

AB + C ^ ABC (fast) 

Proposed mechanism 2: 

C 2 ^ 2 C (slow) 

C + AB ^ ABC (fast) 

Proposed mechanism 3: 

AB + C 2 ^ ABC 2 (fast) 

ABC 2 ^ ABC + C (slow) 

AB + C ^ ABC (fast) 

Which scientist do you agree with? Support your 
decision. (6.5, 6.6) ESI 
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88 . In an investigation of the reaction given by the 
balanced chemical equation 

2 U,{g) + 2 NO(g) ^ N^Cg) + 2 H20(g) 
the data in Table 6 were obtained. 


Table 6 Initial Data from Constant Temperature Runs 


Run 

Initial [H^fg)] 
(mol/L) 

Initial [N0(g)] 
(mol/L) 

Rate 

(mol/(L-s)) 

1 

0.031 

0.0025 

2.0X10-^ 

2 

0.062 

0.0025 

4.0x10-3 

3 

0.031 

0.0050 

8.0X10-3 

4 

0.062 

0.0050 

1.60 X 10-3 


The scientist proposed the following reaction 
mechanism; 

Step 1. H 2 (g) + NO(g) ^ H20(g) + N(g) 

Step 2. N(g) + NO(g) ^ N^Cg) + 0(g) 

Step 3. 0(g) + H 2 (g) ^ HpCg) 

Which step in the proposed mechanism is the rate¬ 
determining step? Support your answer. (6.6) ESI 

89. (a) Why is it important to know the rate of 

decomposition of greenhouses gases in the 
atmosphere? 

(b) Why is the lifespan of a molecule considered in 
determining the global warming potential (GWP) 
of an atmospheric gas? (6.7) D 


Reflect on Your Learning 

90. In this unit you studied a number of ways to determine 
the enthalpy of a reaction. In a chart, summarize 
what you know about each method. Include column 
titles such as Name of method, Summary of method. 
Strengths, and Weaknesses. Bi B D 

91. What did you learn in this unit that you found most 
surprising? Explain. B 

92. State and explain something that you learned in 
this unit about chemical reactions that you had not 
known before. D 

93. In this unit, you encountered a number of theoretical 
concepts that scientists do not have direct evidence for, 
such as an activated complex. Do you think science 
will ever reach a point where there are no longer any 
theoretical concepts? Explain your answer. D 


94. Many of the concepts that you explored in this unit 
are relevant to the environmental issues facing society 
today, such as pollution, global warming, or sustainable 
practices. Other concepts were not obviously 
connected to everyday life. Do you think all scientific 
research should directly address a human issue, or 
should some of it be driven solely by the desire to 
understand? Support your position with your own 
experiences or events in the world at large. QQ D 


Research link 

95. Design an experiment to test the feasibility of the 
mass production of ethanol as a replacement for 
automobile fuel sources. Evaluate the effectiveness of 
this method in producing fuel and reducing costs to 
consumers. ODD 


96. Conduct research to investigate the reasoning 
behind the disparity in coal consumption of each of 
the Canadian provinces. Why are some provinces 
consuming far more coal than others? Report your 
findings as a news article. EZD B D 

97. Research how wind power technology has been 
developed in other parts of the world. Are the same 
methods employed throughout the globe? Why are 
some countries turning to this alternative energy 
source? Share your findings as a web page, blog, or on 


98. Conduct research to investigate recent developments 
in finding possible solutions to reducing the 
concentration of greenhouse gases in the atmosphere. 
Report your findings in a manner of your choice, but 
make sure you provide details of ways to reduce each 
major greenhouse gas. DU B B 

99. Why might pharmaceutical chemists be interested in 
biological catalysts? (6.2) QQl B 

100. Catalysts used in industry can work in two different 
ways. They are either adsorption catalysts or catalysts 
that form intermediate compounds. Research each 
of these types of catalysts, and describe how they 
work in one or two sentences. Cive an example of a 
situation in which each is most useful and explain 


Unit 3 Review 413 



















STRIKING A BAU\NCE: BREATHING, BLOOD, 
AND BASKETBALL 

An athlete living near the coast of Nova Scotia wanted to improve his stamina on the bas¬ 
ketball court. He knew that athletes living in Calgary, Alberta, get some benefit just from 
living in the mountains. The air pressure at higher altitudes is lower than the air pressure 
at sea level. To simulate this environment, the athlete had devices installed in his home 
to create an area in which the air pressure was decreased. He hoped that sleeping in 
this area every night would make a difference in his body’s energy reserves during ball 
games. Why might lower air pressure lead to improved stamina? Stamina is the body’s 
ability to maintain adequate energy levels during periods of more intense activity. Energy is 
released in the body by cellular respiration. Since oxygen is a reactant in cellular respiration, 
you tend to run out of energy when your cells do not receive enough oxygen. The oxygen 
supply of the body depends on a dynamic balance between two substances in red blood 
cells in the blood: hemoglobin and hemoglobin-oxygen complex. 

Oxygen gas diffuses into blood In the lungs and is then bound to hemoglobin in a 
hemoglobin-oxygen complex. This complex travels to cells where oxygen is needed. Here, 
the reverse reaction occurs, producing free oxygen and hemoglobin. The body can shift 
the balance between unbound hemoglobin and hemoglobin-oxygen complex to meet its 
changing needs. For example, if your muscle cells needed more energy to make a jump 
shot, the balance would shift in favour of unbound hemoglobin. 

This balance is also sensitive to oxygen levels in the air. Air at high altitudes has a lower 
oxygen concentration than air at low altitudes. If you were to live at high altitude for a long 
enough time, your body would adapt to the low oxygen levels by producing more hemo¬ 
globin. If you were then to go to a lower altitude, the additional hemoglobin would allow 
your body to supply oxygen to its cells more quickly. By lowering the air pressure in part of 
his home, the basketball player from Nova Scotia mimicked the high-altitude environment 
of Calgary. His body therefore made more hemoglobin and his stamina increased. 

In this unit, you will explore many other reversible reactions and the factors that affect 
their balance. You will also explore the important role that some of them play in our health, 
environment, economy, and industry. 


Questions 

1. Should all athletes either train at high altitudes or set up their sleeping quarters to 
simulate high altitudes? Explain your reasoning. 


Do you think that the effects of training at high altitudes are long term, or do 
athletes need to maintain high-altitude training? 
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UNIT 4 ARE YOU READY? 
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CONCEPTS 


SKILLS 


• states of matter 

• formation of solutions 

• acids and bases 

• gas iaws 

• kinetic-moiecuiar theory 


convert between mass and amount 
determine concentration of solutions 
write and balance chemical equations 
soive algebraic equations 
plan an investigation 

analyze experimental data and form conclusions 


Concepts Review 

1. Solid sucrose, Ci 2 H 220 ii(s), has a crystalline structure. 
Rock candy is an example of the large crystal size that 
sucrose can achieve. Figure 1 shows a series of diagrams 
in which a large piece of rock candy was suspended in an 
aqueous solution of sucrose. The system was maintained 
at SATP for 10 days. QQ 

T T T T T 

dayl days day 5 day 7 day 10 

Figure 1 Changes observed when a sucrose crystal was 
suspended in an aqueous sucrose solution for 10 days. 

(a) What does SATP stand for? 

(b) List the states of matter that you observe in the jar 
for day 1 . 

(c) From your observations of Figure 1, when does the 
solution become saturated? Explain. 

(d) Explain what would happen to the liquid in the jar 
if the lid were removed on day 10 . 

(e) Would you expect the crystal to change in size in 
the open jar after day 10? Explain. 

2 . Zinc metal, Zn(s), reacts with aqueous hydrochloric 
acid, HCl(aq), to produce aqueous zinc chloride, 
ZnCl 2 (aq), and hydrogen gas, H 2 (g). BD 

(a) Write a balanced chemical equation for this reaction. 

(b) What mass of aqueous zinc chloride will be 
produced when 250 mL of 0.80 mol/L aqueous 
hydrochloric acid reacts with excess zinc metal? 

(c) Calculate the concentration of aqueous zinc 
chloride, in the resulting solution. Assume 
that the volume remains constant. 

3. (a) Explain how an acid can be both weak and 

concentrated. Use an example to illustrate. 

(b) Identify the ions present in an aqueous solution of 
nitric acid, HNO 3 (aq). QQ 


4. Explain why a substance goes into solution at a faster 
rate when the temperature is raised. QQ 

5. Create a diagram to show what happens to an ideal gas in 
a closed, rigid container when the volume is decreased. 
Which gas law does your diagram illustrate? QQ D 

6. On a chilly October morning, you notice that your car’s 
tires look a bit flat. Use the kinetic-molecular theory to 
explain why all your tires need to be filled, assuming that 
none of them were damaged, m n 

Skills Review 

7 . Calculate the mass of magnesium chloride, MgCl 2 (aq), 
that is present in 4.0 L of a solution with 

a concentration of 0.5 mol/L. BD 

8. Nitric acid is important in the manufacture of fertilizer. 
Concentrated nitric acid, HN 03 (aq), can be produced 
from ammonia gas, NH 3 (g), in a series of reactions 
known as the Oswald process. The steps in the Oswald 
process are shown by the following unbalanced 
equations: 

NH3(g) + 02 (g)->NO(g) + H20(g) 

NO(g) + 02 (g)->N02(g) 

N02(g) + H20(1) - ^HN03(aq) -f NO(g) DIO 

(a) Balance each of the equations above so that the 
number of nitrogen atoms from ammonia gas 
is equal to the number of nitrogen atoms in the 
products in the third equation (that is, liquid nitric 
acid and nitrogen monoxide gas). Hint: Begin 

by balancing the third equation and then work 
backwards. 

(b) A chemist carries out the Oswald process 
beginning with 405 g of ammonia gas. She 
produces 1.0 L of a solution of nitric acid. 
Determine the concentration of this solution, 

Chno 3 > assuming that plenty of all the other 
reactants is available. 

(c) Do you think the actual solution produced would 
have the exact concentration you determined in (b)? 
Why or why not? 
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9. Write a brief procedure to compare the solubility 
of carbon dioxide gas, C 02 (g), in pop at different 
temperatures. EBID 

10. (a) The solubility of solid calcium hydroxide, 

Ca(OH) 2 (s), is 0.10 g/100 mL at 60 °C. Calculate the 
concentration of aqueous hydroxide ions, OH"(aq), 
in mol/L for a saturated calcium hydroxide solution 
at this temperature. 

(b) If you added more sohd calcium hydroxide to the 
solution described in (a), would the concentration of 
hydroxide ions in solution increase? Explain. QEl Di 

11. (a) Write the balanced chemical, total ionic, and net 

ionic equations for the reaction between aqueous 
sodium hydroxide, NaOH(aq), and sulfuric acid, 
H 2 S 04 (aq). 

(b) Identify fhe fype of reaction that occurs between 
aqueous sodium hydroxide and sulfuric acid. 

(c) The apparatus in Figure 2 is used to carry out the 
above reaction. Name the container that holds 
the aqueous sodium hydroxide and delivers it in 
measured volumes to the flask. 


12. Solve fhe following equations for x: I 
(0.20) (0.30) 


(O.OlO)x 

^^=36 
{x - 0.10)^ 

(3.0x)^ 

{x - 2.6) {x - 4.0) ’ 


13. Residents of a small community noticed that their tap 
water has developed an acidic taste. To try to solve the 
problem, the water commissioner ordered that the pH 
of the towns water supply be measured every month 
for a year. Table 1 shows the pH measurements made 
from January to December. 

The commissioner reviewed these results and used 
them to calculate the average water pH for the year. 

She then issued a report stating that an average pH of 
5.7 is not a concern and no action would he taken. 

She defended her decision by stating that at pH 5.7, 
the water was much less acidic than foods such as 
salad dressing and citrus fruits. Do you agree with the 
commissioners analysis? Why or why not? D 


Table 1 Measured pH in Tap Water each Month 


Month 

J 

F 

M 

A 

M 

J 

J 

A 

S 

0 

N 

D 

pH 

6.0 

6.4 

5.8 

6.2 

5.9 

5.6 

5.3 

4.9 

4.8 

5.6 

5.7 

6.1 



Figure 2 



Throughout this unit you wili see Career Links. Go to the Neison 
Science website te find information about careers related to 
Chemicai Systems and Equilibrium. On the Chapter Summary page 
at the end of each chapter you will find a Career Pathways feature 
that shows you the educational requirements of the careers. There 
are also some career-related questions for you to research. 


(d) Name the laboratory procedure that would be 
carried out using the apparatus shown in Figure 2. 

(e) Predict the volume of 1.00 mol/L sodium hydroxide 
solution that would be required to completely react 
with 20.0 mL of 1.50 mol/L sulfuric acid. 
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Chemical Equilibrium 


KEY CONCEPTS 

After completing this chapter you will 
be able to 

• demonstrate an understanding 
of dynamic equilibrium in a 
variety of situations, and use 
the equilibrium iaw to soive 
problems 

• apply Le Chatelier’s principle 
to predict how various factors 
affect a chemical system at 
equilibrium 

• carry out laboratory 
investigations to explore 
equilibrium systems and to 
determine equilibrium constants 

• expiain how equilibrium 
principles may be applied to 
optimize the production of 
industrial chemicals 

• identify the effects of solubility 
on biological systems 


How Do Reversible Reactions Affect Living 
Organisms and the Environment? 

Atmospheric carbon dioxide, C02(g), is often in the news in its role as a green¬ 
house gas. Carbon dioxide gas is released during many human activities, espe¬ 
cially the combustion of fossil fuels. Since greenhouse gases absorb and retain 
thermal energy, increasing levels of atmospheric carbon dioxide gas contribute 
to climate change. A number of natural processes absorb carbon dioxide gas from 
the atmosphere. Unfortunately, some of these processes can also have negative 
effects on the environment. For example, carbon dioxide can dissolve in water, 
H20(1), to form a solution of carbonic acid, H 2 C 03 (aq). This reaction is revers¬ 
ible. In the reverse direction, carbonic acid decomposes to form carbon dioxide 
gas and water. 

When the concentrations of the reactants and products are stable, there is a 
balance between the rates of the forward and reverse reactions. However, since 
the concentration of carbon dioxide gas in the atmosphere is increasing, the rate 
of carbonic acid formation is also increasing. As a result, many bodies of water, 
including the oceans, are becoming more acidic. Some ocean ecosystems are 
extremely sensitive to changes in pH. At particular risk are organisms that have 
exoskeletons composed of calcium carbonate, CaC 03 (s), such as corals and 
shellfish. Calcium carbonate dissolves in acidic solutions. Scientists have shown 
that ocean acidification causes bleaching and death of coral reefs. 

To slow down or reverse the acidification of oceans due to increasing con¬ 
centrations of atmospheric carbon dioxide, we must find a way to re-establish 
the balance in the reversible chemical reaction between water and carbon 
dioxide. We could reduce the concentration of atmospheric carbon dioxide, so 
that less carbonic acid forms, or increase the rate of carbonic acid decomposi¬ 
tion in ocean water. 



Answer the following questions using your current 
knowledge. You will have a chance to revisit these questions 
later, applying concepts and skills from the chapter. 

1. A store clerk notices that there are always exactly 

7 customers in the store, even though people continually 
enter and leave. 

(a) How does the number of customers in the store 
remain constant over time? 

(b) What would happen to the total number of customers 
if the number entering the store were greater than 
the number leaving? 

(c) How is the situation in (a) different from inviting 

7 customers to the store for a product demonstration 
and then closing the doors to other customers? 

2. When running on a treadmill, a person must move forward 
at a rate that equals the rate of the reverse motion of 
the treadmill’s belt. Describe two situations in your daily 


life that, like the treadmill, are examples of a state of 
balance between two opposing processes. 

3. The molar solubility of solid lead(ll) iodide, Pbijis), in 
pure water, H20(l), is 1.3 x 10“^ mol/L. If water were 
replaced by a solution of 0.1 mol/L sodium iodide, 
Nal(aq), predict whether the solubility of lead(ll) iodide 
would increase or decrease. Provide a reason for your 
prediction. 

4. (a) The following balanced chemical equation represents 

the formation of carbonic acid, HjCOalaq), from carbon 
dioxide and water. Why is there a double arrow? 

C02(g) + HjOO) ^^H2C03(aq) \H° = -20.3 kJ 

(b) What does AH° stand for? What does it tell you 
about this reaction? 

(c) If the reaction in (a) were carried out in a closed container 
and the container were heated, would the production 
of carbonic acid increase or decrease? Explain. 
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Mini Investigation 


Back to Blue? 

Skills: Predicting, Observing, Evaluating handbook - ' * 1 . 2 , a2.i,a3.2 


Most familiar chemical reactions come to an end once all 
the reactants are used up. For example, if an iron object is 
left outside, the iron will react with oxygen and water in the 
environment to form rust. Eventually, all the iron is converted 
to rust and the chemical reaction has to end. In this activity, 
you will observe a chemical reaction that does not have a 
definite end point. 

Equipment and Materials: lab apron; chemical safety goggles; 
gloves; 250 ml graduated cylinder; 400 ml flask; weighing 
paper; balance; stirring rod; stopper; water; 1 % methylene 
blue; 5.0 g potassium hydroxide crystals, KOH(s); 

3.0 g glucose, CeHijOgis) © @ 

Potassium hydroxide is toxic and corrosive, both 
as a solid and as a solution. Eye protection must 
be worn. Any spills on the skin, in the eyes, or 
on clothing should be washed immediately with 
plenty of cool water. Report any spills to your 
teacher. 


1. Put on your lab apron, safety goggles, and gloves. 

2. Measure 250 ml of water with the graduated cylinder, 
then pour it into the flask. Add 6 drops of methylene blue. 

3. Using the balance, measure 5.0 g of potassium hydroxide 
onto weighing paper. Transfer it to the flask. Then, 
measure and transfer 3.0 g of glucose. 

4. Stir the liquid in the flask with the stirring rod until all 
the solids have dissolved. Put the stopper in the flask. 
Observe and record the colour of the solution. 

5. Pick up the flask and, holding the stopper in place, shake 
the solution vigorously. Place the flask down on a surface. 
Observe and record any changes. 

6. Continue to observe the flask until another colour change 
occurs. Record your observations. 

A. Suggest an explanation for the observations you recorded 
in Steps 4 to 6. 

B. Predict whether the colour will continue to change over 
an extended period of time. Then, describe how you 
might test your prediction. 
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Equilibrium Systems 

When doing stoichiometry calculations, we generally assume that chemical reactions 
proceed until one of the reactants runs out. At this point, we say that the reaction has 
gone to completion. This is true for most chemical reactions. However, some chem¬ 
ical reactions do not proceed to completion. Figure 1 shows the changes that take 
place when nitrogen dioxide gas, N 02 (g), is placed in a sealed, evacuated chamber 
at 25 °C. Nitrogen dioxide gas reacts to form dinitrogen tetroxide gas, N 204 (g), as is 
represented by the equation 

2N02(g)^N204(g) 

The sealed chamber ensures that the reaction takes place in a closed chemical reac¬ 
tion system. In a closed system, energy may transfer from the surroundings to the 
chemical system, or from the chemical system to the surroundings, but matter 
cannot. (You encountered this term in Chapter 5.) Nitrogen dioxide is a dark brown 
gas, whereas dinitrogen tetroxide gas is colourless, so the colour in the chamber 
provides visual evidence of their relative quantities. The initial dark brown colour of 
the gas decreases in intensity as it is converted to colourless dinitrogen tetroxide gas. 
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Figure 1 (a) Initially, the vial contains only molecules of brown nitrogen dioxide gas. In the vial 
shown in (b) some of the nitrogen dioxide gas has been converted to dinitrogen tetroxide gas, 
which is colourless. Eventually, in (c) and (d), an equilibrium is established, so the gas remains the 
same colour. 


However, even over a long time, the intensity of the brown colour eventually 
remains constant. The gas never becomes completely colourless. This indicates that 
the concentration of nitrogen dioxide is no longer changing. The reaction has clearly 
stopped short of completion. When the concentrations of all reactants and products 
of a chemical reaction remain constant over time, we say that this system has reached 
chemical equilibrium the state chemical equilibrium. Any chemical reaction carried out in a closed system will even- 

of a reaction in which all reactants tually reach chemical equilibrium. All of the reactions explored in this chapter take 

and products have reached constant place in closed systems, 

concentrations in a closed system 


The Equilibrium Condition 

dynamic equilibrium a balance between All chemical equilibria are dynamic equilibria. A dynamic equilibrium is an equilib- 

forward and reverse processes that are rium in which the rates of forward and reverse processes are equal. To help picture 

occurring simultaneously at equal rates a dynamic equilibrium, imagine 18 000 people attending a sporting event. Most of 

them are in their seats for most of the time, but there are always about 400 people at 

the concession stands buying snacks. This means that on average 17 600 people are 
in their seats. Throughout the event, people continuously move back and forth from 
the seats to the concessions but the total number in each area remains constant. Since 
it is a closed system, we can therefore describe this as a closed system in dynamic 
equilibrium. 
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Why is a chemical equilibrium always a dynamic equilibrium? To answer this, 
consider the chemical reaction between steam, H 20 (g), and carbon monoxide gas, 
CO(g), in a closed vessel at a high temperature. The balanced equation for this reac¬ 
tion is 


H^OCg) + CO(g) ^ H^Cg) + CO,{g) 

Assume that we start with equal amounts of carbon monoxide gas and water vapour. 
From the balanced equation, we know these substances react in a 1:1 molar ratio. 
Therefore, if we start off with equal concentrations, the concentrations of these two 
gases will always be equal. Similarly, since hydrogen gas, HjCg), and carbon dioxide 
gas, C 02 (g), are formed in equal amounts, the concentrations of these gases will also 
always be equal. 

Under the conditions of a closed vessel at a high temperature, the chemical reac¬ 
tion begins immediately and progresses very quickly. Figure 2 shows the changes in 
the concentrations of reactants and products of this reaction over time. Notice how, 
as the concentrations of the products increase, the concentrations of the reactants 
decrease. At the time indicated by the dashed vertical line in Figure 2, the concentra¬ 
tions of reactants and products remain stable. This is the point at which chemical 
equilibrium has been reached. No further changes in the concentrations of reactants 
or products will occur (unless the chemical system is changed in some way, as you 
will see in Section 7.2). # web link 


Reaction Progress 



Figure 2 Changes in concentrations over time, when equal amounts of carbon monoxide gas and 
water vapour are allowed to react in a closed vessel 



Concentration Notation 

By convention, when the formula of a 
substance is placed between square 
brackets, we are referring to the 
concentration of that substance. For 
example, the concentration of carbon 
dioxide gas is labelled [COjfg)] in 
Figure 2. Concentration also may be 
denoted by the symbol c. 


Scientists call the relative concentration of reactants and products in a chemical 
reaction system at equilibrium the equilibrium position. In the reaction depicted in 
Figure 2, the equilibrium position is the point at which the relative concentrations of 
the reactants and products stop changing. By convention, the equilibrium position is 
communicated in reference to the left-hand side (the reactant side) or the right-hand 
side (the product side). 

The equilibrium position of the reaction between water vapour and carbon mon¬ 
oxide gas lies far to the right. In other words, almost all the reactants are converted to 
products. However, the concentrations of the reactants never reach zero. If all chemical 
equilibria are dynamic equftibria, what chemical reactions are occurring? 

Reversible reactions are chemical reactions that proceed in both the forward and 
reverse directions. In a dynamic equilibrium, the reaction rates in the forward and 
reverse directions of a reversible reaction are equal and so a constant concentration 
of reactants and products will always be present. Reversible reactions are identified 
by a double arrow symbol ( v ) in a chemical equation. The balanced equation for 
our example is therefore 

H20(g) + CO(g)^H2(g) + C02(g) 


equilibrium position the relative 
concentrations of reactants and products 
in a system in dynamic equilibrium 


reversible reaction a chemical reaction 
that proceeds in both the forward and reverse 
directions, setting up an equilibrium in a 
closed system 
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When the water vapour and carbon monoxide gas were first added to the closed 
vessel, no hydrogen gas or carbon dioxide gas were present (Figure 3). Since there 
were no reactants available for the reverse reaction, it did not occur. As the forward 
reaction proceeded, the concentrations of hydrogen gas and carbon dioxide gas 
increased, providing reactants for the reverse reaction. Consequently, the rate of the 
reverse reaction increased. The system reached equilibrium once the rate of the for¬ 
ward reaction became equal to the rate of the reverse reaction. 
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Figure 3 (a) Water vapour and carbon monoxide gas are mixed in equai amounts and (b) begin to 
react to form gaseous carbon dioxide and hydrogen. After some time, (c) equilibrium is reached and 
from that point on (d) the numbers of reactant and product molecuies then remain constant over time. 


Mini Investigation 


The Water Exchange 

Skills; Predicting, Performing, Observing, Evaluating 

When a reversible chemical reaction occurs in a closed system, 
the system eventually reaches dynamic equilibrium. In this 
investigation, you and a partner will use volumes of water to 
model the development of a system at equilibrium. 

Equipment and Materials: marker; two 50 ml graduated 
cylinders; 2 large straws; water 

1. Work in pairs. With the marker, label one 50 ml graduated 
cylinder “A” and the other “B.” 

2. Measure 50 ml of water into cylinder A only. Then, place 
one large straw in cylinder A and another in cylinder B. 

3. Create a table to record the volume of water in cylinders A 
and B. You will need room to record about 20 volumes for each. 

4. Working simultaneously, one partner must trap the water in 
the straw in cylinder A and transfer it to cylinder B while the 
other partner must trap any water in the straw in cylinder B 
and transfer it to cylinder A. To trap and transfer the water, 
first hold the straw flat against the cylinder bottom with one 
hand. Then, wet one finger on the other hand and use that 
finger to cover the top of the straw. Lift the straw with both 
hands and transfer it to the other cylinder. 



5. Once you and your partner have transferred your straw to 
the other cylinder, release the straw and let the water 
flow out. Then, measure and record the volume in each 
cylinder. 

6. Return each empty straw to its original cylinder. 

7. Repeat Steps 4 to 6 until the volumes stop changing. 

8. Clean up your area. 

A. Using the data in your table, create a graph of the data by 
plotting volume over the number of transfers. Place the data 
from both cylinder A and cylinder B on the same graph, bo d 

B. How did the volumes of water in each of the cylinders 
change over the course of this activity? EZi 

C. Describe how you can tell from your graph when equilibrium 
was established, oi 

D. Consider that the straws, cylinders, and water comprise a 
system. Is the system open or closed? Why? □!!] m 

E. Explain how this investigation modelled a dynamic 
equilibrium. laia 
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Forward and Reverse Reactions 


UNIT TASK BOOKMARK 


In an equilibrium system, an equilibrium position can be reached starting from the 
forward reaction or from the reverse reaction. Is the equilibrium position the same 
starting from either side? Consider the chemical reaction system between dinitrogen 
tetroxide gas, N 204 (g), and nitrogen dioxide gas, N02(g), that was depicted in Figure 1. In 
a sealed vessel at SATP, the reaction will progress to chemical equilibrium, according 
to the balanced chemical equation 

N204(g)^2N02(g) 


As you work on the Unit Task described 
on page 582, you might apply what 
you learned about forward and reverse 
reactions in equilibrium systems. 


Table 1 shows the initial concentrations and the final concentrations reached at 
equilibrium for two different experiments. In the first, a sealed 1 L vessel was filled 
with only nitrogen dioxide gas. In the second, the vessel initially contained only 
dinitrogen tetroxide. 


Table 1 Changes in Concentrations of N02(g) and N204(g) by the Forward or Reverse Reactions 



Initial concentrations (mol/L) 

Final concentrations (mol/L) 


N204(g) 

N02(g) 

N204(g) 

N02(g) 

Experiment 1 

0.750 

0 

0.721 

0.0580 

Experiment 2 

0 

1.50 

0.721 

0.0580 


Notice that the initial concentration of dinitrogen tetroxide gas in experiment 1 
is half that of the nitrogen dioxide gas in experiment 2. As shown in Figure 4, when 
one molecule of dinitrogen tetroxide gas reacts, two molecules of nitrogen dioxide 
gas form. The initial concentrations of gases were chosen to reflect this 1:2 ratio. 
Regardless of which substance was the reactant and which was the product, the final 
concentrations of the gases at equilibrium are the same (Figure 5). # web link 


Figure 4 Molecular model of 
decomposition of dinitrogen tetroxide 
gas to nitrogen dioxide gas 


1 L 1 L 1 L 



0.750 mol N204(g) 0.721 mol N204(g) 1.50 mol NOjtg) 

0.0580 mol N02(g) 


Initial state: 
N204(g) only 


Equilibrium state: 


Initial state: 

Mixture of NOjtg) and N204(g) 


N02(g) only 


Figure 5 The composition of the mixture at dynamic equilibrium is the same regardless of whether 
the system started with gaseous nitrogen dioxide or with gaseous dinitrogen tetroxide. 


From experiments like this, chemists have made the following generalization: 


For a closed chemical equilibrium system in constant environmental 
conditions, the same equilibrium concentrations are reached regardless 
of the direction by which equilibrium was reached. 



The Extent of a Chemical Reaction 
(page 472) 

In this investigation you will combine 
various quantities of two solutions 
that react to form a precipitate. 

You will then test the precipitate to 
discover whether any or both of the 
reactants remain in solution to see 
if the reaction went to completion or 
formed an equilibrium. 
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Stoichiometry and Chemical Equilibria 



Concentrations of Gases 

Concentrations provided to you in 
this chapter are given in moies 
per litre. A concentration of 1.00 mol/L 
of hydrogen gas, Hjlg), means fhere 
is one moie of Hjig) per litre of 
space occupied. 


When the concentrations of reactants and products do not change, is the reaction 
always at equilibrium? To answer this, consider the synthesis of ammonia gas, NH 3 (g). 
Ammonia gas is an important compound used in the production of plant fertilizers. 
Canada alone produces over 4000 million t of ammonia every year. Ammonia gas can 
be synthesized from nitrogen gas and hydrogen gas by the chemical reaction system 
given by the equation 

N^Cg) +3H2(g)^2NH3(g) 

If you were a manufacturer of ammonia, you would want to maximize the quantity 
of ammonia gas produced under particular conditions. Manufacturing needs such as 
yield are one reason that drives chemists to explore the characteristics of chemical 
equilibria. # career link 

In experiments, when gaseous nitrogen, hydrogen, and ammonia are mixed in 
a closed vessel at 25 °C, the reaction is very slow. The concentrations of these gases 
change very little over time, regardless of the initial amounts. Chemists think that 
lack of reactivity is due to the strength of the bonds in the reactants—substances with 
high bond energies are less reactive. The bond energy of the N-N bond is 941 kj/mol 
and the bond energy of the H-H bond is 432 kj/mol. Both of these bonds are very 
strong and so both the reactants in ammonia gas synthesis are very unreactive. 
Manufacturers of ammonia gas use an iron catalyst to increase the rate of ammonia 
synthesis. In turn, the rate of the reverse reaction increases with the quantity of 
ammonia produced until equilibrium is reached. 

You can predict the changes in concentration of reactants and products as a system 
approaches equilibrium from the coefficients of a balanced chemical equation (the 
stoichiometry). For the ammonia reaction system, the molar ratio of nitrogen gas to 
hydrogen gas to ammonia gas is 1:3:2. From this ratio, you can predict that, for every 
1 mol of nitrogen gas that reacts, 3 mol of hydrogen gas will be consumed and 2 mol 
of ammonia gas will form. Experiments have confirmed these predictions (Figure 6). 
The decrease in hydrogen gas concentration is 3 times the decrease in nitrogen 
gas concentration. The increase of ammonia concentration is 2 times the decrease 
of the nitrogen concentration. You can also use the 1:3:2 molar ratio to predict con¬ 
centration changes in reactants and products when equilibrium is reached from the 
opposite direction. 

In fact, for many years chemists were unable to find conditions under which 
this reaction system would reach equilibrium at a rate that converted the reactants 
to ammonia gas quickly enough to be useful. As you will see in Section 7.3, the 
scientist who eventually solved this puzzle was given a Nobel prize to honour the 
achievement. 



Figure 6 Concentration changes over time for the reaction Njlg) + 3 Hjlg) 
only nitrogen gas and hydrogen gas are mixed initially. 


2 NHglg) when 
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Determining Concentrations for Chemical Equilibria 

For chemical equilibrium systems composed of aqueous solutions or gases, one 
strategy to perform stoichiometric calculations is to use an ICE table. In an ICE table, 
I stands for “initial” concentrations of reactants and products before the reaction, 
C for “change” in the concentrations of reactants and products from the start of 
the reaction to when equilibrium is achieved, and E for “equilibrium” concentrations 
of reactants and products. 


Tutorial 1 Calculating Equilibrium Concentrations 


In this tutorial, you will use an ICE table to find concentrations in chemical equilibrium systems. 

Although stoichiometric calculations use either concentrations or the amount in moles because the 
volume of the system remains the same, we will always use concentration values in ICE tables and in 
calculations involving equilibrium. Keep in mind that the values in ICE tables must be in mol/L. 

Sample Problem 1: Calculating Equilibrium Concentrations from Initial Reactant Concentrations 


Hydrogen fluoride gas, HF(g), is used in the production of many 
important substances, such as medicines. Hydrogen fluoride 
may be synthesized from gaseous hydrogen, Hjlg), and fluorine, 
Fjig). The balanced chemical equation for this reaction is 
Hztg) + F2(g)^2HF(g) 

When a chemist starts this chemical reaction in a sealed 
container at SATP, the initial concentration of gaseous hydrogen 
and of gaseous fluorine is 2.00 mol/L. No hydrogen fluoride 
gas is present initially. What are the equilibrium concentrations 
of hydrogen gas and hydrogen fluorine gas, if the equilibrium 
concentration of floride gas is 0.48 mol/L? 

Given: [H2(g)]inife| = 2.00 mol/L; [Fjig)]initial = 2.00 mol/L; 
[HF(g)]initial = 0 mol/L; [F2(g)]n,nilibrium = 0.48 mol/L 
Required: [HjigUequilibrium: [HF(g)]equilibrium 
Anaiysis: Set up an ICE table. Your table should have two 
columns and three rows. Put the letters I, C, and E In the cells 
of the first column. Then, write the balanced chemical equation 
above the second column. Add the initial concentrations to the 
I row, under the corresponding symbol in the chemical equation. 

Use a variable, such as x, to represent the changes in the 
concentrations of reactants and products. Then add coefficients 
to / that correspond to the coefficients in the balanced equation. 

From the balanced equation, you know that Hjig) and 
Fjig) are converted to HF(g) in a 1:1:2 molar ratio. During the 
reaction, the concentrations of H2(g) and F2(g) decrease as 
the concentration of HF(g) increases. Since H2(g) and F2(g) 
are consumed in a 1:1 molar ratio, the decrease in their 
concentrations is -x mol/L. Since 2 mol of HF(g) are produced 
per 1 mol of H2(g) and of F2(g), the increase in concentration 
of HF(g) is +2x. The equilibrium concentrations of H2(g) and 
F2(g) will be their initial concentrations, 2.00 mol/L, minus the 
decrease in their concentrations (/ mol/L). 

In the E row of your ICE table, place the expression 
2.00 - / under both H2(g) and F2(g). Since there was initially 
no HF(g), the equilibrium concentration of HF(g) will be 0 + 2x, 


or 2x, (the increase in its concentration). Your ICE table should 
now look similar to Table 2. Remember that the units of all 
values are mol/L. 

Table 2 ICE Table for Calculating Equilibrium Concentrations 



H2(g) + F2(g) ^ 2HF(g) 

1 

2.00 2.00 0 

c 

-/ -X +2x 

E 

2.00 - / 2.00 - X 2x 


Solution 

step 1. Write and solve the equation for /, using the values in 
the ICE table. 

[F2(g)]equiiibrium was given as 0.48 mol/L. By your 
analysis, you also know that [F2(g)]equiiibrium is 
represented by the expression 2.00 - /. 

2.00 mol/L - / = 0.48 mol/L 

-/ = 0.48 mol/L - 2.00 mol/L 
= -1.52 mol/L 
x= 1.52 mol/L 

Step 2. Use the value of /to calculate the equilibrium 
concentrations of the other two entities. 

[H2(g)] = 2.00 mol/L - / 

= 2.00 mol/L-1.52 mol/L 
[H2(g)] = 0.48 mol/L 
[HF(g)] = 2/ 

= 2(1.52 mol/L) 

[HF(g)] = 3.04 mol/L 

Statement: The equilibrium concentrations of hydrogen gas 
and hydrogen fluoride gas are 0.48 mol/L and 3.04 mol/L, 
respectively. 
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Sample Problem 2: Equilibrium Concentrations from a 
When ammonia gas, NHjIg), is heated, it decomposes to form 
nitrogen gas, Njlg), and hydrogen gas, H2(g). A chemist adds 
4.0 moi of ammonia gas to a 2.0 L sealed, rigid container 
and heats it. Figure 7 shows the changes in the amount of 
ammonia gas she observed over time. 


Decomposition of Ammonia Gas 



The balanced equation for this chemicai reaction system is 
2NH3(g)^N2(g) + 3H2(g) 

Determine the equilibrium concentrations of Njig) and Hjig). 
Given: initial quantity of NHg = 4.0 mol; volume = 2.0 L 
Required: [NjfglJequilibrium; [HzlgWequilibrium 
Solution: 

Step 1. Calculate the initial concentration of ammonia gas. 


Graph of Reaction Progress 

First, iist the initial concentrations of reactants and 
products in the I row. Then, indicate changes in 
concentrations in the C row by letting multiples of x 
represent changes in the concentrations of reactants 
and products. Remember that the multiples of x always 
correspond to the coefficients in the balanced equation. 
Then, where appropriate in the E row, use positive 
X expressions to indicate that a reactant or product 
increases in concentration as the reaction proceeds, 
and negative X expressions to indicate that a reactant 
or product decreases in concentration as the reaction 
proceeds. Your ICE table should be similar to Table 3. 


Table 3 ICE Table for Calculating Equilibrium Concentrations 



2 NHafg) ^ 

N2(g) 

+ 

3 Hjfg) 

1 

2.0 

0 


0 

c 

-2x 

+x 


+3x 

E 

2.0 - 2x 

X 


3x 


Step 4. Calculate the value of x, using the initial, change, and 
equilibrium concentrations of ammonia gas. 

2.0mol/L -2x=1.0mol/L 
-2x = -1.0 mol/L 
2x = 1.0 mol/L 
X = 0.50 mol/L 


[NH3(g)]initial 


4.0 mol 
2.0 L 


[NH3(g)]initiai = 2.0 mol/L 


Step 2. Using Figure 7, determine the amount of ammonia gas 
at equilibrium, once the amount remains stable 
Since the amount is stable at the last time point, this is 
the amount of ammonia gas at equilibrium. 


[NH3(g)]equilibrium 


2.0 mol 
2.0 L 


Step 5. Use the value of xto calculate the equilibrium 

concentrations of nitrogen gas and hydrogen gas. 

[N2(g)]equiliDrium “ ^ 

[N2(g)]equilibrium = 0.50 mOl/L 
[R2(g)]equilibrium ~ OX 

= 3(0.50 mol/L) 

[R 2 (g)]equilibrlutn — 1.5 mOl/L 

Statement: The equilibrium concentration of nitrogen gas is 
0.50 mol/L and the equilibrium concentration of hydrogen gas 
is 1.5 mol/L. 


[NH3(g)]equilibrium = 1-0 mOl/L 


step 3. Use an ICE table to determine the equilibrium 
concentrations of Njfg) and Hjig). 
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Practice 


1. When dinitrogen tetroxide gas, N204(g), is placed in a sealed container at 100 °C, it 
decomposes into nitrogen dioxide gas, NOjIg), according to the following balanced equation: 
N 204 (g)^ 2N02(g) 

A laboratory technician places 0.25 mol of dinitrogen tetroxide gas in a 1.0 L closed container. 
At equilibrium, the concentration of nitrogen dioxide gas is 0.25 mol/L. Use an ICE table to 
determine the equilibrium concentration of dinitrogen tetroxide gas. m [ans: [N204(g)]e,„iiibrium = 

0.12mol/L] 

2. At 35 °C, 3.00 mol of pure nitrosyl chloride gas, NOCI(g), is contained in a sealed 3.00 L flask. 
The nitrosyl chloride gas decomposes to nitric oxide gas, NO(g), and chlorine gas, Cl2(g) until 
equilibrium is reached. 

2N0CI(g)^ 2N0(g) + Cl2(g) 

At equilibrium, the concentration of nitric oxide gas is 0.043 mol/L. Use an ICE table to 
determine the equilibrium concentrations of nitrosyl chloride gas and chlorine gas under the 
conditions used. : [ans: [NOCI(g)]e,uiiibrium = 0.96 mol/L; [Cygllequiiibrium = 0.022 mol/L] 

3. A chemist places 2.00 mol of ethene gas, C2H4(g), and 1.25 mol of bromine gas, Brjig), in 
a sealed 0.500 L container. Figure 8 shows the concentration of ethene gas over time. The 
temperature of the vessel and its contents are kept constant. The balanced chemical equation 
for the reaction is 

^2^4(9) "L ^^2(9) C2^4^^2(9) 

Determine the equilibrium concentration of ethene, bromine, and 1,2-dibromoethane gases, ei 



Time 


Figure 8 

[ans: [C2H4(g)]e,uiiibrium = 2.5 mol/L; [Br2{g)],,„iiibrium = 1-0 mol/L; [C2H4Br2(g)]e,biiibrium = 1-5 mol/L] 
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Review 


Summary 

• Some chemical reactions do not go to completion, but to a chemical 
equilibrium, which is a dynamic equilibrium in a closed system in which the 
forward and reverse reactions occur at equal rates. 

• In an equilibrium system, an equilibrium position can be reached starting 
from the forward reaction or from the reverse reaction. 


7 


Questions 


1. In carbonated pop, the bubbles come from carbonic 
acid, H 2 C 03 (aq), in the liquid decomposing to 
carbon dioxide gas, C 02 (g), and water. QQ D 

(a) Explain how the sealed bottle of pop is an 
example of a dynamic equilibrium. 

(b) What happens when you open the pop bottle? 

2. The following balanced chemical equation 
represents a chemical system at equilibrium: QID 


C2H4(g) + Br2(g)^C2H4Br2(g) 

colourless brown colourless 


(a) What visual changes will you see at equilibrium? 

(b) What is occurring at the molecular level? 

(c) Is the equilibrium static or dynamic? 

3. When combined in a closed vessel, hydrogen gas 
and iodine gas will form hydrogen iodide gas until 
an equilibrium position is reached. QCl ESI D 

(a) Write a balanced equation for this chemical 
reaction system. 

(b) Suppose you carry out an investigation starting 
with a 2.0 L flask containing 0.45 mol of 
hydrogen iodide. Predict how the concentrations 
of the gases will change as the system reaches 
equilibrium. 

(c) In a second experiment, the concentration of 
each of the gases was monitored (Figure 9). 
Complete an ICE table for the reaction. 



Figure 9 


4. Sulfuric acid is an important industrial chemical that 
is usually produced by a series of reactions. One of 
these involves an equilibrium between gaseous sulfur 
dioxide, oxygen, and sulfur trioxide. 

2S02(g) + 02(g)^2S03(g) 

If 2.5 mol of sulfur dioxide gas and 2.0 mol of 
oxygen gas are placed in a sealed 1.0 L container 
and allowed to reach equilibrium, 0.75 mol of sulfur 
dioxide remains. Use an ICE table to determine the 
concentration of the other gases at equilibrium. B 

5. Phosphorus pentachloride gas, PCljCg), will 
decompose to phosphorous trichloride, PCl 3 (g), 
and chlorine, Cl 2 (g), at 160 °C. In a sealed vessel, 
the reaction will proceed to equilibrium: 

PCl5(g)^PCl3(g) + Cl2(g) 

A chemist places 3.00 mol of phosphorous penta¬ 
chloride gas into a sealed 1.50 L flask at 160 °C. 

At equilibrium, he observes there is 0.300 mol of 
phosphorous trichloride gas and some chlorine gas. 
Calculate the equilibrium concentrations of gaseous 
phosphorous pentachloride and chlorine. EBI 

6. Fructose is a carbohydrate found in many foods, 
especially sweet fruits. If you eat a meal that is rich 
in fructose, the concentration of fructose in solution 
inside the intestinal tract of the small intestine (i.e., 
the concentration outside the cells) will be higher 
than the fructose concentration inside the cells 
making up the intestine. This causes fructose to 
diffuse into the cells. 0 -; 

(a) Will diffusion result in the absorption of all 
fructose molecules from the digesting food 
travelling through the intestine? Explain. 

(b) Conduct research to determine why cells are 
able to absorb the maximum possible amount of 
nutrients from their surroundings. 
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Equilibrium Law and the Equilibrium 
Constant 


In the mid-1800s, two Norwegian chemists, Cato Maximilian Guldberg and Peter Waage 
(Figure 1), conducted detailed studies of chemical equilibrium systems. Based on 
their observations, they were able to describe a chemical equilibrium in a closed 
system in mathematical terms. The mathematical description is known as the equilib¬ 
rium law. The equilibrium law is sometimes called the law of mass action. 

What is the equilibrium law and why is it useful? To start our discussion, suppose 
that A, B, C, and D are chemical entities in gas or aqueous states, and that a, b, c, 
and d are the coefficients in a balanced chemical equation. We can now represent a 
chemical equilibrium system by this general chemical equation: 

aA + bB K ^ cC + dD 


The equilibrium law for this general reaction may be represented quantitatively by the 
following mathematical equation: 


K = 


[A]m 


The square brackets in the equation indicate the concentrations of the chemical enti¬ 
ties at equilibrium. K is the symbol for the equilibrium constant, a constant numerical 
value that defines the equilibrium law for a given system. Since the units of the equi¬ 
librium constant vary according to the values of a, b, c, and d, equilibrium constant 
values are usually reported without units. 


Analyzing the Equilibrium Law 

To see how the equilibrium law is useful, consider the formation of hydrogen iodide 
gas, HI(g), from its elements. The balanced chemical equation for this reaction is 

H^Cg) + l2(g)^2Hl(g) 

Table 1 shows the results from an investigation to observe how changing the initial 
concentration of the reactants and products affected the equilibrium. The reaction 
was allowed to proceed to equilibrium in a sealed 2.00 L flask at 485 °C. 

Table 1 Equilibria for Formation of Hydrogen Iodide from Its Elements at 485 °C 


Trial 

Initial concentration (mol/L) 

Equilibrium concentration (mol/L) 


[H2(g)] 

[12(g)] 

[Hi(g)] 

[H2(g)] 

[i2(g]) 

[Hi(g)] 

1 

2.00 

2.00 

0 

0.442 

0.442 

3.119 

2 

0 

0 

2.000 

0.221 

0.221 

1.560 

3 

0 

0.010 

0.350 

0.035 

0.045 

0.280 


In Table 2, the data from each trial were entered into the equilibrium law equation. 
What do you notice about the value of the equilibrium constants? 

Table 2 Calculation of /ffrom Experimental Results in Table 1 


Trial 1 

Trial 2 

Trial 3 

,, [Hi(g)]^ 

[Hi(g)]^ 

[Hi(g)]^ 

[H2(g)][i2(g)] 

(3.119)' 

[H2(g)][i2(g)] 

(1.560)' 

[H2(g)][i2(g)] 

(0.280)' 

(0.442) (0.442) 

K = 49.8 

(0.221)(0.221) 

K = 49.8 

(0.035) (0.045) 

K = 49.8 


1 



Figure 1 Cato Maximilian Guldberg 
(1836-1902) and Peter Waage 
(1833-1900) first proposed the 
equilibrium law in 1864. 

equilibrium law the mathematical 
description of a chemical system at 
equilibrium 

equilibrium constant [K] a constant 
numerical value defining the equilibrium 
law for a given system; units are not 
included when giving the value of K 



The Equilibrium Law (page 473) 

This activity provides an opportunity 
for you to use experimental data to 
find the mathematical relationship for 
the equilibrium law. 
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Table 3 Equilibrium Constant for the 
Production of Ammonia Gas from 
Eiemental Nitrogen and Hydrogen at 
Various Temperatures 


Temperature (°C) 

K 

25 

4.26x10® 

300 

1.02x10-= 

400 

8.00x10-' 


The equilibrium constant value is the same, 49.8, for all three trials. The equilibrium 
constant will always have the same value of 49.8 regardless of the initial concentrations, 
providing that all other variables are kept the same. Chemists have found that this holds 
true for any specific chemical reaction at equilibrium at a given temperature: the value 
of the equilibrium constant remains the same, regardless of initial concentrations. 

However, the value of the equilibrium constant depends on the reaction tempera¬ 
ture. In Table 3, notice how the equilibrium constant value changes with temperature 
when gaseous nitrogen and hydrogen are combined in a closed vessel and react to 
form ammonia gas, NH 3 (g). The chemical equation for this reaction is 

N2(g) + 3H2(g)^2NH3(g) 


Writing Equilibrium Law Equations and Calculating K 

In Section 7.1, you saw that the equilibrium position of a reaction describes the 
relative concentration of reactants and products in a chemical reaction system. By 
convention, the equilibrium position is expressed as being far to the right (toward 
products) or far to the left (toward reactants). The equilibrium constant, K, can 
be used to determine the equilibrium position of a chemical reaction system. 
You will calculate the equilibrium constant from the equilibrium law equation 
in Tutorial 1. Always use amount concentrations of the reactants and products 
at equilibrium in the equilibrium law expression calculation. Remember that, in 
this textbook, the concentrations of aqueous solutions and gaseous substances 
are provided in mol/L. 


Tutorial 1 Writing Equilibrium Law Equations and Calculating K 


In this tutorial, you will first see how to write an equilibrium equation from balanced chemical 
equations. Then, you will use equilibrium law equations to calculate the equilibrium constant, 
K, for several chemical reaction systems. 


Sample Problem 1: Writing an Equilibrium Law Equation from a Balanced Chemical Equation 


Write the equilibrium equation for the reaction described by the 
following balanced equation: 

4 NH3(g) + 7 02(g) ^ 4 N02(g) + 6 H20(g) 

Solution 

step 1. Identify the reactants and products and their 
coefficients. 


Step 2. Apply the equilibrium law equation. 

Place the products in the numerator and the reactants 
in the denominator. Use the coefficients from the 
balanced equation as exponents. 

_ [N02(g)]lH20(g)p 

[NH3(g)]^[02(g)7 


Reactants: 4 NH3(g); 7 02(g) 
Products: 4 N02(g); 6 H20(g) 


Sample Problem 2: Calculating /Cfor a Synthesis Reaction 


In a closed vessel at 500 °C, gaseous nitrogen, N2(g), and 
hydrogen, H2(g), combine in an equilibrium reaction to form 
ammonia gas, NH3(g): 

N2(g) + 3H2(g)^2NH3(g) 

The equilibrium concentrations of gaseous nitrogen, hydrogen, 
and ammonia, respectively, are 1.50 x 10“^ mol/L, 

3.45 X 10-^ mol/L, and 2.00 x 10-“ mol/L. 


Calculate the equilibrium constant, K, for this chemical reaction 
under these conditions. 

Given: [N2(g)]equiiibrium = 1.50 X 10-= mol/L; 

[H2(g)]equiiibrium = 3.45 X 10-' mol/L; 

[NH3(g)]equilibrium = 2.00 X 10-“ mOl/L 

Required; K 
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Solution: Write the equilibrium law equation using the 
balanced chemical equation. Then, substitute the equilibrium 
concentrations into the equilibrium law equation and solve for K. 
Remember that Kis reported without units. 


(2.00 X 10-")^ 

“ (1.50 X 10“=) (3.45 X 10“^)= 

K= 6.49 X 10“^ 

Statement: The equilibrium constant, K, is 6.49 x 10“^ for the 
chemical reaction system at 500 °C. 


Sample Problem 3: Calculating /Cfor a Decomposition Reaction 


In a closed vessel at 500 °C, ammonia gas, NH3(g), will 
decompose into its elements: 

2NH3(g)^N2(g) + 3H2(g) 

Calculate the equilibrium constant, K, for the decomposition 
of ammonia gas into its elements under these conditions. This 
reaction is the reverse of that in Sample Problem 2, so use the 
same equilibrium concentrations. 

Given: [N2(g)]equiiibrium = 1.50 X 10“= mol/L; 

[H2(9)]equiiibrium = 3.45 X 10 ^ mol/L; 

[NH3(g)]equilibrium = 2.00 X 10“^ mOl/L 


Required: K 
Solution: 

[N2(g)][H2(g)? 

[NH3(g)? 

(1.50 X 10“=)(3.45 X 10“0= 

~ (2.00 X 10“^)2 

K= 15.4 

Statement: The equilibrium constant, K, for the decomposition 
of ammonia at 500 °C is 15.4. 


if you compare the two equilibrium constants that you calculated in Sample Problems 2 and 3, 
you can see that they are very different. However, these values are mathematically related. 

Allow K\o represent the equilibrium constant of the forward reaction or the formation of 
ammonia gas (Sample Problem 2). Then, let K' represent the equilibrium constant of the reverse 
reaction or the decomposition of ammonia gas (Sample Problem 3). The equilibrium law equations for 
the reactions are 


[NHsCg)? 

[N2(g)][H2(g)]= ‘ 


[N3(g)][H2(g)]= 

[NH3(g)? 


15.4 


If you compare the concentrations in these two equations, you will see that K \s the mathematical 
reciprocal of K’. To check this, you can calculate the reciprocal of K': 

K' = 15.4, so 
1 1 
K' ~ 15.4 

= 6.49 X 10“2 


Practice 

1. Write the equilibrium law equation for the reactions represented by the following balanced 
chemical equations: 

(a) 2C02(g)^2C0(g) + 02(g) 

(b) 2Cl2(g) + 2H20(g) ^4HCI(g) + 02(g) 

(c) 2 03(g) ^3 02(g) 

(d) 4NH3(g) + 3 02(g) ^ 2N2(g) + 6H20(g) EZD 
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2. In a closed vessel at 327 °C, methanol gas, CHjOHIg), is formed by reacting gaseous carbon 
monoxide with hydrogen gas. When the reaction reaches equiiibrium, the concentration of 
carbon monoxide gas is 0.079 mol/L, of hydrogen gas is 0.158 moi/L, and of methanol gas is 
0.021 mol/L. The balanced chemical equation for the chemical reaction system is 

CO(g) + 2H2(g)^ CH30H(g) 

Calculate the equilibrium constant for this reaction, oi [ans:K= ii] 

3. Write the balanced chemical equation for the reaction with the following equilibrium law equation: 


[NO(g)?[Br,(g)] 

[N0Br(g)f 

Ba [ans: 2 NOBr(g) ^ 2 NO(g) + Br^lg)] 


Equilibrium Constant and Reaction Rate 

When a reversible chemical reaction is at equihbrium, the rate of the forward reaction 
is equal to the rate of the reverse reaction. We can show why this is true. Consider a 
hypothetical reversible reaction in which reactants A and B form products C and D. 

A + B + D 

Since it is a reversible chemical reaction, dynamic equilibrium is achieved when 
the forward reaction proceeds at the same rate as the reverse reaction. The chemical 
equation for the forward reaction of the chemical equilibrium system is 

A + B^C + D 

Assume that this reaction is an elementary process, which is a chemical process that 
is completed in a single step. Recall from Chapter 6 that, in a dilute solution, the rate of 
a chemical reaction is proportional to the amount concentrations of the reactants. If kj 
is the rate constant for the forward reaction, the rate of the forward reaction is 

Forward reaction rate = fcy[A][B] 

Similarly, for the reverse reaction given by the chemical equation 

C + A + B 

if is the rate constant, then this equation represents the reverse reaction rate: 
Reverse reaction rate = fcr[C][D] 

At equilibrium, the forward reaction rate must equal the reverse reaction rate. 
/c/A][B] = K[C][D] 

Rearranging this equation as a ratio gives 

[C][D] 

K [A][B] 

This ratio is the same as the equilibrium law equation for our hypothetical equi¬ 
librium system. Therefore, the ratio of the rate constants of the forward and reverse 
reactions is equal to the equilibrium constant, K. 

[C][D] 

K [A][B] 

For simple reversible reactions in which all the coefficients are 1, we would also 
arrive at this equation by placing the coefficients of 1 in the equation originally pro¬ 
posed by the chemists Guldberg and Waage: 

^ [C?[D]‘> 

[A?[Bf 

However, this mathematical relationship is true only for elementary processes. 
Most chemical reactions are not elementary processes. 
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Heterogeneous Equilibria 

The chemical equilibrium systems that we have discussed so far have been examples 
of a homogeneous equilibrium, in which all reactants and products in the systems were in 
the same state of matter. When the reactants and products in a chemical equilibrium 
system are present in more than one state, the system is a heterogeneous equilibrium. 

For example, calcium carbonate, CaC 03 (s), can undergo a reversible decomposi¬ 
tion reaction to form solid calcium oxide, CaO(s), and carbon dioxide gas: 

CaCOjCs) CaO(s) + CO^Cg) 

This reaction is used in the commercial preparation of calcium oxide (also known 
as lime) from calcium carbonate sources, such as limestone. Lime has many uses, 
such as in the manufacture of steel and plastics. Straightforward application of the 
equilibrium law leads to the equation 

_ [C 03 (g)][Ca 0 (s)] 

[CaC 03 (s)] 

However, the equilibrium position of a heterogeneous equilibrium does not depend 
on the quantities of pure solids or liquids. The fundamental reason for this behaviour 
is that the concentrations of pure solids and liquids cannot change. In the reversible 
decomposition reaction of calcium carbonate, the concentrations of solid calcium 
carbonate and solid calcium oxide remain constant (Figure 2). # career link 

If we represent these constant concentrations by the symbols Cj and C 2 respec¬ 
tively, we can write the equilibrium law equation as 

,, [CO,(g)]C, 

Since Ci and C 2 are constants, and K is also a constant, we can simplify the equi¬ 
librium law equation by including all the constants together. We can then write the 
equilibrium law equation for this reaction as 

K = [C02(g)] 

We can write the following generalization from this analysis: 

If pure solids or pure liquids are involved in a chemical equilibrium 
system, their concentrations are not included in the equilibrium law 
equation for the reaction system. 


homogeneous equilibrium a chemical 
equilibrium system in which all reactants 
and products are in the same state of 
matter, such as the gas state 

heterogeneous equilibrium a chemical 
equilibrium system in which the reactants 
and products are present in at least two 
different states, such as gases and solids 


CaCOsfs) 




Figure 2 The position of the equilibrium 
CaC03(s) ^ CaO(s) + C02(g) 
does not depend on the quantities of 
solid calcium carbonate and calcium 
oxide that are present, but only on the 
concentration of carbon dioxide gas. 


We cannot simplify the equilibrium law expression for solutions or gases, since 
the concentrations of substances in these states can vary. Therefore, carefully note the 
states of all substances in a reaction system. For example, consider the decomposition 
of liquid water to gaseous hydrogen and oxygen: 

2H20(l)^2H2(g) + 02 (g) 

The equilibrium law equation for this reaction is 

i^=[H2(g)?[02(g)] 

We did not include water in the equation, because it is a pure liquid. However, we 
could instead carry out the reaction under conditions where water is in the gas state. 

2 H20(g) ^ 2 H2(g) + 02 (g) 

Since the concentration of water vapour can change, we must now include it the 
equilibrium law equation: 

[H2(g)?[0.(g)] 

[H20(g)? 
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Tutorial 2 Equilibrium Expressions for Heterogeneous Equilibria 


In this tutorial, you will write the equilibrium law equations for heterogeneous equilibrium 
reaction systems. Remember to simplify the equation by omitting the concentrations of 
any pure solids or liquids. 

Sample Problem 1: A Reaction System with a Pure Solid and a Pure Liquid 
Solid phosphorous pentachloride, PCl 5 (s), can undergo a reversible reaction to form 
liquid phosphorous trichloride, PCIjil), and chlorine gas, C^g). Write the equilibrium law 
expression for this heterogeneous equilibrium. 

Solution 

Write the balanced chemical equation for the reaction. Then, write the equilibrium law 
equation. Omit the concentrations of the pure solid, PCIjis), and the pure liquid, PCyi). 
PCl5(s) ^ PCl3(l) + Cl2(g) 

K= [Cl2(g)] 

Sample Problem 2: A Reaction System with Two Pure Solids 

When deep blue solid copper(ll) sulfate pentahydrate, CuS 04 - 5 H 20 (s), Is heated to drive 

off water vapour, HjOig), white solid anhydrous copper(ll) sulfate, CuS 04 (s), is formed. 

The reaction is reversible. Write the balanced chemical equation and the equilibrium law 
equation for this reaction system. 

Solution 

CuS04-5H20(s)^^CuS04(s) + 5 HjOig) 

K= [H20(g)f 

Practice 

1. Write the equilibrium law equation for the following heterogeneous equilibrium 
reaction systems: 

(a) the decomposition of solid ammonium chloride, NH 4 CI(s), to gaseous ammonia, 
NHaIg), and hydrogen chloride gas, HCI(g), which is represented by the balanced 
chemical equation 

NH4CI(s) ^^NHaCg) + HCI(g) [ans:/(•= [NH3(g)][HCI(g)] 

(b) the production of solid sodium carbonate, Na 2 C 03 (s); carbon dioxide gas; 
and water vapour by heating solid sodium hydrogen carbonate, NaHC 03 (s) 

[ans:/r= [C02(g)][H30(g)] 

(c) the reaction of elemental zinc, Zn(s), In an aqueous solution of copper(ll) chloride. 



Figure 3 Stages in the reaction progress of elemental zinc in copper(ll) chloride solution 
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The Magnitude of the Equilibrium Constant, K 


We have seen that the magnitude of the equilibrium constant, K, can vary significantly. 
What does the magnitude of the equilibrium constant tell us about an equilibrium 
system? To answer this question, consider the reaction of carbon monoxide gas, 
CO(g), with oxygen gas, 02 (g), to produce carbon dioxide gas, C02(g). This reaction 
contributes some of the carbon dioxide gas released into the atmosphere by internal 
combustion engines (Figure 4). The balanced equation for this reaction is 


2C0(g) + 02(g)^2C02(g) 

When this reaction is conducted in a sealed vessel at 25 °C, the equilibrium con¬ 
stant is 3.3 X Therefore, the equilibrium law equation can be written as 
[C02(g)? 


[C0(g)?[02(g)] 


= 3.3 X 10®^ 


Looking at the equilibrium law equation, the numerator includes the equihbrium 
concentration of the product, and the denominator includes the equihbrium concen¬ 
trations of the reactants. The very large value of the equilibrium constant indicates that 
the equilibrium position is significantly toward the right. We can therefore predict that, 
at equilibrium, the concentration of carbon dioxide gas (the product) will be much 
greater than the concentrations of carbon monoxide gas and oxygen gas (the reactants). 

In contrast, the reversible reaction of nitrogen dioxide gas, N02(g), with nitric 
oxide gas, NO(g), to form gaseous dinitrogen monoxide, N20(g), and oxygen. 


N02(g) + NO(g) N20(g) + 02 (g) 


has an equilibrium constant that is close to being equal to 1. 


[N20(g)][02(g)] 

[N02(g)][N0(g)] 


= 0.915 


Since this equilibrium constant is close to 1, the concentration of the products at 
equilibrium is approximately equal to the concentration of the reactants. 

FinaUy, let us look at the equilibrium constant for the reversible thermal decompo¬ 
sition of water at 1000 °C. The balanced chemical equation and the equilibrium law 
equation for this reaction are as follows: 


2H20(g) ^2H2(g) + 02(g) 


.,3X10- 

[H20(g)? 

The value of the equilibrium constant for this chemical reaction system is 
extremely small. This means that the concentration of water vapour is much larger 
than the concentrations of hydrogen gas and oxygen gas at equilibrium. At this tem¬ 
perature, the equilibrium position is toward the left and highly favours the reactants. 

Table 4 summarizes the relationship between the magnitude of the equilibrium 
constant value and the equilibrium position. 



Figure 4 In the open system of this 
tailpipe, oxygen gas present in the air 
will react with any carbon monoxide 
gas emitted by the engine, converting it 
into carbon dioxide gas that enters the 
atmosphere. 


Table 4 Relationship between the 
Magnitude of the Equiiibrium Constant, 
K and Equilibrium Position 


Magnitude 

oiK 

Equilibrium 

position 

K»>^ 

far to the right 
(favours products) 

/(■-I 

equilibrium 
concentration of the 
products similar to 
that of the reactants 

K«<^ 

far to the left 
(favours reactants) 
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Review 


Summary 

• An equilibrium law equation is a mathematical representation of a reversible 
chemical reaction. 

• The equilibrium constant, K, is the ratio of the concentrations of the products 
to the concentrations of the reactants at equilibrium. It is independent of 
initial concentration, but varies with the temperature at which the reaction 
occurs. 

• In a homogeneous equilibrium, all substances have the same state. In a 
heterogeneous equilibrium, the substances are in at least two different states. 

• The concentrations of solids and pure liquids are not included in the 
equilibrium expression because they are constant. 

• The magnitude of the equilibrium constant, K, reflects the equilibrium position. 

Questions 


7 


1. Write the equilibrium law equation, K, for the 
chemical reaction systems represented by each of 
the following chemical equations: E2i 

(a) SiH^Cg) + 2 Cl 2 (g)^ SiCl 4 (g) + H^Cg) 

(b) 2 PBr3(g) + 3 CUg) ^ 2 PCl3(g) + 3 Br3(g) 

(c) HpCD^HpCg) 

(d) 2 NaHC 03 (s)^^ 

Na2C03(s) + C02(g) + H20(g) 

2. At a particular temperature, a 3.0 L flask contains 
2.4 mol of chlorine, Cl 2 (g); 1.0 mol of nitrosyl 
chloride, NOCl(g); and 4.5 x 10“^ mol of nitric 
oxide, NO(g). Calculate the equilibrium constant, 
given the balanced chemical equation 

2NOCl(g) ^2NO(g) + Cl2(g) EZD 

3. An equilibrium mixture contains 1.0 mol of iron 
metal, Fe(s); 1.0 x 10“^ mol of oxygen gas; and 
2.0 mol of solid iron(III) oxide, Fe 203 (s), in a 2.0 
L container. The reaction is represented by the 
balanced chemical equation 

4 Fe(s) + 3 02 (g) 2 Fe 203 (s) 

Calculate the value of K for this reaction. ^ 

4. Use a graphic organizer to summarize what 
you have learned about homogeneous and 
heterogeneous equilibria and how their equilibrium 
law equations are written. I3ID B 

5. Liquid methanol, CH 30 H( 1 ), is an important 
solvent in industry and can also be used as a fuel. 
Methanol may be synthesized in the gas state from 
carbon monoxide gas, CO(g), and hydrogen gas, 
H 2 (g), in a chemical reaction system that comes to 
equilibrium in a closed vessel at 225 °C. Em B B 

(a) Write the balanced chemical equation for 

the formation of methanol gas from carbon 
monoxide gas and hydrogen gas at 225 °C. 


(b) The equilibrium constant, K, for this reaction 
at 225 °C is 6.3 x 10“^. Predict the relative 
concentration of the methanol gas when 
equilibrium is established. 

(c) Based on your answer for (b), predict whether 
this equilibrium system could generate large 
quantities of methanol. Explain your answer. 

(d) What would be the equilibrium constant for the 
reverse reaction? 

6. Coal, C(s), can be burned directly as a source of 
energy or can be converted to carbon monoxide 
gas, CO(g), which can also be used as a fuel. The 
conversion process involves reacting coal with 
carbon dioxide gas to produce carbon monoxide 

(a) Write the balanced chemical equation for the 
reaction. 

(b) Write the equilibrium constant equation. 

(c) The value of the equilibrium constant for this 
chemical reaction system is 1.6 X 10“^ at 25 °C 
and 1.7 X 10^ at 1000 °C. At which temperature 
will more carbon monoxide gas be produced? 
Explain your reasoning. 

(d) What are some advantages of a gaseous fuel 
over a solid fuel? 

(e) What safety issues are involved in working with 
carbon monoxide gas at high temperatures? 
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Fritz Haber: Explore an Equilibrium, Feed the World 

ABSTRACT HANDBMK ■ ' 

Ammonia gas is produced from elemental nitrogen and oxygen in a reversible 
reaction, but the equilibrium position heavily favours the reactants at SATP. Fritz 
Haber conducted basic research on this chemical equilibrium system and fundamen¬ 
tally changed our understanding of equilibria. In a body of investigative work that 
won him the Nobel Prize in Chemistry in 1916, Haber showed how temperature, 
pressure, and the addition of a catalyst affected equilihrium position. This work laid 
the foundation for the chemical engineer Carl Bosch to invent the Haber-Bosch 
process for industrial-scale ammonia synthesis. 


Introduction 

The late nineteenth century brought rapid population 
growth in North America and in Europe, which strained 
the food supply. To meet the demand, farmers turned to 
nitrogen-hased fertilizers to raise their yields. However, the 
main sources were naturally occurring and limited: guano 
(bird droppings), and sodium nitrate from mines. It was 
known that ammonia and ammonia-containing substances 
could be used as a fertilizer, but ammonia supplies were also 
limited. The chemist Fritz Haber (Figure 1) was working on 
improving the energy efficiency of another useful chemical 
reaction. Impressed by his work, in 1909 the German chem¬ 
ical company BASF hired Haber to investigate the produc¬ 
tion of ammonia gas from atmospheric nitrogen. 



Figure 1 Fritz Haber (1868-1934) made fundamental contributions to 
the understanding of chemical equilibria. 

Investigating Temperature and Pressure 

The balanced chemical equation for the production of 
ammonia gas from its elements is 
N2(g) + 3H2(g)^^2NH3(g) 

When Haber began his investigations, it was known that 
this chemical reaction produced very little ammonia gas 
and that the quantity produced decreased as temperature 
was increased. Habers investigations led him to conclude 


that, when temperature was increased, although the reaction 
rate increased, the equilibrium position shifted to favour the 
reactants even more. In his Nobel lecture, Haber explained 
his next step in his investigations. 

“To begin with, it was clear that a change to 
the use of maximum pressure would be advan¬ 
tageous. It would improve the point of equilib¬ 
rium and probably the rate of reaction as well.” 

Unfortunately, Haher found that the temperature of the 
reaction must he 700 °C to shift the equilibrium position 
enough to produce greater quantities of ammonia, even at 
the maximum pressure he could produce with his equip¬ 
ment. The energy needed to create these conditions made this 
approach uneconomical and so not useful. Figure 2 shows 
some of Haber s original data from his work on the effects of 
temperature and pressure on ammonia production. 


f 

(“C) 

7 

(K) 

Pm, 

PnfV 


Percentage of NHj at equilibrium 

at 

^ 1 atm 

at 

30 atm 

at 

too atm 

at 

200 atm 

200 

473 

0.1807 

0.660 

15.3 

67.6 

80.6 

85.8 

300 

573 

1.1543 

0.070 

2.18 

31.8 

52.1 

62.8 

400 

673 

1.8608 

0.0138 

0.44 

10.7 

25.1 

36.3 

500 

773 

2.3983 

0.0040 

0.129 

3.62 

10.4 

17.6 

600 

873 

2.8211 

0.00151 

0.049 

1.43 

4.47 

8.25 

700 

973 

3.1621 

0.00069 

0.0223 

0.66 

2.14 

4.11 

800 

1073 

3.4417 

0.00036 

0.0117 

0.35 

1.15 

2.24 

900 

1173 

3.6736 

0.000212 

0.0069 

0.21 

0.68 

1.34 

1000 

1273 

3.8679 

0.000136 

0.0044 

0.13 

0.44 

0.87 


Figure 2 Data contained in a table prepared by Haber and presented 
during his Nobel lecture in 1916 


An Energy-Efficient Solution 

Inspired by the work of other scientists, Haber decided to 
look for a catalyst that would affect the equilibrium instead. 
Catalysts do not change the equilibrium position, but they 
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do affect the rate of both the forward and reverse reactions. 
After much work, Haber discovered that iron oxide could 
play this role in this equilibrium system, so he was able to 
produce ammonia at lower temperatures and pressures. 

An Application of Insight 

Although Haber had achieved his goal and found a way 
to synthesize ammonia gas from its elements, this did not 
address the economic and social problems associated with 
the limited supply of ammonia. Haber discussed this issue 
during his Nobel lecture: 

I was never in doubt that my laboratory 
work would produce no more than a scientific 
confirmation of basic principles and a criterion 
of experimental aids, and that much would 
need to be added to any success of mine to 
ensure economic success on an industrial scale. 

On the other hand, I would hardly have concen¬ 
trated so much on this problem had I not been 
convinced of the economic necessity of chemical 
progress in this field . . . while the immediate 
object of science lies in its own development, its 
ultimate aim must be bound up in the moulding 
influence which it exerts at the right time upon 
life in general and the whole human arrange¬ 
ment of things around us.” 

Industrial-scale production of ammonia relied on the 
work of Carl Bosch, BASF’s chief chemical engineer. He 
modified Haber’s process and then designed an industrial 
chemical plant that eventually began producing 10 000 t of 
ammonia per year. The process is called the Haber-Bosch 
process to honour the work of both men (Figure 3). 


unreacted H2(g) and 
N2(g) back into reaction 









iron(lll) oxide catalyst 

■ 


added Hjfg) 

L^ 



J 


added Njlg) 



NH3(g)’ 

removed 


reaction chamber 
500 °C 
30-60 MPa 


Figure 3 in the Haber-Bosch process, iron(lll) oxide is a catalyst and 
so is not used up. Any reactants present at equilibrium are recycled. 
The product, ammonia gas, is constantly removed. 

Conclusion 

Fritz Haber’s exploration of the equilibrium system in 
which ammonia gas is synthesized from its elements was 
motivated mainly by curiosity. However, the results of his 
investigations had profound effects on the world outside his 
laboratory. 

Further Reading 

Haber, F. (1920). The synthesis of ammonia from its 
elements. Nobel Lectures, Chemistry 1901-1921. 
Amsterdam: Elsevier Publishing. 

Smil, V. (2004). Enriching the Earth: Fritz Haber, Carl Bosch, 
and the Transformation of World Food Production. 
Cambridge, MA: MIT Press. 


WEB LINK 


McP Questions 

1. Why did the increase in temperature actually lower 
the ammonia yield? QQ 

2. What was the “economic necessity” that Haber 
discussed in his lecture that encouraged the 
investigation into the production of ammonia from 
its elements? QIS 

3. Explain how the addition of a catalyst speeds up 
the production of ammonia. Does the quantity of 
ammonia at equilibrium change? QID 

4. How does the pressure inside the reaction vessel 
affect the equilibrium? dS 


5. Both economics and available technologies place 
limits on the industrial production of chemicals. 
Describe how economics and the available 
technologies affected Haber’s final process for 
synthesizing ammonia. How has the process been 
modified since then? Choose a creative way to 
communicate your answer. D D 


6. Do you think the focus of scientific research 
should be on solving real-world problems? Why 
or why not? Refer to the work of Haber in your 
answer. # D 
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Qualitative Changes 
in Equilibrium Systems 

Imagine that your friend is trying to stay in the same place while walking up an 
escalator that is moving down. She will be able to maintain her location if the rate 
at which she walks up equals the rate at which the escalator moves down. As long as 
the rate your friend walks up is the same as the rate that the escalator moves down, 
this system is in a state of dynamic equilibrium. However, should the escalator begin 
to move faster while your friend maintains the same rate of walking up, the dynamic 
equilibrium will be disturbed and the location of your friend on the escalator will 
shift down. To re-establish equilibrium, she must increase her stepping rate to match 
the new rate of motion of the escalator. However, when dynamic equilibrium is re¬ 
established, she will be at a new location, lower on the escalator. As we will see, the 
changes in this dynamic equilibrium are analogous to what happens in a chemical 
equilibrium system when it is disturbed. 

What do we mean when we say a chemical system at equilibrium is disturbed? 
Previously in this chapter, we saw that changes in temperature can shift the position 
of an equilibrium in a closed system. These changes are examples of disturbances in a 
chemical equilibrium system. In general, chemical systems at equilibrium may be dis¬ 
turbed by changes in pressure, temperature, concentration, or a combination of these. 


Le Chatelier’s Principle 

In 1884, the French chemist Henry-Louis Le Chatelier (Figure 1) was best known for 
his work in analyzing chemical reaction systems at equilibrium. Le Chatelier started 
with a well-defined initial equilibrium state, then changed one property of the system. 
He observed that there would be a temporary “non-equilibrium” state in the chemical 
reaction system, and then a new equilibrium state would become established. The 
goal behind Le Chatelier s investigations was to maximize the yield of products from 
equilibrium systems, using this systematic process of trial and error. As he gathered 
data, he saw a pattern emerge. He communicated this pattern to the scientific com¬ 
munity as the generalization now known as Le Chatelier’s principle. # web link 

When a chemical system at equilibrium is disturbed by a change in a 
property, the system adjusts in a way that opposes the change. 

Le Chatelier’s principle allows chemists to predict the qualitative effects of changes 
in concentration, pressure, and temperature on a chemical reaction system at equi¬ 
librium. Since Le Chatelier’s time, this generalization has been supported through 
extensive evidence. It is regularly applied by chemical engineers who want to maxi¬ 
mize the yield of a desired product to make industrial-scale chemical processes more 
efficient. In fact, Fritz Haber and Carl Bosch used Le Chatelier’s principle in their 
work to devise a process for the economical production of ammonia gas from atmo¬ 
spheric nitrogen (Section 7.3.) # career link 


Le Chatelier’s Principle and Changes 
in Concentration 

An adjustment by a system at equilibrium that results in a change in the concentrations 
of reactants and products is called an equilibrium shift. One way to cause an equilibrium 
shift is to add additional reactant to the reaction vessel. By applying Le Chatelier’s 
principle, we can predict that increasing the concentration of a reactant will shift the 
equilibrium to the right, to oppose this change. This prediction can be tested by inves¬ 
tigation. For example, when a light yellow solution of iron(III) ions, Fe^’*' (aq), is mixed 



Figure 1 Henry-Louis Le Chatelier 
(1850-1936), a chemist and engineer, is 
best known for his generalization about 
the nature of disturbance to chemical 
equilibria. 


Le Chatelier’s principle a generalization 
that states that chemical systems at 
equilibrium shift to restore equilibrium 
when a change occurs that disturbs the 
equilibrium 


equilibrium shift a change in 
concentrations of reactants and products 
in order to restore an equilibrium state 
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Figure 3 The deep red colour of the 
equilibrium system changes when more 
aqueous thiocyanate ions are added, 
indicating an equilibrium shift. 


with a colourless solution of thiocyanate ions, SCN“(aq), an equilihrium is reached 
with the product, iron thiocyanate ions, FeSCN^’*' (aq). The balanced chemical equation 
for this chemical reaction system is 

Fe^+(aq) + SCN'Caq) ^^FeSCN^+Caq) 

Note that there are two reactants and one product in the forward reaction of this 
equilibrium system. Figure 2 shows the concentrations of the reactants and products 
over time. At the zero time point, the two solutions are mixed. Notice how the con¬ 
centrations of reactants fall as the concentration of the product increases. When the 
reaction system reaches equilibrium, all three concentrations remain constant and all 
three lines on the graph are horizontal. At the point marked by the first dotted vertical 
line, more thiocyanate ions are added to the equilibrium. This causes the solution to 
change colour (Figure 3). After the addition, the concentration of thiocyanate briefly 
increases, then it decreases again. The decrease is the result of some of these ions being 
used to form more product, the iron thiocyanate ions. Similarly, the concentration of 
aqueous iron(III) ions decreases as some of them are used also in product formation. 
However, eventually equilibrium is re-established at a new position. 


Fe3+(aq) -HSCN-(aq)- 


Reaction 

I Fe3+(aq) -i- SCN- 


1 Fe3+(aq) -HSCN-(aq)-^ 



Figure 2 When yellow aqueous iron(lll) ions, Fe^^(aq), initially mix with colourless aqueous 
thiocyanate ions, SCN (aq), a portion of the ions combine to form red aqueous iron thiocyanate 
ions, FeSCN^^(aq). As the reaction progresses, the concentrations of reactants fall as the 
concentration of the product rises, until equilibrium is reached. When more thiocyanate ions 
are added at the point indicated by the dashed line, the aqueous thiocyanate ion concentration 
increases momentarily but then falls off as additional aqueous iron thiocyanate ions are produced. 
Can you identify what change was made to the system at the second dashed line? 


This experiment verifies the prediction made by Le Chatelier’s principle, that 
increasing the concentration of a reactant will shift the equilibrium to the right. 
Notice that the concentrations of reactants and products at this new equilibrium 
position are different from their concentrations in the original equilibrium. When 
additional reactant is added, the equilibrium concentration of the added reactant in 
the new equilibrium is usually higher than was its equilibrium concentration in the 
original equilibrium. 

Le Chatelier s principle also predicts that removing some of a reactant in a chem¬ 
ical system at equilibrium will shift the equilibrium to the left (toward reactants), to 
partially counteract the lower reactant concentration. We will look at these predic¬ 
tions more closely by considering an investigation of the chemical reaction system 
represented by the following chemical equation: 

2C02(g)^2C0(g) + 02 (g) 
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When more carbon dioxide gas was added to the system at equilibrium, its con¬ 
centration first spiked, then immediately started to decrease as the concentrations of 
the products increased. The concentrations of gaseous carbon dioxide, carbon mon¬ 
oxide, and oxygen at the new equilibrium position are higher than they were in the 
original equilibrium (Figure 4(a)). When one of the products, carbon monoxide gas, 
was removed from the system at equilibrium, more reactant was converted to prod¬ 
ucts to compensate for the change (Figure 4(b)). The equilibrium shifts to the right: 
the concentration of oxygen gas increases while the concentration of carbon dioxide 
gas decreases, until a new equilibrium is established. 

Collision Theory and Concentration Changes 
in an Equilibrium System 

According to collision theory, entities in a chemical system must collide to react. 
When the concentration of an entity in a chemical reaction system is increased, it is 
more likely that that entity will collide with other entities. There are simply more of 
them present. However, only collisions between reactant entities can potentially con¬ 
tribute to a chemical reaction. Even so, the more frequently collisions occur overall, 
the more likely it is that a chemical reaction will take place. 

Collision theory explains the response of a chemical reaction system at equilibrium 
to a change in concentration as the result of random collisions and probability. When 
we add more reactant entities in an equilibrium system, the equilibrium shifts to the 
right because the number of successful collisions for the forward reaction increases. 
If, instead, we add more product entities, then the number of successive collisions for 
the reverse reaction will increase and the equilibrium will shift to the left. # web link 

The rate of a chemical reaction reflects how often reacting entities collide, be they 
products or reactants. Therefore, when we add a reactant to an equilibrium system, 
the resulting higher concentration increases the rate of the forward reaction to which 
it contributes. The higher rate, in turn, decreases the concentration of that substance, 
so the forward reaction rate then decreases. Conversely, the product(s) of the forward 
reaction increase in concentration and so become more likely to collide, causing the 
rate of the reverse reaction to increase. Once the rates of the forward and reverse 
reactions become equal, a new equilibrium is established. The rates of the forward 
and reverse reactions will not be the same as in the original equilibrium, however. 

Applications of Le Chatelier’s Principle 
and Concentration Changes 

Chemical engineers may apply Le Chatelier s principle when designing industrial pro¬ 
cesses based on reversible reactions. Often the production process involves continuous 
addition of reactants or removal of products. This prevents the chemical reaction 
system from ever reaching equilibrium, so that the formation of products will always 
be favoured. One example of this is in the industrial production of aqueous nitric acid, 
HN 03 (aq): 

3N02(g) + H20(l)^=^2HN03(aq) + NO(g) 

Nitric acid has many uses, such as in the synthesis of fertilizers, explosives, dyes, 
and perfumes. Nitric oxide is not as useful. In the industrial production of aqueous 
nitric acid, the nitric oxide gas is removed from the chemical reaction system by 
reacting it with oxygen gas. As the nitric acid product is removed, the equilibrium 
shifts to the right to compensate, so more reactants form products. This has the 
desired result of increasing the yield of nitric acid. 

Another example is the gasification of carbon. This chemical reaction system is 
an important part of the conversion of biomass to usable hydrogen gas fuel. At high 
temperatures, elemental carbon, C(s), reacts with water vapour to produce hydrogen 
gas and carbon monoxide gas. The balanced equation for the gasification of carbon is 

C(s) + H20(g)^H2(g) + CO(g) 


Reaction Progress 



Reaction Progress 



Figure 4 (a) At the clotted line, when 
the system was at equilibrium, more 
carbon dioxide gas (reactant) was added 
to the system. The equilibrium responded 
by shifting to the right (in the direction 
of products). The concentration of 
the reactant at the new equilibrium 
is also higher, (b) At the dotted line, 
when the system was at equilibrium, 
carbon monoxide gas (product) was 
removed from the system. As in (a), the 
equilibrium responded by shifting to 
the right, converting more reactant to 
products. 
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Carbon monoxide gas then reacts with water vapour to produce gaseous carbon 
dioxide and hydrogen in a reaction known as the water-gas shift reaction: 

co(g) + H20(g)^co2(g) + n,{g) 

As fast as the gasification reaction produces gaseous carbon monoxide (and 
hydrogen), it is used up as a reactant in the water-gas shift reaction. Thus, the water- 
gas shift reaction constantly forces the equilibrium position of the gasification reac¬ 
tion to the right, producing more products. This has the effect of increasing the yield 
of hydrogen. 

Le Chatelier’s principle also applies to biological processes. For example, hemo¬ 
globin in your blood, Hb(aq), binds to dissolved oxygen, 02(aq), in a reversible reac¬ 
tion represented by this balanced equation: 

Hb(aq) + OjCaq) Hb02(aq) 

Oxygen is first absorbed into your lungs. The concentration of oxygen (a reactant) 
in the lungs is high, so the equilibrium position is to the right, toward the product, 
hemoglobin-oxygen complex, Hb02(aq). The hemoglobin-oxygen complex in the 
blood is then pumped to your body cells, where the oxygen concentration is relatively 
low. In other words, the concentration of this reactant is low in your body cells. To 
compensate, the equilibrium shifts to the left, in favour of the reactants. As a result, 
oxygen is released from hemoglobin, and it is then available for use by your body 
cells. ® CAREER LINK 


Le Chatelier’s Principle and Changes in Energy 



Figure 5 The room-temperature 
sample in the centre contains a mix of 
both gases. Changing the temperature 
shifts the endothermic reaction 
equiiibrium. The sampie on the ieft, at 
0 °C, is shifted toward the formation 
of coiourless dinitrogen tetroxide gas. 
The darker coiour of the sampie sampie 
on the right, at 85 °C, is due to a shift 
toward the formation of reddish brown 
nitrogen dioxide gas. 


A system at equilibrium will also shift when it is disturbed by the addition or 
removal of energy. For example, an equilibrium will shift when the temperature 
is increased or decreased (a change in thermal energy). To apply Le Chatelier’s 
principle and predict how a change in energy will affect a chemical system at equi¬ 
librium, we can think of energy as a reactant or a product. For example, energy is 
absorbed in an endothermic reaction. If we consider energy to be a reactant, we 
can write the word equation 

reactants + energy products 

Similarly, since energy is released during an exothermic reaction, we can consider 
energy to he a reactant and write 

reactants ^^ products + energy 

To use Le Chatelier’s principle to predict how an equilibrium will shift in response 
to a change in energy, consider how the system can counteract this shift. 

Endothermic Reactions 

If an endothermic reaction is cooled (thermal energy removed), we can consider that 
the quantity of one of the reactants has been decreased. We can therefore predict 
that the equilibrium will shift to the left (toward the reactants), and energy will be 
released. For example, the decomposition of dinitrogen tetroxide gas, N 204 (g), to 
nitrogen dioxide gas, N02(g), is an endothermic process. We can represent the reac¬ 
tion by this balanced equation: 

N 204 (g) + energy 2 N 02 (g) 

colourless reddish brown 

If thermal energy were added to this equilibrium system by heating, the equilibrium 
would likely shift to the right. The additional energy would be absorbed to create 
more product, nitrogen dioxide gas. Since dinitrogen tetroxide gas is colourless and 
nitrogen dioxide gas is reddish brown, such a shift would make the gas mixture a 
darker colour. Figure 5 shows the visible changes in this chemical reaction system 
when the temperature was changed from room temperature to 0 °C or to 85 °C. 
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Exothermic Reactions 

If thermal energy is removed from an exothermic reaction—where energy is a 
product—then the equilibrium will shift to the right (toward the products), and energy 
will be released to counteract the change. If energy is added to an exothermic reaction, 
the equilibrium will shift to the left to compensate for the change, and the energy will 
be used as products are converted to reactants. An example of an exothermic reaction 
is the forward reaction in the reversible reaction in which sulfur trioxide gas, S 03 (g), 
is produced from gaseous oxygen and sulfur dioxide, S02(g). The balanced chemical 
equation for this reaction, including energy, is 
2 S 02 (g) + 02 (g) ^^2 S 03 (g) + energy 
From Le Chatelier’s principle, we can predict that removing energy will shift the equi¬ 
librium to the right. When the reaction vessel is cooled, more energy will be released 
and more sulfur trioxide gas will be produced (Figure 6). 


Reaction Progress 



Figure 6 Cooling this system after it has reached equilibrium results in a new equilibrium being 
established at a lower temperature. 



How could you use information about 
Le Chatelier’s principie as you work on 
the Unit Task on page 582? 


In summary, if energy is added to or removed from a chemical reaction system 
at equilibrium, the equilibrium shifts in the direction that will compensate for the 
change in energy. 


Le Chatelier’s Principle and Changes in Gas Volume 


If you have ever used a manual bicycle pump, you know that changing the volume of 
a sealed container of gas changes the pressure of the gas in the container. Changing 
the volume of a container of gas also changes the concentrations of the gases in the 
container. To understand how pressure relates to concentration in gases, first consider 
what happens to pressure when the volume of a gas changes. We will assume that 
our gas behaves as an ideal gas, which is a hypothetical gas that obeys all gas laws. 
According to Boyles law, the pressure exerted on a container by a certain amount of 
an ideal gas held at a constant temperature varies inversely with the volume of the 
gas. This means that, as the volume of a gas changes, its pressure changes too. In the 
case of a bicycle pump, decreasing the volume of the cylinder to one-third its original 
volume would increase the pressure threefold. 

Boyles law holds true whether the container holds a pure gas or a mixture of gases. 
However, when a container holds a gas mixture, each gas exerts its own partial pressure. 
The partial pressure of a gas is the pressure exerted by any one gas in a mixture, and is 
the same pressure as it would exert alone. The total pressure is simply the sum of all 
the partial pressures. When the volume of a container is changed, each gas in the mix¬ 
ture contributes its new partial pressure to the new total pressure. When the volume 
of a gas mixture decreases, the concentration (number of entities per unit volume) 
increases proportionally to the increase of their partial pressures. 


ideal gas a hypothetical gas composed of 
entities that have no size, travei in straight 
lines, and have no attraction to each other 
(no intermolecuiar forces); a gas that 
obeys ail gas laws 


partial pressure the pressure that a 
gas, in a mixture of gases, would exert 
if it alone occupied the whole volume 
occupied by the mixture 
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Testing Le Chatelier’s Principle 
(page 474) 

In this investigation, you will use 
Le Chatelier’s principle to make 
predictions about how some 
chemical equilibrium systems will 
respond to particular chemical 
and physical changes, and then 
make observations to see if your 
predictions are correct. 


Figure 7 illustrates the changes that take place in a container of gas when the 
volume decreases by half. The container is holding a mixture of gases that react according 
to the equation 

N^Cg) + 3H2(g)^2NH3(g) 

By Boyles law, we know that reducing the volume of the container by one-half 
will double the total pressure of the gases in the container. Since the partial pres¬ 
sure of each gas will double, the number of molecules of each gas per unit volume 
will also double. According to the balanced chemical equation, there are 4 reac¬ 
tant entities—1 N 2 (g) and 3 H 2 (g)—per unit volume for every 2 product enti¬ 
ties—2 NH 3 (g) (Figure 7(a)). The total partial pressure of the reactants is twice 
that of the products, so, when the volume of the container is reduced, the change 
in concentrations of the reactants will be greater than the change in concentra¬ 
tion of the product (Figure 7(b)). Le Chatelier’s principle predicts that the equi¬ 
librium reaction will shift to the right to reduce the total number of entities per 
unit volume in the container from 4 entities—1 N 2 (g) and 3 H 2 (g)—to 2 entities— 
2 NH 3 (g), which reduces the total pressure of the system (Figure 7(c)). 


(a) (b) 

Key 

S N2(g) H2(g) e NH3(g) 

Figure 7 (a) The container holds the equilibrium reaction N2(g) -i- 3 H2(g) 2 NH3(g). 

(b) The volume of the container is decreased by half, which doubles the total pressure of the system. 

(c) The reaction shifts to the right, which decreases the total number of particles in the container 
and the total pressure by producing more ammonia, NH3(g). 




Changing an Equilibrium System without 
Affecting Equilibrium Position 

As chemists and chemical engineers strive for ever higher efficiency and productivity 
in equilibrium systems, they may be limited by how much they can change concen¬ 
tration, pressure, and temperature. However, it is possible to modify the amount of 
reactants and products using methods that do not change the equilibrium position. 
These methods include using a catalyst, adding an inert gas, and changing the state 
of the reactants. We will take a brief look at some examples of these methods and see 
how they work. 


Catalysts 

Earlier in your studies, you learned that a catalyst provides an alternative path for a 
chemical reaction that has a lower activation energy barrier (Figure 8). In a revers¬ 
ible reaction, catalysts increase the reaction rates of the forward and reverse reac¬ 
tions equally, since both reactants and products can form by the lower-energy path. 
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Therefore, a catalyst does not change the equilibrium position, and the final equilib¬ 
rium concentrations of reactants and products are not altered. However, the reaction 
reaches equilibrium much faster, which can be very useful. 


Reaction Progress 



Figure 8 The effect of a catalyst is to lower the activation energy of a reaction, it does not change 
the energy ieveis of the reactants and products, so the overall energy change is not affected. As a 
resuit, the position of the equiiibrium is not affected. 

Inert Gas 

An inert gas is a gas that is not reactive, and so will not enter into a chemical reac¬ 
tion. If an inert gas is added to an equilibrium system involving a gas mixture and 
the volume of the container is kept constant, the total number of entities in the 
volume and therefore the total pressure will increase. However, the partial pressures 
of the reactant and product entities remain the same. Since there are more entities 
there are more collisions, but collisions involving the inert gas will not result in a 
chemical reaction. These collisions can, however, redirect the movement of any entity 
involved. Imagine that the inert gas entities are fixed obstacles placed randomly in the 
container, like bumpers in a pinball game. The number and frequency of collisions 
between reactants and products remain the same. The obstacles redirect reactant and 
product entities when hit, but do not change the frequency with which reactants and/ 
or product entities collide with each other. As long as the collision frequency for both 
forward and reverse reactions is unchanged, equilibrium will not shift (Figure 9). 

State of Reactants 

When a chemical system involves entities in more than one state of matter, equilib¬ 
rium is affected only by changes in concentration of entities that are in the same state 
of matter as the substances involved in the chemical reaction system. For example, 
consider the reaction of solid iodine vapour with hydrogen gas: 

H^Cg) + l2(s)^2Hl(g) 

Solid iodine is placed in the reaction vessel with hydrogen gas. The solid iodine 
sublimes (passes directly to gas from the solid phase) before reacting with hydrogen. 
Once the system has come to equilibrium, the reaction vessel holds a mixture of 
hydrogen gas, iodine gas, hydrogen iodide gas, and solid iodine. Provided there is 
some solid iodine present at equilibrium, the gas phase will be saturated with iodine 
(that is, a second equilibrium will have been established between the solid and gas¬ 
eous forms of iodine). Adding more solid iodine at that point cannot change the 
amount of gaseous iodine and, consequently, changing the amount of solid iodine 
does not affect equilibrium. 




Figure 9 Adding an inert gas, He(g), to 
a container increases the total pressure 
of the system but has no effect on the 
equilibrium concentrations of reactants 
and products since their partial 
pressures did not change. 
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Review 


Summary 

• Le Chatelier s principle states that any system at equilibrium will respond to 
a disturbance by shifting to oppose the disturbance. 

• Equilibrium position can be affected in predictable ways by changes in 
concentration of reactants or products, energy, or pressure. 

• A catalyst may increase the rate at which a chemical reaction system comes 
to equilibrium but does not affect the equilibrium position. 

• A chemical system at equilibrium will not be disturbed by adding an inert 
gas or a substance in a different state of matter from that in which the 
chemical reaction is occurring. 
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Questions 


1. The following balanced chemical equation 
represents a reaction at equilibrium: 

C 2 H 4 (g) + H 2 (g)^^C 2 H 6 (g) + energy 

Predict how the equilibrium might respond to the 
following changes. Explain your answers. QQ EBl 

(a) The volume of the container is decreased. 

(b) The temperature of the container is increased. 

(c) The concentration of C 2 H 6 (g) is decreased by 
removing the product. 

(d) More hydrogen gas is added. 

2. A pair of students conducted an investigation using 
the equilibrium system represented by the balanced 
chemical equation below. So far, their notes include 
the testable question, the experimental design, and 
the evidence. Answer the questions in parts (a) to (c) 
to complete the prediction, analysis, and evaluation 
for this investigation. 

Cu^ (aq) + 4 Cl“ (aq) v CuCl/” (aq) 

blue green 

Testable Question 

What effect does the addition of chloride ions have 
on the equilibrium position of the system? 
Experimental Design 

Test tubes containing 10 mL each of copper(II) 
chloride solution, CuCl 2 (aq), were combined 
with 1.0, 2.0, and 5.0 mol/L hydrochloric acid, 
HCl(aq), in a total volume of 15 mL. All test 
tubes were stoppered, shaken, and allowed to 
reach equilibrium. The colour at equilibrium was 
observed and recorded. 


Evidence 


Table 1 Observations qq dd 


Test tube 
number 

Concentration of 

HCI(aq) added (mol/L) 

Colour at 
equilibrium 

1 

1.0 

biue 

2 

2.0 

biue-green 

3 

5.0 

green 


(a) Write a prediction for this investigation. 

(b) Analyze the evidence to answer the testable 
question. 

(c) Identify the independent variable, the 
dependent variable, and the controls used. 

3. Old-fashioned “smelling salts” consist of solid 
ammonium carbonate, (NH 4 ) 2 C 03 (s). Smelling salts 
could bring a person out of a faint by undergoing 
the following reaction. The released ammonia gas 
has a distinct smell. 

(NH 4 ) 2 C 03 (s)^ 2 NH 3 (g) + C02(g) + H20(g) 
This decomposition reaction is endothermic. Would 
the smell of ammonia increase or decrease as the 
temperature is increased? QZ!] 

4. The only “stress” (change) that changes the value 
of the equilibrium constant, K, is a change in 
temperature. BID 

(a) For an exothermic reaction, in what direction 
will the equilibrium position shift as temperature 
increases? What happens to the value of X? 

(b) Answer Part (a) for an endothermic reaction. 

(c) If the value of K increases with a decrease in 
temperature, is the reaction exothermic or 
endothermic? Explain. 
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Quantitative Changes 
in Equilibrium Systems 



Carbon dioxide gas can dissolve in liquid water, HjOO), to form a solution of car¬ 
bonic acid, HjCOjtaq), in a reversible reaction. This equilibrium system is involved 
in maintaining the pH of your blood. If your blood pH falls outside a narrow range 
of values—lower than 7.35 or higher than 7.45—you can suffer life-threatening symp¬ 
toms. Cellular respiration produces aqueous carbon dioxide and liquid water. When 
these products are transferred from the cells to the blood, they can combine to produce 
aqueous carbonic acid, which lowers blood pH. This chemical reaction system can be 
represented by this equation: 

C02(aq) + H 20 (l)^^H 2 C 03 (aq) 


In critical cases of low blood pH, a doctor may administer a solution of hydrogen 
carbonate ions, HCOj” (aq), intravenously to raise the pH to normal range (Figure 1). 
We can think of carbonic acid as an ionic compound that decomposes readily 
to aqueous hydrogen carbonate ions and hydrogen ions, H''‘(aq). Administering 
aqueous hydrogen carbonate will cause the equilibrium system in the equation above 
to shift away from carbonic acid to the left, toward the reactants. This reduces the 
acid concentration and so raises blood pH. Knowing how much hydrogen carbonate 
produces the desired shift can have life-or-death implications. Fortunately, the equi¬ 
librium law equation allows us to predict equilibrium shifts quantitatively. 

We know that the equilibrium constant does not change with concentration. 
However, adjusting any concentration of an entity in this expression will disturb the 
equilibrium. This will force the equilibrium to shift through changes in the concen¬ 
trations of other entities until the equilibrium constant is re-established at its original 
value, indicating that the system is again at equilibrium. 

What happens at the level of the chemical entities to restore the equilibrium con¬ 
stant in a disturbed equilibrium? To answer this, imagine a reaction involving entities 
composed of two different hypothetical atoms, which we will represent as €1 and ®. 

The chemical reaction between these entities is reversible and the chemical reac¬ 
tion system has an equilibrium constant, K, of 25. We can represent this chemical 
reaction system as 

A + « ^ + A 


Now, assume we place 12 and 12 ® in a closed reaction chamber and allow 
them to react. Figure 2 depicts the entities in the reaction vessel before any chemical 
reactions have occurred. 



chamber in a 1:1 ratio. 

Suppose that we allow the chemical reaction to reach equilibrium. Since we know 
the value of the equilibrium constant is 25, the equilibrium law equation for this reac¬ 
tion can be represented graphically as 


(N^)(N^) 

{N^){N^) 


25 



Figure 1 People with type 1 diabetes 
that is not well controlled are at higher 
risk for low blood pH. 
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In this equation, N represents the number of each entity. Since the equilibrium 
constant is not reported with units, the ratio of numbers (of entities) to numbers 
will yield the same value as the ratio of concentrations to concentrations. Therefore, 
we can use actual numbers of entities in the equilibrium law equation. We want to 
determine how many and ® entities will be present when this chemical system 
reaches equilibrium. How can we do this? 

One strategy we can try is trial and error. Suppose we start by guessing that 
5 will have reacted when the system reaches equilibrium. Since we know from the 
balanced equation that equal numbers of and 9 react, then 5 9 must also have 
reacted and produced 5 ii| and 5 ^ (see Table 1). 


Table 1 Number of Entities at Initial and New Conditions for a Reaction where K\s 25; Numbers 
Determined by Trial and Error 







Initial number of entities 

12 

12 

0 

0 

Guessed change in number of entities 

12-5 = 7 

12-5 = 7 

0-h5 = 5 

0-h5 = 5 

Equilibrium number of entities 

? 

? 

? 

? 


We can check if the distribution in Table 1 forms a valid equilibrium for this 
chemical reaction system by substituting the numbers in the table into the equilib¬ 
rium expression to see if we get a value of 25 (the given equilibrium constant value). 


{N^)(N^) 

_ (5)(5) 

(7) (7) 

K = 0.51 

Since the calculated value using the numbers from Table 1 is not 25, we know that 
our guess was incorrect. The value that we calculated is less than 25, so we also know 
that the correct distribution must have a larger numerator (products) relative to the 
denominator (reactants). 

Clearly, we underestimated by guessing that only 5 of the original reactants would 
need to react to reach equilibrium. How can we find the correct number? We might 
instead use a variable, such as x, to represent the number of entities that react and 
then analyze the distribution using an ICE table, as shown in Table 2. 


Table 2 Initial, Change, Equilibrium Table for Hypothetical Equilibrium System 



+ 

+ 

A 

Initial number of entities 

12 

12 

0 

0 

Change in number of entities 

-X 

-X +x 

+x 

Equilibrium number of entities 

12-x 

12-x 

-l-x 

+x 


Rewriting the equilibrium expression for this algebraic representation gives 


(N^)(N^) 

(x)(x) 

(12 - x)(l2 - x) 

Since we know that the equilibrium constant, K, is equal to 25, we can solve this 
equation for x. 
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ix){x) 

(12 - x)(l2 - x) 
(12 - xY 

V? 

V(12 - xY 


= 25 


= 25 

= V25 



x= (±5)(12 -x) 

The square root of a number may be positive or negative. If = + 5, then 

X = (5) (12 - x) 
x = 60 - 5x 
6x = 60 

X = 10 


If = -5, then 

X = ( - 5)(12 - x) 
X = -60 + 5x 
4x = 60 
X = 15 


We started with 12 entities of each reactant, so a value of 15 for x would give us 
a negative number of atoms, which is not possible. Therefore, the solution is that x 
is equal to 10. To check this, we substitute 10 for x in our algebraic equation for the 
equilibrium constant: 

_(x)M__ 

(12 - x)(l2 - x) 

^ ( 10 ) ( 10 ) 

(12 - 10) (12 - 10) 

K= 25 


Figure 3 depicts this distribution of entities at equilibrium. 



Figure 3 At equilibrium, the system contains 10 ii, 10 A, 2 A, and 2 9. 


The Reaction Quotient (Q) 

The reaction quotient (0) is the ratio of the product of the concentrations of the prod¬ 
ucts to the product of the concentrations of the reactants. Like the equilibrium 
constant, this ratio can be used to analyze an equilibrium system. However, the 


reaction quotient (0) the product of the 
concentrations of the products, divided by 
the product of the concentrations of the 
reactants, for a chemical reaction that is 
not necessarily at equilibrium 
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instantaneous concentrations 

concentrations that occur together at a 
particular instant in time in the progress 
of a chemical reaction 


reaction quotient can be calculated for a chemical reaction that is not at equilib¬ 
rium. To obtain the reaction quotient, the equilibrium law equation is applied using 
instantaneous concentrations. Instantaneous concentrations are a set of concentra¬ 
tions that correspond to a particular instant in time. The specific instant in time 
does not matter, as long as the concentrations of all reactants and products are 
measured at the same instant. If the concentrations of reactants and products are 
measured when a system is at equilibrium, then the reaction quotient, Q, will have 
the same value as the equilibrium constant, K. # career link 

It is often convenient to measure concentrations at the beginning of a reaction, 
when all product concentrations are zero. For example, consider the synthesis of 
ammonia gas, NH3(g), from gaseous nitrogen, N2(g), and hydrogen, H2(g). You may 
recall that Fritz Haber’s explorations of this reaction system won him the Nobel Prize 
in Chemistry (Section 7.3). The balanced chemical equation for this reaction is 

N2(g) + 3H2(g)^2NH3(g) 

The reaction quotient equation for this reaction system at any time is 
[NH3(g)]^ 

^ [N2(g)][H2(g)]^ 

When the concentration of any reactant or product is zero, the chemical equilibrium 
system will shift in the direction that produces the missing substance. What happens 
at a point when none of the concentrations are zero? To predict the direction in which 
the chemical equilibrium system will shift, we can compare the values of the reaction 
quotient, Q, to the equilibrium constant, K. The relative sizes of Q and K can give 
three possible predictions: 

1. Q is less than K. The ratio of the concentrations of products to the 
concentrations of reactants is smaller than when the chemical system is 
at equilibrium. To move Q toward K, the concentrations of products must 
increase while the concentration of the reactants decreases. The chemical 
equilibrium system shifts to the right, consuming reactants and forming 
products until equilibrium is reached and Q equals K. 

2. Q is equal to K. The chemical system is at equilibrium, so no shift will occur. 

3. Q is greater than K. The ratio of the concentrations of products to the concen¬ 
trations of reactants is larger than when the chemical system is at equilibrium. 
To move Q toward K, the concentrations of products must decrease and that of 
reactants must increase. The chemical equilibrium system shifts to the left and 
converts products into reactants until it achieves equilibrium and Q equals K. 

These predictions are summarized graphically in Figure 4. # web link 


System has too 
much product. 


System has too System is at 

much reactant. equilibrium. 




Q K 


Shift reaction 



to the right. 






Shift reaction 
to the left. 


Q<K Q=K 


Q>K 


Figure 4 The relationship between reaction quotient, Q, and the equilibrium constant, K. 
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Tutorial 1 Using the Reaction Quotient 


It is useful to think of the reaction quotient as just that—a quotient (i.e., the result of a 
mathematical division) of the products over the reactants. If the reaction quotient is iarger than 
K, then the concentrations of the products are high and the concentrations of the reactants are 
iow compared to their equilibrium values. If the quotient is iess than K, then products are low and 
reactants are high. Once we know which of these cases applies, it is clear in which direction a 
reaction will proceed to reach equilibrium. 

Sample Problem 1: Using Oto Determine if a Chemical Reaction System Is at Equilibrium 


For the synthesis of ammonia gas at 500 °C in a closed vessel 
from gaseous nitrogen and hydrogen, the equiiibrium constant, 

K, is 6.01 X 10“^ The balanced chemical equation for this 
reaction is 

N2(g) + 3H2(g)^2NH3(g) 

For each of the following initial conditions, determine if the 
given concentrations represent an equiiibrium. If not, predict the 
direction in which the reaction wiil proceed to reach equiiibrium. 

(a) [NH3(g)]i„itiai = 1.00 x lO'^ mol/L; 

[NjCg) Initial = 1.00 X 10-= mol/L; 

[H2(g)]initiai = 2.00 X 10-= mol/L 

(b) [NH3(g)]i„i,iai = 2.00 X 10-' mol/L; 

[N2(g)]ini.iai = 1.50X10-= mol/L; 

[H2(g) Initial = 3.54 X 10-' mol/L 

(c) mMlnm = 1.00 X 10-' mol/L; 

[N2(g)]initiai = 5.00 mol/L; 

[1^2(0) linitiai ~ 1.00 X 10 = mol/L 

(a) Given: [NH3(g)]|ni,iai = 1.00 x 10-= mol/L; 

[N2(g)]initiai = 1.00 X 10-= mol/L; 

[H2(g)]initiai = 2.00 X 10-= mol/L; /(■= 6.01 x 10-= 

Required: Q 
Soiution: 

Step 1. Write the equilibrium constant equation for the reaction 
system and calculate 0 from the given concentrations: 

„ [NH3(g)r 

[N2(g)][H3(g)]= 

(1.00 X 10-=)= 

“ (1.00 X 10-=) (2.00 X 10-=)= 

0= 1.25 X 10= 

Since K = 6.01 x 10-=, 0 is greater than K, and the 
system is not at equilibrium. 

Step 2. Since 0 is greater than K, the system has more of the 
product now than it would have at equilibrium. To reach 
equilibrium, the equilibrium system must shift to the left 
(toward the reactants). 


Statement: At the given initial conditions, this chemical reaction 
system must shift to the left, toward reactants, to reach 
equilibrium. 

(b) Given: [NH3(g)]i„i,i,| = 2.00 x 10-' mol/L; 

[N2(g) Initial = 1.50 X 10-= mol/L; 

[H2(g)]initiai = 3.54 X 10-' mol/L; K= 6.01 X 10-= 

Required: Q 

Soiution: Calculate 0, and compare Its value to the value of K. 
(2.00 X 10-')= 

“ (1.50 X 10-=) (3.54 X 10-')= 

0= 6.01 X 10-= 

Since K = 6.01 x 10-=, Q is equal to K and the system Is at 
equilibrium. 

Statement: Since the chemical reaction system is at equilibrium 
at the given initial conditions, it will not shift. 

(c) Given: [NH3(g)]initei = 1.00 x 10-' mol/L; 

[N2(g)]initiai = 5.00 mol/L; 

[H2(g)]initiai = 1.00 X 10-= mol/L; K= 6.01 X 10-= 

Required: Q 
Soiution: 

Step 1 . Calculate Q, and compare its value to the value of K. 

(1.00X10-')= 

(5.00) (1.00 X 10-=)= 

0= 2.00 X 10-= 

Step 2. Q is less than K, so the system Is not at equilibrium. To 
reach equilibrium, the equilibrium system must shift to 
the right, toward the product. 

Statement: At the given initial conditions, this chemical 
equilibrium system will shift to the right (toward the product) to 
achieve equilibrium. 
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Practice 


1. The equilibrium constant, K, is 0.020 when the chemical reaction system given by the 
foiiowing balanced chemical equation is carried out in a closed container at 445 °C: 
2HI(g)^H2(g) + 12 (g) 

Determine the value of Oto establish whether this chemical reaction system is at 
equilibrium when reactants and products have the following concentrations. If the system 
Is not at equilibrium, predict the direction in which the reaction will proceed to reach 
equilibrium, ebi 

(a) [Hl(g)] = 0.14 mol/L, [H^m = 0.040 mol/L, and [Ijig)] = 0.010 mol/L. [ans: 0 = 0 . 020 ] 

(b) [Hl(g)] = 0.20 mol/L, [H^m = 0.15 mol/L, and [ 12 (g)] = 0.090 mol/L. [ans: 0 = 0.34; left] 

2. In a closed container, dinitrogen tetroxide gas, N 204 (g), decomposes to nitrogen dioxide gas, 
N02(g). The equilibrium constant, K, for this reaction is 0.87 at 55 °C. A chemist fills a vessel 
with dinitrogen tetroxide gas at 55 °C. He then analyzes the contents twice as the reaction is 
proceeding, and finds that it contains the following concentrations: 

Time 1: [N 204 (g)] = 0.80 mol/L, [N02(g)] = 1.55 mol/L 
Time 2: [N 204 (g)] = 1.66 mol/L, [N02(g)] = 1.2 mol/L 

For each time, determine whether the system was in equilibrium. If it was not, predict the 
direction in which the reaction would proceed to achieve equilibrium, [ans: Time 1: no, left; 

Time 2: yes] EZl 

3. When heated, solid silver oxide, Ag20(s), will decompose into silver metal, Ag(s), and 
oxygen gas, 02 (g). In a sealed vessel, the chemical system will form an equilibrium with 
an equilibrium constant, K, of 2.5 x 10“l 

2Ag20(s)=^^4Ag(s) + 02 (g) 

(a) Write the equilibrium constant equation, qq 

(b) When the instantaneous concentration of oxygen gas is 5.0 x 10“^ mol/L, is the 
chemical system at equilibrium? If not, in what direction will it shift to reach equilibrium? 
[ans: no; left] iSl 


Calculating Equilibrium Concentrations 

We can calculate the value of the equilibrium constant if we are given the initial con¬ 
centrations of all reactants and products and at least one equilibrium concentration. 
We can also calculate the equilibrium concentrations from the equilibrium constant 
and the initial concentrations. 


Tutorial 2 Calculating Equilibrium Concentrations 


One strategy to find equilibrium concentrations of reactants and products is to work with the 
initial concentrations. You can then modify these initial concentrations appropriately to find the 
equilibrium concentrations. 


Sample Problem 1: Determining Equilibrium Concentrations and /ffrom All Initial Concentrations 
and One Equilibrium Concentration 


Phosphorus pentachloride gas, PCl 5 (g), decomposes to form 
phosphorus trichloride gas, PC^g), and chlorine gas, C^g): 
PCl5(g)^PCl3(g) +Cl2(g) 

A 2.00 L sealed flask at 30 °C initially contains 0.298 mol of 
phosphorus trichloride gas, 8.70 x 10“^ mol of phosphorus 
pentachloride gas, and no chlorine gas. At equilibrium, the 
flask contains 2.00 x 10~^ mol of chlorine gas. Calculate the 
equilibrium concentrations of all entities and the value of K. 


Given: Volume, V = 2.00 L; 

initial pcisfg) ~ 8.70 X 10 ^ mol; 

initial pciaCg) = 0.298 mol; /7|ni,iai c^g) = 0 molj 

"equilibrium Cl,(g) = 2.00 X 10-'mOl 
Required: [PCl5(g)]eggiiibrium; [PCl3(g)]equilibrium; K 

Anaiysis: c = ^ 
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Solution: 

Step 1. Calculate concentrations, c, in mol/L from the given 
amounts of ail entitles. 

_ 8.70 X 10“^ mol 

[PCl5(g)]Mai = 4.35 X 10-3 mol/L 
Using the same formula, 

[PCl3(g)]i„iflai = 0.149 mol/L 

Since there is no chlorine gas initially, [Clj (g)]initiai is 

0 mol/L. The equilibrium concentration of CIjig) is 

^equilibrium 

[Cl2(9)]equilibriumi ^ ~ y 

_ 2.00 X 10~3mol 
2.00 L 

[Cl2(9)]equilibrium = 1.00 X 10 ^ mOl/L 

Step 2. Use an ICE table to determine the required equilibrium 
concentrations. 

According to the balanced chemical equation for the 
chemical reaction system, the mole ratio Is 1:1:1. The 
initial concentration of Cljig) was 0 mol/L, and 
1.00 X 10-3 mol/L of Cl2(g) is present at equilibrium, 
so there is a decrease in the concentration of PCIjlg) 
and an increase PCIjig) of 1.00 x 10-3 mol/L. 


Since all the coefficients in the balanced equation are 1, 
the magnitude of the change is the same for all entities. 
Organize this information in an ICE table, similar to 

Table 3. 


Table 3 ICE Table for Calculating Equilibrium Concentrations 



PCisfg) ^ 

PCl3(g) 

+ cyg) 

1 

4.35 X 10-3 

0.149 

0 

c 

-(1.00 X 10-3) 

+ (1.00 > 

< 10-3) +(1.00 X 10-3) 

E 

3.35 X 10-3 

0.150 

1.00 X 10-3 


Step 3. Calculate the equilibrium constant, K, by substituting 
the equilibrium concentrations into the equilibrium 
constant equation. 

[Cl2(9)][PCl3(9)] 

[PCi5(g)] 

^ (1.00 X 10-3) (0.150) 

(3.35 X 10-3) 

K= 4.48 X 10-3 

Statement: The equilibrium concentration of the reactant, 
phosphorus pentachloride gas, PCl5(g), is 3.35 x 10-3 mol/L. 
The equilibrium concentrations of the products are 0.150 mol/L 
for phosphorus trichloride gas, PCl3(g), and 1.00 x 10-3 mol/L for 
chlorine gas, Cl2(g). The equilibrium constant for the equilibrium 
system is 4.48 x 10-^. 


Sample Problem 2: Determining Equilibrium Concentrations from K and initiai Concentrations Oniy 


Carbon monoxide gas, C0(g), reacts with steam, H20(g), 
to produce carbon dioxide, C02(g), and hydrogen, H2(g). At 
700 K, the equilibrium constant is 5.10. Calculate all equilibrium 
concentrations if 1.250 mol of each entity is initially placed in 
a 500.0 mL sealed flask. 


Given: V = 500.0 mL; /7ini,iai co(g) = 1 -250 mol; 

^initial HjOCg) = 1-250 mol; rtjnjtai HjCg)^ 1.250 mol; 

'’initial CO,(g) = 1.250 mol;/C= 5.10 

Required. [CO(g)]equj|jt)riumi [fl2d(9)]equilibriumi [^2(9) lequilibriumi 

[002(9) lequilibrium 

Solution: 


Step 1. Convert the given amounts to concentrations in mol/L 
by dividing by the volume. 


[CO(g)]|n]tia| - 


1.250 mol 
0.5000 L 


[CO(g)]initiai = 2.500 mol/L 


Since /rinity is the same for all products and reactants, 
and [CO(g)]initiai = 2.500 mol/L, you know that 
[H20(g)]initiai = 2.500 mol/L, 


[C02(g)]initiai = 2.500 mol/L, and 
[H2(g)]initiai = 2.500 mol/L. 

Step 2. Write the balanced equation for the equilibrium reaction 
system. 

C0(g) + H20(g) ^C02(g) + H2(g) 

Step 3. Calculate the reaction quotient, 0, for the initial 

concentrations and compare its value with the given 
value of K. 

_ [C02(9)][H2(g)] 

[C0(g)][H20(g)] 

^ (2.500) (2.500) 

“ (2.500) (2.500) 

0 = 1.000 

Since this 0 is less than the given value of 5.10 for K, 
the system is not at equilibrium. For Oto be equal to K 
(5.10), the chemical reaction system must shift to the 
right (toward products). 
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step 4. Use an ICE table to determine the required changes 
to the equilibrium concentrations. Use a variable for 
unknowns. Your table should look similar to Table 4. 


Table 4 ICE Table for Calculating Equilibrium Concentrations 



CO(g) + 

HzOfg) ^ 

C02(g) ± 

H2(g) 

1 

2.500 

2.500 

2.500 

2.500 

c 

-X 

-X 

+x 

+x 

E 

2.500-X 

2.500 - X 

2.500 + X 

2.500 + X 


Step 5. Calculate the value of x by substituting the given value 
of K and the concentrations from the ICE table into 
the equilibrium constant equation. Note that all 
concentrations have units of mol/L, but we have 
omitted the units to simplify the calculation. 
[C02(g)][H2(g)] _ 

[C0(g)][H20(g)] " 

(2.500 + x) (2.500 + x) ^ 

(2.500 - x) (2.500 - x)~ 

V(2.500 + xY _ 

V(2.500 - xY 

2.500 + / _ 

2.500 - / “ 

2.500 + X = 

Solve for xfor the positive root. 

X = 2.258(2.500 - x) - 2.500 
X = 5.645 - 2.258X - 2.500 
3.258x= 3.145 
X = 0.965 


5.10 

5.10 

±2.258 

(±2.258) (2.500 - x) 
±2.258(2.500 - x) - 2.500 


Solve for xfor the negative root. 

X = -2.258(2.500 - x) - 2.500 
X = -5.645 ± 2.258X - 2.500 
8.145 = 1.258X 
X = 6.475 

Substituting this value of x into the expressions for 
equilibrium concentrations in the ICE table results in 
negative concentration values, which are not possible 
in the real world. Therefore, use x = 0.965 mol/L in the 
equilibrium concentration calculations. 

Step 6. Calculate the equilibrium concentrations. 

Reactants: 

[CO(g)]equiiibrium ^^d [H20(g) ]equ|||t,rium = 2.500 - X 

= 2.500 - 0.965 

[CO(g)]equiiibrium and [H20(g)]qqqiiibrta = 1-535 mol/L 
Products: 

[C02(g)]equilibrium and [H2(g) Jequilibrium “ 2.500 + X 

= 2.500 ± 0.965 

[C02(g)]equilibriumand[H2(g)]equilibrium = 3.465 mOl/L 
Check these values by substituting them into the 
equilibrium law equation. 

[C02(g)][H2(g)] 

[C0(g)][H20(g)] 

^ (3.465)^ 

(1.535)2 
K = 5.096 

This result is the same as the given value of K (5.10), 
within rounding error. 

Statement: The equilibrium concentration for both carbon monoxide 
gas and steam is 3.47 mol/L. The equilibrium concentration for both 
carbon dioxide gas and hydrogen gas is 1.54 mol/L. 


Practice 

1. In a 250 mL sealed container at 150 °C, 0.50 mol of both iodine gas, 12(g), and bromine gas, 

Br2(g), are mixed and allowed to react until they form an equilibrium with iodine monobromide 
gas, IBr(g). The equilibrium constant for this reaction is 1.2 x 10^. What are the equilibrium 
concentrations for iodine gas and bromine gas? Di [ans: [y = 0.3 moi/i; [Brj = 0.3 moi/L] 

2. In a 2.00 L reaction vessel at 440 °C, hydrogen gas and iodine vapour form gaseous 
hydrogen iodide. The equilibrium constant, K, is 49.7. Determine the equilibrium concentrations 
for all entities if 4.00 mol of hydrogen gas and 1.99 mol of iodine vapour are combined 

and the equilibrium concentration of hydrogen gas is 1.07 mol/L. ca [ans: [Hjfg)] = 1.07 moi/L; 

[LCs)] = 0.06 mol/L; and [Hl(g)] = 1.86 mol/L.] 

3. At a temperature of 500 K, carbon dioxide gas, C02(g), and solid carbon, C(s), will react to 
form an equilibrium. 

C02(g) ± C(s)^2C0(g) 

When 0.250 mol of carbon dioxide gas was placed in a 0.500 L flask with carbon powder and 
reacted until equilibrium was reached, the concentration of carbon monoxide gas at equilibrium 
was 0.0157 mol/L. Determine the value of the equilibrium constant, K, and the concentration of 
carbon dioxide gas at equilibrium, [ans: k= 5.01 x 10■^ [cOafgfLquiiibrium = 0.492 moi/L] 
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Solving More Complex Equilibrium Problems 

So far, we have worked only with problems in which the initial concentrations and 
stoichiometry gave us polynomials that were easily reduced to simple linear equa¬ 
tions. Concentrations, temperatures, and equilibrium constants were carefully chosen 
so that you could follow the logic of the solutions more easily. However, in the real 
world, problem-solving for chemical equilibria will rarely involve linear equations. 
Instead, equilibrium problems often require working with higher-order polynomials. 
In Tutorial 3, you will see how and when to use the same strategy we have used thus far 
to solve these more complex problems. 


Tutorial 3 Solving More Complex Equilibrium Problems 


The general strategy to solve more complex equilibrium problems is the same as for the simpler 
problems. You will either be given or be expected to know the following: the balanced equation 
for the reaction, the equilibrium law equation for the reaction, the equilibrium constant for the 
equilibrium system, and the initial concentrations of the entities in the reaction. 

Sample Problem 1: Using Assumptions about the Magnitude of x 


Carbon monoxide gas, C0(g), is a primary starting material in 
the synthesis of many organic compounds, including methanol, 
CH 30 H(l).At 2000 °C,/<'is6.40 X 10“^for the decomposition 
of carbon dioxide gas, C 02 (g), into carbon monoxide and oxygen, 
02 (g). Calculate the concentrations of all entities at equilibrium if 
0.250 mol of C02(g) is placed in a 1.000 L closed container and 
heated to 2000 °C. 

Given: l/= 1.000 L; /7co^(g) = 0.250 mol; /f = 6.40 x 10"^ 
Required: [C02(g)][equilibrium; [02(g) lequilibriuml [C0(g) ]equilibrium 

Soiution: 

Step 1. Determine initial concentrations of substances in mol/L, 
using any given amounts and volumes. 

Since the reaction has not yet started, the initial 
concentration of C02(g) and Ojlg) is 0 mol/L. Since V 
is 1.000 L, 

[C02(g)]initial! ^ ~ "p 
[C02(g)]ini,iai = 0.250 mol/L 
step 2. Calculate Q and compare it to K. 

Since there are initially no products, you also know that 
0 is 0. 0 is therefore less than /fand the equilibrium 
system will shift to the right, toward the products. 

Step 3. Use an ICE table to determine the equilibrium 
concentrations. 

Write the balanced chemical equation for the reaction 
2C02(g)^2C0(g) + 02(g) 

Use a variable for unknowns, using coefficients 
according to the stoichiometry of the balanced equation. 
Your table should look similar to Table 5. 


Table 5 ICE Table for Calculating Equilibrium Concentrations 



2 C 02 (g) ^ 

2C0(g) 

+ 02 (g) 

1 

0.250 

0.00 

0.00 

c 

-2x 

+2x 

+x 

E 

0.250 - 2x 

2x 



Step 4. Substitute the equilibrium concentrations into the 
equilibrium constant equation, and solve for the 
unknown. 

[C0(g)?[02(g)] 

[C02(g)? 

(2x)^(x) 

(0.250 - 2xf 
4x^ 

(0.250 - 2xf 
There is not an easy way to solve a cubic equation. 
However, you can simplify it by making some 
reasonable assumptions. Notice that the equilibrium 
constant value is very small compared to the initial 
concentration of carbon dioxide gas. Therefore, 
very little carbon dioxide gas will decompose at this 
temperature. From this, you can assume that the value 
of X will also be so small as to be negligible. 

If / is negligible, then 2x will be a very small number. 
Therefore, 

[C02(g)]equilibrium = [C02(g) Imitial “ 2X 

= 0.250 mol/L - (very small number) 
[C02(g)]equilibrium ~ 0.250 mOl/L 


= 6.40 X 10“^ 
= 6.40 X 10“^ 
= 6.40 X 10“^ 
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At equilibrium, then, the cubic equation for /Ccan be 
simplified and solved. 


4/^ 

(0.250 - 2xY 
(0.250)2 


6.40X10“^ 

6.40X10“^ 


4/2 = (6.40 X 10-^(0.250)2 
3 4.00 X IQ-^ 

^ 4 

X- Vl.OO X 10“® 
x= 2.15 X 10-2 

Now, use this value to test the validity of your earlier assumption. 


[ 002 ( 9 ) lequilibrium - [C 02 (g) ]initial 2 X 

= 0.250 mol/L - 2(2.15 mol/L x 10-^) 
= 0.250 mol/L - 0.00430 mol/L 
[002(9) lequilibrium = 0.246 mol/L 
The difference between 0.250 mol/L and 0.246 mol/L is 0.004, 
or 1.6 %. This very small discrepancy will have little effect on 
calculations of equilibrium concentrations. In general, a difference 
of less than 5 % justifies the simplifying assumption. It can be 
shown that, if the concentration to which x is added or subtracted 
is at least 100 times the value of K, the simplifying assumption 
will give an error of less than 5 %. We will call this the “hundred 
rule.” The hundred rule can determine if a simplifying assumption 
is warranted in a complex calculation and so should be used 
before the calculation is made. 


[062(9) liniiiai 
K 

[062(9) liniiial 

K 


0.250 

6.40 X 10-^ 
3.91 X 10= 


The ratio of 3.91 x 10^ is much greater than 100, which shows 
that the assumption 0.250 - 2x= 0.250 was warranted. 

Now that you have a good approximation of x, you can use 
it to solve for the equilibrium concentrations by substituting it in 
the expressions in the ICE table. This will give you the following 
concentrations: 

[C 62 (g)]equilibrium ~ 0.246 mOl/L 
[C 6 (g)]equi,ibrium = 4.30 X 10-2 mOl/L 
[ 62 (g)]equilibrium = 2.15 X 10-2 mOl/L 

Step 5. Check your work by determining /(from the 
equilibrium concentrations you calculated, and 
comparing the value to the standard value of K. If 
they are within 5 %, you can be confident that your 
calculations are correct. 

,, [C 0 (g)?[ 02 (g)] 

[CC2(g)]2 

( 4.30 X 10 - 2 ) 2 ( 2.15 X 10 - 2 ) 

“ ( 0 . 246)2 

K= 6.57 X 10 -^ 

The calculated value of /<'(6.57 x 10-^) is within 3 % 
of the given value (6.40 x 10-^). 

Statement: The equilibrium concentrations for gaseous 
carbon dioxide, carbon monoxide, and oxygen are 
0.246 mol/L, 4.30 x IO-2 mol/L, and 2.15 x IO-2 mol/L, 
respectively. 


Sample Problem 2: Rejecting an Assumption about the Magnitude of x 


If 0.500 mol of dinitrogen tetroxide gas, N204(g), is placed in a 
1.00 L closed container at 150 °C, what will be the concentrations 
of dinitrogen tetroxide gas and nitrogen dioxide gas, N02(g), at 
equilibrium? The equilibrium constant, K, is 4.50 under these 
conditions. 

Given: 1/ = 1.00 L; = 0-500 mol; K = 4.50 
Required: all equilibrium concentrations in mol/L 

Solution: 

Step 1. Since initially there are no products, Q is 0, which is 
smaller than K. The equilibrium system will shift to the 
right, in the direction of products. 

Step 2. Using the balanced chemical equation, construct an ICE 
table similar to Table 6. 


Table 6 ICE Table for Calculating 
Equilibrium Concentrations 



N204(g) ^ 2N02(g) 

1 

0.500 0.00 

c 

-X +2x 

E 

0.500 - X 2x 


Step 3. Substitute the expressions from the ICE table into the 
equilibrium constant equation. The equilibrium law for 
this reaction is 

[N62(g)]2 


[N264(g)] 


= 4.50 


(2x)2 

(0.500 - x) 


= 4.50 
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This equation cannot be soived by taking the square 
root of both sides. Apply the hundred rule to see if x can 
be assumed to be negligible. 

[N204(g)]initiai _ 0-500 
K 4.50 

[N204(g)]initial _ Q .|.|.| 

Since 0.111 is much less than 100, the assumption that 
0.500 + X ~ 0.500 is not warranted. Therefore, you 
must solve the equation. 

Step 4. Solve the equation. 

(2x)2 = (0.500 - x)4.50 
4x^ = 2.250 - 4.50X 
4/2 + 4.50/ - 2.250 = 0 
You can see that this is a quadratic equation of the 
general form 
ax^ + bx+ c = 0 

You can get the root of a quadratic equation by using 
the quadratic formula. 


^ -b±Vl^- Aac 
^ 2a 

-4.50 ± V(4.50)2 - 4(4)(-2.250) 

2(4) 

_ -4.50 ± 7.50 
8 

x= -1.50 
or 

X = 0.375 

The negative root would result in a negative concentration 
for N02(g), so X = 0.375 is the only acceptable solution 
to the quadratic equation. Use this value to calculate the 
equilibrium concentrations for N02(g) and N204(g) from 
the expressions in your ICE table. 

[N 204 (g)]equilibrium = 0.125 mOl/L 
[N02(g)]equilibrium = 0.750 mOl/L 

step 5. Check your results by calculating Kto see if it equals 
the given value of 4.50. 

The calculated value of 4.50 for K \s equal to the given 
value of 4.50. 

Statement: The solution is at equilibrium when the concentration 
of dinitrogen tetroxide is 0.125 mol/L and the concentration of 
nitrogen dioxide is 0.750 mol/L. 


Sample Problem 3: Rejecting an Assumption about the Magnitude of x 


Suppose that hydrogen fluoride gas, HF(g), is synthesized by 
combining 3.000 mol of hydrogen gas, H2(g), and 6.000 mol of 
fluorine gas, F2(g), in a 3.000 L sealed flask. Assume that 
the equilibrium constant for the synthesis reaction at this 
temperature is 1.15 x 10^ What are the concentrations for 
each gas at equilibrium? 

Given: V = 3.000 L; = 3.000 mol; /7F^(g) = 6.000 mol; 
K= 1.15 X 10^ 

Required: [H 2 (g)]equilibriumi [F 2 (g)]eqmlibriumi 3^1^ [tlF(g) jeqjiiitjnum 

Soiution: 

Step 1. Convert the given amounts to concentrations in mol/L. 
[H2(g)]initiai = 1-000 mol/L 
[F2(g)]initiai = 2.000 mol/L 
[HF(g) Initial = 0 mol/L 
Step 2. Calculate Q and compare it to K. 

At the start of the reaction 0 is 0, which is less than K. 
The chemical reaction system must shift to the right, 
toward the products. 

Step 3. Use an ICE table to determine the required equilibrium 
concentrations, similar to Table 7. 


Table 7 ICE Table for Calculating Equilibrium 
Concentrations 



H2(g) + 

F2(g) ^ 

2 HF(g) 

1 

1.000 

2.000 

0 

c 

-X 

-X 

+2x 

E 

1.000 -X 

2.000 - X 

2x 


Step 4. Write the equilibrium constant equation. 
[HF(g)p 


[H2(g)][F2(g)] 

(2x)^ 

(1.000 - x) (2.000 - x) 


1.15 X 10^ 

= 1.15 X 10^ 


Step 5. Apply the hundred rule to see if x can be assumed to be 
negligible. 

[F2(g)]initlal _ 2.00 

K “1.15X10^ 



Since 0.017 is much less than 100, the simplification 
assumption that 2.00 - x ~ 2.00 is not warranted. 
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Therefore, you must solve the equation. Rearrange 
the equation into the form of a quadratic equation, 
ax^ + bx + c = 0 . 

__ -115X10^ 

(1.000 -x) (2.000 -x) 

(2x)2 = (1.15 X 10^) (1.000 - x) (2.000 - x) 

4x2 = (1 15 X 102)(2.000 - 2.000X - I.OOOx + x^ 
4x2 ^ 2.30 X 102 - (4.45 X 102)x+ (1.15 X 102)x2 
(1.11 X 102)x2 - (4.45 X 102)x + 2.30 X I 02 = 0 
Solve the quadratic equation. 

_ 4.45 X 10^ ±V(-4.45 X 10^)^ - 4(1.11 X 10^(2.30 x 10^) 

2(1.11x10^ 

X = 2.14 mol/L or X = 0.968 mol/L 


Since the value of 2.14 for x would give a negative 
value for the equilibrium concentration of hydrogen 
gas([H2(g)] = 1.000 mol/L - x), this value is not 
valid. The correct value for x therefore Is 0.968 mol/L. 
Substituting this value in the expressions in the ICE 
table gives the following concentrations: 

[H2(g)]equilibrium = 3.20 X 10-2 mOl/L 
[F2(g)]equilibrium = 1-03 mOl/L 
[HF(g)]equiiibrium = 1-94 mol/L 

step 6. Check these concentrations by substituting them into 
the equilibrium expression. 

The calculated value of 1.14 x 102 is in close 
agreement with the given value for /C (1.15 x 102). 
Statement: The equilibrium concentrations for this chemical 
reaction system are 3.20 x IO-2 mol/L for hydrogen, 1.03 mol/L 
for fluorine, and 1.94 mol/L for hydrogen fluoride. 


Practice 

1. Cyclopropane gas will spontaneously undergo isomerization to form propene gas. If 2.50 mol 
of cyclopropane is placed In a sealed 0.500 L container, it will come to equilibrium with its 
isomer, propene. The value of the equilibrium constant, K, for this chemical system is 5.6. 
Determine the concentration of each of gas at equilibrium, m 

[ans: [cyclopropane] = 0.76 mol/L, [propene] = 4.24 mol/L] 

2. If 0.200 mol of hydrogen gas, H2(g), and 0.200 mol of iodine gas, yg), are placed in a 

1.00 L sealed flask, an equilibrium system will be established with hydrogen iodide gas, Hl(g). 
Determine the concentration of all gases at SATR given that the equilibrium constant, K, is 49.5. DU 

[ans: [Hl(g)] = 0.311 mol/L, [H^lg)] = 0.044 mol/L, [l2(g)]=0.044 mol/L] 

3. In a sealed vessel, a chemist allowed the decomposition of hydrogen chloride gas, HCI(g), 
to hydrogen gas, H2(g), and chlorine gas, Cl2(g), until equilibrium was reached. The balanced 
equation for this chemical reaction system is 

2HCI(g)^H2(g) +Cl2(g) 

If the chemist started the reaction with 0.500 mol of hydrogen chloride gas at 25 °C in a 
sealed 250.0 mL vessel, what was the concentration of all the gases at equilibrium, given 
that the equilibrium constant has a value of 3.2 x 10-^"* at this temperature? lai 
[ans; [HCI{g)] = 2.00 mol/L; [H^ig]] = 3.6 x 10“'' mol/L; [CMg)] = 3.6 X 10“'' mol/L] 
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Summary 

• The magnitude of the equilibrium constant for a reaction, K, is directly 
proportional to the extent of that reaction. 

• The reaction quotient, Q, is the product of the concentrations of the products, 
divided by the product of the concentrations of the reactants, for a chemical 
reaction that is not necessarily at equilibrium. 

• Comparing the values of Q and K indicates whether a chemical reaction 
system is at equilibrium and, if not, the direction it will shift. 

Questions 


1. A chemist places a mixture of 2.00 mol of hydrogen 
gas, H2(g); 1.00 mol of nitrogen gas, N2(g); and 
2.00 mol of ammonia gas, NH3(g), in a sealed, rigid 
1.00 L flask at 750 K. 

The equilibrium constant for this reaction is 
1.05 X 102'at750K. EBID 

(a) Write the balanced chemical equation for the 
synthesis of ammonia gas. 

(b) Calculate Q from the initial amounts of gases. 

(c) Determine whether the chemical system is at 
equilibrium. If the system is not at equilibrium, 
in which direction will the equilibrium shift? 

2. The equilibrium constant is 0.0900 at 25 °C for the 
chemical reaction system represented by 
H20(g) + Cl20(g)^2H0Cl(g) 

For which sets of conditions below is the system at 
equilibrium? For those that are not at equilibrium, 
in which direction will the system shift? All flasks 
are rigid and sealed. Da 

(a) A 1.0 L flask contains 1.0 mol HOCl(g), 

0.10 mol Cl20(g), and 0.10 mol H20(g). 

(b) A 2.0 L flask contains 0.084 mol HOCl(g), 

0.080 mol Cl20(g), and 0.98 mol H20(g). 

(c) A 3.0 L flask contains 0.25 mol HOCl(g), 

0.0010 mol Cl20(g), and 0.56 mol H20(g). 

3. In a sealed, rigid container, nitrogen dioxide gas, 
N02(g), is in equilibrium with dinitrogen tetroxide 
gas, N204(g): 

2 N02(g) ^^N204(g) K = 1.15 at 55 °C 
Find the equilibrium concentration of gaseous 
nitrogen dioxide and dinitrogen tetroxide if the 
initial concentration of nitrogen dioxide gas is 
0.850 mol/L. m 

4. A rigid, sealed 1.00 L flask was filled with 2.00 mol 
carbon monoxide and 2.00 mol water vapour. 

After equilibrium was reached, it was found that 
1.30 mol of each of carbon dioxide and hydrogen 
was present. Calculate the value of the equilibrium 


constant, K, for this reaction, assuming all 
substances are in the gas phase. DO 

5. A lab technician places 12.0 mol of sulfur trioxide 
gas, S03(g),into a 3.0 L sealed, rigid container. 

The sulfur trioxide gas dissociates into gaseous 
sulfur dioxide, S02(g), and oxygen, OjCg), until 
equilibrium is reached and 3.0 mol of sulfur dioxide 
is present. Calculate the equilibrium constant, K. 
2S03(g)^2S02(g) + 02(g) DO 

6. At a particular temperature, the gases sulfur 
dioxide, S02(g), and nitrogen dioxide, N02(g), react 
in a closed vessel to form the gases sulfur trioxide, 
S03(g) and nitric oxide, NO(g): 

S02(g) + N02(g)^S03(g) + NO(g) 

If the equilibrium constant, fC, is 3.75 and the initial 
concentration of all four gases was 0.800 mol/L, 
calculate the equilibrium concentrations of all these 
gases. DO 

7. The equilibrium constant, K, has a value of 

2.4 X 10“^ at a given temperature, for the reaction 
represented by the balanced equation 
2H20(g)^2H2(g) + 02 (g) 

At equilibrium, the concentrations of water vapour 
and hydrogen gas were 1.1 X 10“^ mol/L and 
1.2 X 10“^, respectively. What was the equilibrium 
concentration of oxygen gas? DO 

8. The creation of shells by mollusc species is a 
fascinating process. By using calcium from their 
food and aqueous environment and some complex 
equilibrium processes, these animals produce 

a hard calcium carbonate shell. One important 
equilibrium reaction in this process is 
HC03“ (aq) H + (aq) + 003^ “ (aq) 

K= 5.6X 10““ 

If 0.16 mol of HCOj” is placed into 1.00 L of 
solution, what will the equilibrium concentration of 
COj^" be? E3 
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Solubility Equilibria and 
the Solubility Product Constant 



Figure 1 Barium sulfate makes the 
large intestine more visible in this X-ray 
image. Barium ions are toxic to humans, 
so the low solubility of barium sulfate 
also protects the patient from any toxic 
side effects. 

solubility the quantity of solute that 
dissolves in a given quantity of solvent at 
a particular temperature; the concentration 
of a saturated solution at a particular 
temperature 


Before undergoing an X-ray of the digestive tract, patients may be asked to consume 
a room-temperature (27 °C) barium “meal” composed of barium sulfate and water. 
At either 27 °C or body temperature (37 °C), the barium meal is mainly water and 
solid barium sulfate crystals, with a very small quantity of dissolved barium ions, 
Ba^'''(aq), and sulfate ions, SO/“(aq). The undissolved crystals of barium sulfate 
block the transmission of X-rays through the digestive tract, creating a clear image of 
the structures of the digestive tract (Figure 1). 

The low solubility of barium sulfate, BaS04, is one reason this compound is used in the 
diagnosis of gastrointestinal disorders. Solubility is the quantity of a solute that dissolves 
in a solvent under specific conditions, such as the amount of sugar that can dissolve in 
water at 100 °C. For example, calcium sulfate, CaS04(s), is more soluble in cold water 
than in hot water. This can have significant effects on plumbing. In pipes carrying 
cold water, any calcium sulfate remains dissolved and is harmless. In hot water, such 
as in a water heater, the calcium sulfate is less soluble and so may precipitate out of 
solution along with other compounds, such as calcium carbonate. The resulting solid 
can harm parts of the plumbing system. 

Solubility Equilibria of Ionic Compounds 

Recall that ionic compounds are composed of ions joined by ionic bonds. In water, 
ionic compounds form a dynamic equilibrium. For example, silver iodide, Agl(s), 
is an ionic compound that is slightly soluble in water. Immediately after solid silver 
iodide is placed in water, all the silver ions, Ag"^, and iodide ions, I“, are still tightly 
packed in a crystal lattice structure, as shown in Figure 2. The charged ends of polar 
water molecules, H20(l), are attracted to the ions and pull some of them into solu¬ 
tion. The oxygen atoms in the water molecules, which have a partial negative charge, 
orient to surround the positively charged silver ions. Similarly, the positively charged 
parts of the water molecules orient to surround the negatively charged iodide ions. 



Figure 2 When a solid ionic compound, such as silver iodide, dissolves in water, ions are removed 
from the crystal lattice as they become surrounded by water molecules. The reverse reaction also 
takes place, eventually reaching equilibrium. 
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How does a dynamic equilibrium form? First, consider the chemical equation for 
the dissolving of silver iodide in water. 

Agl(s) ^ Ag+(aq) + r(aq) 

Once they have entered into solution, the aqueous silver and iodide ions can col¬ 
lide with each other, which can cause them to re-form solid silver iodide. When this 
happens, a precipitate will form or existing crystals might become larger. The chem¬ 
ical equation for the precipitation of silver iodide from an aqueous solution is 

Ag+(aq) -f r(aq) ^ Agl(s) 

Notice how two opposing processes are occurring in the silver iodide solution: 
dissolution (dissolving) and precipitation. Eventually, these two opposing processes 
will reach a dynamic equilibrium. At this point the rate at which ions in the solid 
silver iodide dissolve is equal to the rate at which aqueous silver and iodide ions 
precipitate. At equilibrium, the solution is saturated: it contains the maximum quan¬ 
tity of solute at a given temperature and pressure. Therefore, the concentrations of 
aqueous silver ions and aqueous iodide ions remain constant in a saturated solution. 
This is an example of a solubility equilibrium, which is a dynamic equilibrium between 
a solute and a solvent that occurs in a saturated solution. It can be represented by 
this equation: 

Agl(s)^^Ag+(aq) -f r(aq) 

The Solubility Product Constant {K^p) 

A soluhHity equilibrium is a heterogeneous equilibrium system between a solid ionic 
compound and its ions dissolved in a saturated aqueous solution. The equilibrium 
law equation for the solubility equilibrium between solid silver iodide and its aqueous 
ions can be written as 

[C]W 

[Ag+(aq)][l (aq)] 

[Agl(s)] 

The concentration of silver and iodide ions may vary from one saturated solution 
to the next at the same temperature. However, the concentration of solid silver iodide 
remains constant. Therefore, we can ignore the concentration of the solid silver 
iodide in the equilibrium law equation for the solubility equilibrium. The equilibrium 
constant equation for silver iodide therefore becomes 

= [Ag+(aq)][l-(aq)] 

This equation gives us the solubility product constant (/Qp), which is the value of 
the equilibrium law equation for a solubility equilibrium. The subscript “sp” dis¬ 
tinguishes this constant from the general equilibrium constant, K. As with K, is 
calculated using concentrations in mol/L, and values are not given units. A table 
of solubility product constants is provided in Appendix B4. 

The fCjp of Agl(s) at 25 °C is 8.5 X 10“^^. Temperature is always included when 
reporting values for the solubility product constant. fC^p values vary with temperature 
because the solubility of substances varies with temperature. We most commonly 
talk about the value for substances with low solubilities. However, even highly 
soluble substances, such as sodium chloride, have values. Therefore, any calculation 
you can perform for a low-solubility substance you can also perform for a highly 
soluble substance. 


solubility equilibrium a dynamic 
equilibrium between a solute and a solvent 
in a saturated solution in a closed system 


solubility product constant (/Qp) the 

value obtained from the equilibrium law 
applied to a saturated solution 



Subscripts for K 

The general equilibrium constant, K, 
is sometimes written as or to 
distinguish it from other equilibrium 
constants, such as /^p- 
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Tutorial 1 Writing Solubility Product Constant Equations and Calculating K^p Values 


When writing a solubility product constant equation or calculating the value of a solubility product 
constant, remember that the concentration of the solid can be ignored because it does not vary in 
a saturated solution. 


Sample Problem 1: Writing a Solubility Product Constant Equation from a Balanced Equation 


Write a solubility product constant equation for the solubility 
equilibrium at 25 °C given by the following balanced equation: 
CaF2(s)^^Ca'+(aq) + 2 F-(aq) 

Solution: Since the concentration of CaFjls) is constant, do not 
include it in the denominator of the equilibrium law equation. 


Therefore, 

K,, = [Ca2"(aq)][F-(aq)F 

Statement: The solubility product constant equation for the 
solubility equilibrium is 
K,, = [Ca2Taq)][F-(aq)P 


Sample Problem 2: Writing a Soiubiiity Product Constant Equation from a Chemicai Formuia 


Write the solubility product constant equation for a saturated 
solution of aluminum sulfate, Al2(S04)3(aq), at 25 °C. 

Solution: 

Step 1. Write a balanced equation for the aluminum oxide 
solution equilibrium. 

The saturated solution contains an equilibrium between 
Al2(S04)3(s) and the dissolved ions, AP'^(aq) and S04^“(aq). 
Al 2 (S 04 ) 3 (s)^^ 2 AP+(aq) + 3S042-(aq) 


Step 2. Write the equation, omitting any solids. 

Kpp = [Ar(aq)?[S 04 '-(aq)]^ 

Statement: The solubility product constant 
equation for a saturated solution of Al2(S04)3(aq) is 
Kpp = [AP+(aq)]^[S04^-(aq)? 


Sample Problem 3: Calculating the K^p Value from Ion Concentrations 


A chemist has a closed vessel containing a chunk of solid zinc 
hydroxide, Zn(OH)2(s), surrounded by a saturated solution 
at 25 °C. He determines the concentrations of aqueous zinc 
ions, Zn^'^(aq), and aqueous hydroxide ions, 0H“(aq), to be 
2.7 X 10“® mol/L and 5.4 x 10“® mol/L, respectively. Calculate 
the solubility product constant. 

Given: [Zn^+laq)] = 2.7 x 10“® mol/L; 

[OH-(aq)] = 5.4 x 10“® mol/L 

Required: K^p 

Soiution: 

Step 1. Write the balanced equation for the solution equilibrium. 
Zn(0H)2(s)^^Zn^+(aq) + 2 0H-(aq) 


Step 2. Write the K^p equation for the equilibrium, omitting any 
solids. 

K,p = [Zn2Taq)][0H-(aq)? 

Step 3. Substitute the given ion concentrations into the K^p 
equation and solve. 

Kpp = [Zn2+(aq)][0H-(aq)f 
= (2.7 X 10“®) (5.4 X 10“®)^ 

Kpp = 7.9 X 10-1^ 

Statement: The Kpp of zinc chloride in a saturated solution at 
25 °C is 7.9 X 10“^^ 


Practice 

1. Write a solubility product constant equation for the following equilibrium: om 
MgC 03 (s) =^^Mg^'^(aq) + C 03 ^“(aq) 

2. Write the solubility product constant equation for iron(lli) hydroxide, Fe(0H)3(s). m 

3. In a saturated solution of calcium phosphate, Ca3(P04)2, at 25 °C, the concentrations of 
the calcium ions and phosphate ions are 4.53 x 10“^ mol/L and 3.02 x 10“^ mol/L, 
respectively. Calculate the K^p of calcium phosphate. Di [ans: = 8.48 x i0“='^ 
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Solubility and the Solubility Product Constant 

The solubility of an ionic compound varies with the ions it contains. In general, 
the more highly charged the anions and cations are, the less soluble the ionic 
compound will be, because it takes more energy for a solvent to break the ionic 
bonds in the crystal lattice. Therefore, ionic compounds containing divalent ions, 
such as calcium ions (Ca^^) and carbonate ions are generally less soluble 

than ionic compounds containing monovalent ions, such as sodium ions (Na^) 
and nitrate ions (NOj”). 

Keep in mind that the solubility of a given ionic compound is different from its 
solubility product constant. The solubility of an ionic compound tells us the max¬ 
imum quantity that will dissolve in a given volume of solvent at a particular tem¬ 
perature to form a saturated solution. For example, the molar solubility of lithium 
carbonate, Li2C03(s), in water at 25 °C is 1.8 X 10“^ mol/L. Therefore, we could pre¬ 
pare a saturated solution of lithium carbonate by dissolving 1.3 g of solid lithium car¬ 
bonate in 1000 mL of solution or 0.65 g in 500 mL of solution at 25 °C. Nevertheless, 
the solubility product constant of lithium carbonate at 25 °C is always 8.2 X 10“"*. 


Calcium hydroxide, a compound 
used in the preparation of plaster 
and mortar, Is only slightly soluble In 
water. In this investigation, you will 
prepare several solutions of calcium 
hydroxide, identify the one that is 
saturated, and use the concentrations 
of ions in this solution to determine 
the /<^p of calcium hydroxide. 


Tutorial 2 Converting between K^p and Solubility Values 


Molar solubility and both describe the solubility of a substance, although in different ways. 
Therefore, it is possible to calculate the value of one if you know the value of the other. 


Sample Problem 1: Calculating from Molar Solubility 
A technician places a quantity of solid copper(l) bromide, CuBr(s), 
in a beaker of distiiled water. The measured molar solubility of 
copper(l) bromide is 2.0 x 10“'' mol/L at 25 °C. Calculate the 
of copper(l) bromide at 25 °C. 

Given: Molar solubility of copper(l) bromide: 2.0 x 10“'* mol/L 

Required; 

Solution: 

Step 1. Write the balanced equation for the solubility 
equilibrium. 

CuBr(s) =^^Cu'^(aq) + Br“(aq) 

Step 2. Write the solubility product constant equation. 

K,p = [Cu-'(aq)][Br-(aq)] 


equal at any point in time. Since the solubility of solid 
copper(l) bromide is 2.0 x 10“'' mol/L, then a maximum 
of 2.0 X 10“'' mol of solid copper® bromide can 
dissolve in water to produce 1.0 L of solution at 25 °C. 
This will form 2.0 x 10“'' mol of copper(l) ions and 
2.0 X 10“'' mol of bromide ions. Therefore, the 
equilibrium concentrations of these ions are also 
equal to 2.0 x 10“'* mol/L. 

Step 4. Substitute the equilibrium concentrations into the K^p 
equation and solve for K^p. 

Kpp = [Cu+(aq)][Br“(aq)] 

= (2.0 X 10“^)(2.0 X 10“'') 

Kpp = 4.0 X 10“® 


Step 3. Determine the equilibrium concentrations of the 
dissolved ions. 


Statement: The solubility product constant of copper(l) bromide 
at 25 °C is 4.0 x 10“®. 


From the balanced equation, you know that the molar 
ratio is 1:1:1, so the concentrations of these ions are 


Sample Problem 2: Calculating from Solubility Expressed in Mass per Volume 

Calculate the K^p value for bismuth sulfide, Bi2S3(s), which has a Solution: 

solubility of 4.68 x 10 *'* g/100 mL at 25 °C. 5t0p ■\ balanced equation. 

Given: Solubility of BijSj: 4.68 x 10“*^ g/100 mL Bi^SsCs) ^2 Bi'+(aq) + 3 S2“(aq) 

Required: K^p of Bi2S3 5tgp 2 . the solubility product constant equation. 

Kpp = [Br(aq)?[S^“(aq)f 
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step 3. Determine the equilibrium concentrations in mol/L of 
the dissolved ions. Use an ICE table (Table 1). Since the 
concentration of solid BijSj remains constant, it is not 
included. 

Table 1 ICE Table for Calculating Equilibrium 
Concentrations 


molar mass of 81283 = (2)(^208.98^j + (3)(^32.07^j 
molar mass of 81283 = 514.17 g/mol 


, , u-.x, xn n 4.68 X 10-'V 1 mol lOOOjnt 

molar solubility of BI 2 S 3 = ———;- x ^rrrTz — x —— — 

100 mt 514.174" 1L 

molar solubility of BigSj = 9.10 x 10"'® mol/L 



81283 ( 5 ) 2 Bi®+(aq) + 

3 S®-(aq) 

1 

— 0 

0 

c 

— + 2 x 

+3x 

E 

— 2 x 

3x 


Calculate all concentrations in mol/L. 

To convert given mass solubility of solid bismuth sulfide 
to molar solubility, first calculate the molar mass of 
bismuth sulfide. Then, use the molar mass to convert 
mass solubility to molar solubility. 


Step 5. Write the K^p equation using the expressions in the ICE 
table, and then substitute the molar solubility of solid 
bismuth sulfide for x. 

Kpp = [BP(aq)?[ 8 ^-(aq)f 
= (2x)'(3/)' 

= 

= 108(9.10 X 10“'®)= 

K,p = 6.74 X 10-^' 

Statement: The solubility product constant of solid bismuth 
sulfide is 6.74 x 10“^^ 


Sample Problem 3: Calculating Molar Solubility from K^p 

The solubility product constant of solid copper(ll) iodate, 

00 ( 103 ) 2 ( 5 ), is 6.9 X 10"® at 25 °C. Calculate the molar solubility 
of solid copper(ll) iodate at 25 °C. 

Given: /^pOf 00 ( 103 ) 2 ( 5 ) = 6.9 x 10"® 

Required: molar solubility of 00 ( 103 ) 2 ( 5 ) at 25 °C 
Solution: 

Step 1. Write the balanced chemical equation. 

00(103)2(5) =^^Cu2+(aq) + 2l03-(aq) 

Step 2. Write the solubility product constant equation. 

Kpp = [Cu 2 +(aq)][l 03 -(aq)? 

Step 3. Determine the equilibrium concentrations in mol/L 
of the dissolved ions. 


Use an ICE table (Table 2). 

Table 2 ICE Table for Calculating Equilibrium 
Concentrations 



80 ( 103 ) 2 ( 5 ) Cu®^(aq) + 

2 l 03 -(aq) 

1 

— 0 

0 

C 

— +x 

+2x 

E 

— X 

2x 


Step 4. Substitute the equilibrium concentration expressions 
from the ICE table into the K^p equation and solve for x. 
x= 2.5 X 10“® 

Statement: The molar solubility of copper(ll) iodate at 25 °C is 
2.5 X 10"® mol/L. 


Practice 

1 . The solubility of magnesium fluoride, MgF 2 (s), is 1 .72 x 10"® g/100 mL at 25 °C. What is the 
Ksp value for magnesium fluoride at 25 °C? ca [ans: 8 . 4 i x 10 -"] 

2. Calculate the molar solubility of silver iodide, Agl(s), at 25 °C. Its K^p value at this temperature 
is 8.5 X 10"'^ ESI [ans: 9.2 X lO'® mol/L] 

3. The Kpp of zinc hydroxide, Zn(OH) 2 (s), is 7.7 x 10"'^ at 25 °C. What is its molar solubility at 
this temperature? ESi [ans: 2.7 x 10moi/L] 

4. Which has a greater solubility, mercury(l) chloride or copper(l) chloride? (Refer to Table 1 in 
Appendix 84.) Support your answer with calculations. ESi 


Predicting Precipitation 

What happens when two aqueous solutions containing dissolved ions are mixed? In 
some cases, ions will combine and form an ionic compound with low solubility, which 
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then precipitates from the solution. For example, Figure 3 shows what happens when 
a solution of potassium chromate, K2Cr04(aq), is mixed with a solution of silver 
nitrate, AgN03(aq). The reddish-brown precipitate is silver chromate, Ag2Cr04(s). 
Could we have predicted if a precipitate of silver chromate would form before mixing 
these solutions? Solubility is a complex property and difficult to predict. The only reli¬ 
able way to know if an ionic compound is soluble is to do the experiment. Solubility 
tables, such as Table 3, summarize the results of many such experiments. 


Table 3 Solubility of Some Ionic Compounds at SATP 



Cations 

Anions 

high solubility 
> 0.1 mol/L at SATP 

low solubility 
<0.1 mol/L at SATP 

F 

most 

Li’^, Mg'+, Ca'^, Sr'^, 

Ba'^, Fe'^, Hg2'’^, Pb'+ 

C|-,Br-,|- 

most 

Ag+,Pb'+,TI+,Hg2''", 

Hg+,Cu+ 

S'- 

Group 1, Group 2, NH4+ 

most 

OH 

Group 1,NH4+,Sr'+,Ba'+,TI+ 

most 

SO4'- 

most 

Ag+, Pb'+, Ca'+, Ba'+, 

Sr'+, Ra'+ 

CO3'-, PO4'-, SO3'- 

Group 1, NH4+ 

most 

C2H302’ 

most 

Ag+ 

NO3- 

all 

none 

IO3- 

NH4+, K+, Na+ 

most 


It should also come as no surprise that a given cation may be quite soluble 
when paired with a particular anion, but be insoluble when paired with another. 
Even though Table 3 does not show all possible ion combinations, we can see 
important solubility trends and exceptions. For example, only the nitrate ion, 
NOj”, always forms a soluble compound. All other ions will form a highly soluble 
compound when combined with some ions but a compound of low solubility 
when paired with others. 

To predict if a precipitate will form when two aqueous solutions are mixed, we 
can first use a solubility table to predict if any ionic compounds will form that will 
be of low solubility. For example, suppose you intend to mix an aqueous solution of 
sodium chloride, NaCl(aq), with an aqueous solution of silver nitrate, AgNOjCaq). 
From Table 3, you see that these two ionic compounds are both highly soluble in 
water. They will dissolve in water according to the following net ionic equations: 

NaCl(s) ^Na+(aq) + Cr(aq) 

AgN03(s) —> Ag+(aq) + N03“(aq) 

When you mix these two solutions, the combined solution therefore will contain 
aqueous sodium ions, chloride ions, silver ions, and nitrate ions. Table 3 shows 
that sodium chloride and all salts containing the nitrate ion are highly soluble in 
water. Therefore, dissolved sodium ions will not react with dissolved nitrate ions to 
produce a solid sodium nitrate precipitate. Silver chloride, however, has a low solu¬ 
bility in water. Therefore, when you mix sodium chloride solution and silver nitrate 
solution, a precipitate of silver chloride may form while the sodium and nitrate ions 
remain in solution (Figure 4). Whether a precipitate actually forms depends on the 
concentrations of the silver ions and the chloride ions in the solution. 



Figure 3 A yellow solution of potassium 
chromate, K2Cr04(aq), mixes with a 
colourless solution of silver nitrate, 
AgNOaiaq). A reddish-brown precipitate 
of silver chromate, Ag2Cr04(s), forms as 
the solutions mix. 


soluble soluble 


Na+ Ag+ Cl- NO3- 



soluble 


Figure 4 In a solution containing 
aqueous sodium, silver, chloride, and 
nitrate ions, only the combination of 
silver and chloride ions is likely to form 
a precipitate. 
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trial ion product (0) the product of 
the concentrations of ions in a specific 
soiution raised to powers equal to their 
coefficients in the balanced chemical 
equation; can be used to predict the 
formation of a precipitate 


UNIT TASK BOOKMARK 


How could you use information about 
predicting whether a precipitate will 
form as you work on the Unit Task on 
page 582? 


When we know the concentrations of ions in aqueous solution, we can use a 
quantitative method to predict whether a precipitate will form. The trial ion product (0) 
is the reaction quotient applied to the initial ion concentrations of a slightly soluble 
ionic compound. We get a value for the trial ion product by multiplying the concen¬ 
trations of ions in a specific solution raised to powers equal to their coefficients in a 
balanced chemical equation. For example, the dissolution equilibrium system of solid 
calcium fluoride, CaF2(s), is represented by the following balanced equation: 

CaF2(s) V Ca^'*' (aq) + 2 F“ (aq) 

Note that we always write the equilibrium reaction equation so that the dissolution 
reaction occurs to the right. The trial ion product equation for the dissolution of solid 
calcium fluoride is 

Q = [Ca2+(aq)][F-(aq)? 

If we add a solution containing Ca^’''(aq) ions to a solution containing F'(aq) ions, 
whether a precipitate will form depends on the concentrations of these ions in the 
combined solution. To calculate the trial ion product, we substitute the initial con¬ 
centrations of Ca^^(aq) and F"(aq) ions into the trial ion product equation. Then, we 
compare the value of the trial ion product, Q, with the solubility product constant, K^p. 
The following rules are used to predict whether precipitation will occur: 

• If Q is greater than fC^p, the dissolution equilibrium system shifts to the left. 
Precipitation occurs and will continue until the solution reaches a new 
equilibrium. 

• If Q is less than iC^p, the dissolution equilibrium system will shift to the right, 
and no precipitation occurs. The solution is unsaturated, so more solid can 
dissolve. 

• If Q is equal to K^p, the solution is at equilibrium. No precipitation or overall 
change in concentration will occur. 


Tutorial 3 Predicting whether a Precipitate Will Form 


You can use a solubility table, such as Table 3, as a qualitative tool to predict if a precipitate is 
likely to form when aqueous solutions of ions are mixed. Comparing the trial ion product with 
the solubility product constant allows you to predict quantitatively if a precipitate will form when 
solutions of known concentrations of ions are mixed. 

Sample Problem 1: Predicting Precipitation when Mixing Aqueous Soiutions 

A student is planning to combine a 1.0 x 10“^ mol/L aqueous Solution: 

solution of silver nitrate, AgNOjIaq), with a 5.0 x 10“^ mol/L step 1. Identify all of the ions that will be present in the 

mixture. 

AgNOjiaq) will contribute aqueous ions of silver, 
Ag'^(aq), and nitrate, NOj'laq). 

KBr(aq) will contribute aqueous ions of potassium, 
K+(aq), and bromide, Br“(aq). 

All four ions will be in the mixture: Ag'^(aq), N03“(aq), 
K+(aq), and Br“(aq). 


aqueous solution of potassium bromide, KBr(aq) at 25 °C. Will a 
precipitate form when the solutions are mixed? If so, identify the 
precipitate. 

Given: [AgNOjiaq)] = 1.0 x 10“^ mol/L; 

[KBr(aq)] = 5.0 x 10“= mol/L 

Required: To predict if a precipitate will form and identify any 
predicted precipitate 


466 Chapter 7 • Chemical Equilibrium 




step 2. Use the solubility rules in Table 3 to predict if a 
precipitate may form. 

Table 3 indicates that KNOjIs) is highly soluble and that 
AgBr(s) has low solubility. Therefore, a precipitate of 
solid silver bromide, AgBr(s), may form. 

Step 3. Determine the concentrations of the ions that may react 
to form a precipitate. 

First, write the balanced dissolution equations for 
AgN03(s) and KBr(s): 

AgNOjIs) ^ Ag+(aq) + NOj'iaq) 

KBr(s) ^ K'^(aq) + Br“(aq) 

From these balanced equations, you can see that both 
dissolution reactions have a 1:1:1 molar ratio. Therefore, 
you know that the concentrations of both ions are equal 
to the given concentrations of the ionic compounds. 
Therefore, 

[Ag^(aq)] = [AgNOsiaq)] 

[Ag+(aq)] = 1.0 x 10“^ mol/L 
and 

[Br-(aq)] = [KBr(aq)] 

[Br-(aq)] = 5.0 x 10-= mol/L 
Step 4. Determine the trial ion product equation of the 
precipitate that may form. 

You have determined that AgBr(s) may precipitate. First, 
write a balanced equation for the dissolution equilibrium 
system of AgBr(s). 


AgBr(s) Ag-"(aq) + Br (aq) 

Remember that you must write the balanced equation so 
that the dissolution reaction occurs to the right. From the 
balanced equation, the trial ion product equation is 
Q = [Ag-^(aq)][Br-(aq)] 

Step 5. Calculate 0 by substituting the concentrations of the 
dissolved ions in the mixture into the trial ion product 
equation. 

Q = [Ag+(aq)][Br-(aq)] 

= (1.0 X 10“^ mol/L) (5.0 X 10“^ mol/L) 

Q = 5.0 X 10“® 

Step 6. Compare the /^p and Q values of the compound that 
may precipitate, and then predict if the position of this 
dissolution equilibrium system will shift and whether a 
precipitate will form. 

From Table 1 in Appendix B4, 

/^pOfAgBr(s) = 5.4 x lO'^^ 

0= 5.0 X 10“® 

Q is greater than so the dissolution equilibrium 
system will shift to the left and a precipitate of AgBr(s) 
will form. 

Statement: A precipitate of solid silver bromide, AgBr(s), 

will form when the two solutions are mixed. 


Sample Problem 2: Predicting Precipitation when Mixing Aqueous Solutions 


A student mixes 750.0 mL of an aqueous solution of magnesium 
nitrate, Mg(N03)2(aq), with 300.0 mL of ammonium hydroxide, 
NH40H(aq). The concentration of the initial magnesium nitrate 
solution is 4.00 x 10“^ mol/L and of the initial ammonium 
hydroxide solution is 2.00 x 10“^ mol/L. Will a precipitate form? 
If so, identify the precipitate. 


NH4N03 (s), is highly soluble and that solid magnesium 
hydroxide, Mg(0H)2(s), has low solubility. Therefore, a 
precipitate of Mg(OH)2(s) may form when the two initial 
solutions are mixed. 

p 3. Determine the concentrations of the ions that may react 
to form a precipitate. 


Given: l/^gCNo,), = 750.0 mL; [IVIg(N03)2(aq)] = 4.00 x 10"^ mol/L; 
1 /nh,oh = 300.0 mL; [NH40H(aq)] = 2.00 x lO'^ mol/L 
Required: Predict if a precipitate will form and identify any 
predicted precipitate. 

Solution: 

Step 1. Identify all of the ions in the solution before any reaction 
occurs. 


Mg(N03)2(s) ^ IVig2+(aq) + 2 N03-(aq) 

NH40 H(s) ^ NH 4+(aq) + OH-(aq) 

Since each dissolution reaction has a 1:1 mole ratio, the 
initial concentrations of both ions are the same as the 
given concentrations of the respective ionic compound. 
Therefore, 

[Mg^^(aq)]M, = 4.00 x 10"^ mol/L 


The initial Mg(N03)2(aq) solution and initial NH40H(aq) 
solution will contribute these four ions to the mixture: 
Mg^+(aq), N03“(aq), NH4+(aq), and OH“(aq). 

Step 2. Use the solubility rules in Table 3 to predict if a 
precipitate may form. 

Table 3 indicates that solid ammonium nitrate. 


[OH-(aq)]ini,iai = 2.00 x lO’^ mol/L 
These concentrations are the concentration of 
Mg^'^(aq) ions in the initial l\/lg(N03)2(aq) solution and 
the concentration of OH“(aq) in the initial NH40H(aq) 
solution de/bre these solutions are mixed. When the 
initial solutions are mixed, the volume of the final 
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mixture, I/,, increases and is the sum of the volumes of 
the two initiai soiutions. 
l/f = l4g(N03)2 + I 4 H 4 OH 
= 750.0 mL + 300.0 mL 
i/f = 1050.0 mL 

The increase in volume reduces the concentration 
of the ions. Use the diiution formuia to caicuiate the 
concentrations of Mg^'^(aq) and OH“(aq) in the finai 
mixture. 

Ccl/c = Cdl/„ 



where Cc is the initiai, concentrated, ion concentration 
and Ci is the finai, more diiute, ion concentration. and 
i/g are the corresponding volumes. 

Substitute the appropriate values for Mg^'^(aq) Into the 
dilution equation. 

[Mg2+(aq)Lai = (4.00 x 10"^ 1050^ ) 

[Mg^'^(aq)]finai = 2.86 x 10“^ moi/L 
Then, substitute the appropriate values for OH“(aq) Into 
the dilution equation. 


[0H-(aq)Lai = (2.00 x 10-^moi/L)(^ ^°°'°^ ^ 
[0H-(aq)Lai = 5.71 x 10"^ moi/L 
Step 4. Determine the triai ion product equation of the 
precipitate that may form. 

Mg(0H)2(s) Mg2+(aq) + 2 OH-(aq) 

Q = [Mg^^(aq)][OH-(aq)]2 
Step 5. Caicuiate 0. 

Q = [Mg2+(aq),M][OH-(aq),i„J2 
= (2.86 X 10“3)(5.71 X 10“^)2 
Q = 9.32 X 10-= 

Step 6. Compare the /^p and Q vaiues of the compound that 
may precipitate, and then predict if the position of this 
dissolution equiiibrium system wiii shift and whether a 
precipitate wiil form. 

From the Tabie 1 in Appendix B4, 

/^pOfMg(OH)2 = 5.6 x lO'^^ 

0= 9.32 X 10-= 

Since Q is greater than the dissoiution equilibrium 
system shifts to the ieft and precipitation occurs. 
Statement: A precipitate of Mg(OH)2(s) wiil form when these 
solutions are mixed. 


Practice 

1. Wili a precipitate form in an aqueous soiution in which the concentration of copper(l) nitrate, 
CuN03(aq), is 0.015 mol/L and the concentration of potassium iodide, Ki(aq), is 0.075 moi/L? 
Explain. 

2. A scientist mixes 100.0 mL of a 0.0500 mol/L aqueous solution of iead(li) nitrate, Pb(N03)2(aq), with 
200.0 mL of a 0.100 moi/L aqueous soiution of sodium iodide, Nai(aq). Wili soiid iead(ii) 
iodide, Pbi2(s), precipitate? Explain your answer. Qi 

3. Predict whether a calcium hydroxide precipitate, Ca(0H)2(s), wili form when 250.0 mL of a 
0.0025 moi/L aqueous soiution of caicium chloride, CaClg, is mixed with 300.0 mL of a 0.0015 moi/L 
aqueous potassium hydroxide soiution. Expiain your reasoning. 

4. Wili a precipitate form if a student mixes 100.0 mL of an aqueous soiution of 0.100 moi/L 
caicium chioride, CaCi2(aq), with 100.0 mL of an aqueous soiution of 0.0400 mol/L sodium 
suifate, Na2S04(aq)? if so, identify the precipitate, ebi 

The Common Ion Effect 


The position of a solubility equilibrium system can be shifted by changing the tem¬ 
perature, the concentration of the dissolved ions, or both. Now that we can predict 
if a given set of ion concentrations will produce a precipitate or stay dissolved in 
solution, we are ready to investigate how we can influence a dissolution equilibrium 
system. How can a chemist shift a dissolution equilibrium system to favour more 
precipitate (reactants) or more dissolved ions (products)? A dissolution equilibrium 
system is just a specific type of a chemical equilibrium, so all the techniques that shift 
general reaction equilibrium systems can be applied to dissolution equilibrium sys¬ 
tems. Consider a saturated solution of silver chromate, Ag2Cr04(aq), in equilibrium 
with a small quantity of undissolved silver chromate, Ag2Cr04(s). 

Ag2Cr04(s) V 2 Ag’*' (aq) + Cr04^- (aq) 
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We may use Le Chatelier’s principle to predict what will happen if we add a 
few drops of silver nitrate solution, AgN 03 (aq), to the equilibrium mixture. Silver 
nitrate solution contains silver ions, Ag’''(aq), and nitrate ions, N 03 “(aq). Since 
they are not part of the equilibrium system, the nitrate ions will not affect the 
equilibrium position. However, the additional silver ions will increase the con¬ 
centration of silver ions in solution (a product) and shift the equilibrium to the 
left, toward the reactant. This leftward equilibrium shift may cause solid silver 
chromate, Ag 2 Cr 04 (s), to precipitate (Figure 5). A precipitate will form only if the 
new concentrations of aqueous silver ions and chromate ions push the equilibrium 
system past the solubility limit represented by the solubility product constant, 

We can determine if this will happen by comparing the trial ion product, Q, with 
the solubility product constant. # web link 


¥ 

m 

(a) Ag2Cr04(s) 2 Ag’^(aq) Cr04^“(aq) 


^y^gNOgiaq) 


I Ag2Cr04(s) < -2 Ag^(aq) -I- CrO^^ (aq) 


Figure 5 The common ion effect, (a) A solution of silver chromate is in equilibrium with solid silver 
chromate, (b) When silver nitrate is added to the solution, the extra silver ion shifts the equilibrium 
to the left, causing more silver chromate to precipitate. 


In this example, the equilibrium shifted to the left because the saturated silver 
chromate solution and the silver nitrate solution both contained aqueous silver ions. 

We could expect a similar result if we added a solution that contained chromate ions, 

Cr 04 ^'(aq). In general, we can predict that adding a solution that contains a common 
ion will shift a dissolution equilibrium system toward the solid and may cause some 
of the ions to precipitate from solution. Lowering the solubility of an ionic compound 

by the addition of a common ion is called the common ion effect. common ion effect a reduction in the 

The common ion effect does not occur only in solutions of substances with low solubility of an ionic compound due to the 
solubility. Highly soluble substances also demonstrate the common ion effect. For presence of a common ion in solution 
example, if you added hydrochloric acid to a saturated solution of sodium chloride, a 
sodium chloride precipitate might form. 


Tutorial 4 Calculating the Effect of Common Ions 


The amount of an ionic compound that can dissolve in a solution decreases if mixed with a 
second solution that contains a common ion. You can calculate this effect quantitatively by using 
the molar solubility values and the solubility product constant, 

Sample Problem 1: Calculating the Molar Solubility of Solid Calcium Fluoride 

Calculate the molar solubility of solid calcium fiuoride, CaFjis), calcium fluoride that will dissolve into the aqueous sodium 
in a 0.025 mol/L solution of sodium fluoride, NaF(aq), fluoride solution, noting that the two solutions have a 

at 25 °C. That is, determine the maximum amount of solid common ion. 
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Solution: 


Table 4 ICE Table for Calculating Equilibrium 
Concentrations 


Step 1. Identify the common ion. 

The ion present in both CaFjis) and NaF(s) is the 
fiuoride ion, F"(aq). 

Step 2. Determine the concentration in moi/L of the common 
ion in solution before any soiid is dissoived. 

You need to find the concentration of F“(aq) in the 
NaF(aq) solution before CaFjis) was added. Tabie 3 
indicates that NaF(s) has high soiubility and dissolves 
completely in water to form Na'^(aq) and F“(aq) ions. 
NaF(s) ^ Na+(aq) + F-(aq) 

Since the ions dissoive in a 1:1 molar ratio, the 
concentrations of sodium and fiuoride ions are equai 
to the concentration of the NaF(aq) soiution. 

[Na+(aq)] = 0.025 moi/L 
[F“(aq)] = 0.025 moi/L 

Step 3. Determine the concentration in moi/L of the common 
ion once the soiid has dissolved. 

Table 3 indicates that CaF2(s) has a low solubility in 
water at 25 °C. Therefore, it will establish a dynamic 
equilibrium in solution. 

CaFjCs) =^^Ca^'^(aq) + 2F“(aq) 

If the CaFjis) were dissolving in pure water, you could 
calculate molar solubility the same way you did in 
Tutorial 2. However, the CaFjis) is being dissolved 
in solution that already contains some F“(aq) ions. 
Therefore, the CaFjls) equilibrium will shift to the left 
relative to its position in pure water and so you should 
expect less CaFjls) to dissolve in the NaF(aq) solution 
than in pure water. The final concentration of F“(aq) 
ions will be equal to the initial concentration 
(0.025 mol/L) plus the change In concentration 
caused by adding CaFjIs) to the soiution. Table 4 is an 
ICE table summarizing these changes. 

Practice 



CaF2(s) Ca'+(aq) 

+ 2F-(aq) 

1 

— 0 

0.025 

c 

— +x 

+2x 

E 

— X 

0.025 + 2x 


step 4. Write the equation for the solubility product, and 
substitute in the value of for CaFjis) from Table 1 
in Appendix B4, and the equilibrium concentration 
expressions from the ICE table. Solve for x. 

Kpp = [Ca2"(aq)][F-(aq)]^ 

4.0 X 10“” = (x)(0.025 + 2xy 
^ 4.0 X 10“^^ 

^ (0.025 + 2xy 

Since CaF2(s) has a very low solubility, the amount of 
F“(aq) ions that the CaF2(s) will add to the solution will 
be very small compared to the 0.025 mol/L provided 
by the NaF(aq) solution. You can therefore make the 
simplifying assumption that 0.025 + 2x ~ 0.025. 

4.0 X 10“" 

(0.025)' 

, 4.0 X 10“^^ 

6.25 X 10“'* 
x~ 6.4 X 10“® mol/L 

Since x represents the amount of calcium ions that 
can dissolve in this equilibrium system and there is a 
1:1 ratio of calcium ions to solid calcium fluoride, then 
xis also the solubility of CaF2(s). Since this value is 
nearly 5 orders of magnitude smaller than the initial 
concentration of F“(aq), you know the simplifying 
assumption was warranted. 

Statement: The molar solubility of calcium fluoride in this 
solution is 6.4 x 10“® mol/L. 


1. Make a prediction about the solubility of silver acetate in each of the following: pure water, 
0.001 mol/L of silver nitrate, 0.01 mol/L of silver nitrate, 0.001 mol/L of sodium acetate, and 
0.01 mol/L of sodium nitrate. Explain your reasoning, esi 

2. The Kpp of solid silver chloride, AgCI(s), is 1.8 x 10"^° at 25 °C. E!a D 

(a) What is the molar solubility of solid silver chloride in pure water? [ans: i.3 x io-^ moi/L] 

(b) What is the molar solubility of solid silver chloride in a 0.10 mol/L aqueous solution of 
sodium chloride? [ans; i.s x io-^ moi/L] 

(c) Compare your answers to (a) and (b) and determine if they make sense. Explain. 

3. What amount of solid lead (II) chloride, PbCl2(s), can dissolve in 1.00 L of a 0.200 mol/L 
aqueous solution of lithium chloride, LiCI(aq)? Di [ans: 3.0 x io“ moi] 
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Summary 

• A solubility equilibrium is a heterogeneous equilibrium system between a 
solid ionic compound and its ions dissolved in a saturated aqueous solution. 

• The solubility product constant, is the value of the equilibrium law 

equation for a solubility equilibrium and does not include the concentration 
of the solid. varies with temperature and the nature of the ionic solid. 

• The trial ion product, Q, is the reaction quotient applied to the ion 
concentrations of a slightly soluble ionic compound. 

• The common ion effect explains why the solubility of an ionic compound may 
decrease when a common ion is added to the equilibrium system. 


Questions 

1. What is the difference between molar solubility and 
the product solubility constant, K^p? QID 

2. What is a common ion? How does its presence 
affect solubility? Why? QQ 

3. (a) Show the balanced equation for the solubility 

equilibrium that would occur when a solution 
of barium nitrate, Ba(N03)2(aq), is mixed with 
a solution of sodium sulfate, Na2S04(aq). 

(b) Write the solubility product constant equation 
for this equilibrium system. QID 

4. Which is less soluble in water, solid silver chloride, 
AgCl(s), with a solubility product constant, K^p, of 
1.8 X 10“'“, or solid silver bromide, AgBr(s), with a 
K^p of 5.0 X 10“'^? Explain. QID 

5. Calculate the solubility product constant at 25 °C for 
silver iodide, Agl(s), given that its solubihty at this 
temperature is 2.14 X 10“'^ g/100 mL. EDI 

6. Calculate the molar solubility of solid zinc hydroxide, 
Zn(OH)2(s), at 25 °C, using the K^p value given in 
Appendix B4. DU 

7. A student prepares a solution containing 0.01 mol/L 
calcium nitrate, Ca(N03)2(aq), and 0.025 mol/L 
sodium phosphate, Na3P04(aq). Will a precipitate 
form when the student makes this solution? If so, 
identify the precipitate. DU 

8. A chemist adds 100.0 mL of 4.0 X 10“^ mol/L 
magnesium nitrate, Mg(N03)2(aq), solution to 
100.0 mL of 2.0 X 10“^ mol/L sodium hydroxide, 
NaOH(aq), solution. Will a precipitate form? Justify 
your answer. ESI 


9. Calculate the molar solubility of solid silver 
chromate, Ag2Cr04(s), in 0.10 mol/L sodium 
chromate, Na2Cr04(aq). EH 

10. Describe the relationship between the solubihty product 
constant, K^p, and the trial ion product, Q. EH 

11. A water treatment plant tests the water and 
determines that there are high levels of phosphate 
in the water. 

(a) What are two solutions that could be used to 
precipitate out the phosphate from the 
water? o 

(b) Use Le Chatelier s principle to explain how 
adding these solutions causes a decrease in the 
phosphate ion concentration. QID EH 

12. The formation of stalactites and stalagmites 
in limestone caves (Figure 6) is an example of 
solubility equilibrium in the natural environment. 
Investigate the formation of stalactites and 
stalagmites in terms of solubility equilibrium and 
fCjp. Write a short essay to summarize your 



Figure 6 Cueva del Vienta in the Guajataca Forest Reserve, 
Puerto Rico 
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Investigations 


CONTROLLED EXPERIMENT 


The Extent of a Chemical Reaction 

Solid calcium sulfate, CaS04(s), a component of plaster 
of Paris, is only slightly soluble in water. When solutions 
of calcium chloride, CaCljCaq), and sodium sulfate, 
Na2S04(aq), are mbced together, they react to form a 
precipitate of calcium sulfate. In this investigation, you will 
explore the extent of this chemical reaction by observing 
if any reactant remains in the final reaction mixture. You 
will then analyze your observations to decide whether 
the chemical reaction went to completion or formed an 
equilibrium system. 

Testable Question 


• Questioning 

• Researching 

• Hypothesizing 

• Predicting 


• Pianning 

• Controlling Variables 

• Performing 

• Observing 


• Analyzing 

• Evaluating 

• Communicating 


filtration apparatus 
wash bottle with distilled water 
stirring rod 
filter paper 

25 mL calcium chloride, CaCl2(aq) (0.50 mol/L) 
25 mL sodium sulfate, Na2S04(aq) (0.50 mol/L) 
dropper bottles containing 

- 1.0 mol/L Na2C03(aq) 

- saturated solution of Ba(N03)2(aq) © 


In the precipitation reaction between aqueous sodium 
sulfate, Na2S04(aq), and aqueous calcium chloride, 
CaCl2(aq), will all the reactants be converted to products? 

Hypothesis 

Predict whether any of the aqueous sodium sulfate and 
aqueous calcium chloride will remain once calcium sulfate 
stops precipitating from solution. Give a hypothesis to 
explain your prediction. 

Variables 

Identify the independent (manipulated) variable and the 
dependent (responding) variable(s). 

Experimental Design 

Different volumes of sodium sulfate solution will be added 
to a solution of calcium chloride and aUowed to react. The 
amounts of sodium sulfate added will be less than, equal 
to, and more than the stoichiometric amount needed to 
react completely with the amount of calcium chloride 
present. The resulting solutions will be filtered. The 
filtrates will be tested with barium nitrate and with sodium 
carbonate. If sulfate is present in a filtrate, a precipitate will 
form when a solution containing barium ions is added. If 
calcium ions are present in the filtrate, a precipitate wiU 
form when a solution containing sodium ions is added. 

Equipment and Materials hanSk ai.i,ai.2 

• lab apron 

• chemical safety goggles 

• 250 mL or 100 mL beakers 

• 2 small test tubes 

• 10 mL or 25 mL graduated cylinder 


© 


Barium compounds are toxic. Soiutions containing barium 
should be coiiected in a marked disposai container at the 
end of the investigation. Wash your hands before leaving the 
laboratory. 


Procedure 


L 


1. Write a procedure for performing several trials of 
the reaction between aqueous sodium sulfate and 
aqueous calcium chloride. For each trial, calculate the 
volume of each solution needed so that at least one 
trial has excess sulfate ions, one has excess calcium 
ions, and one has the reactants in stoichiometricaUy 
equivalent amounts. Describe how to filter the 
reaction, using an apparatus similar to that in 
Figure 1. Include steps for testing the filtrates for 
excess ions, recording the results of each trial, and 
any safety procedures. 



Figure 1 Insoluble substances are trapped in the filter paper. 


2. Obtain your teachers approval, then carry out the 
investigation. 
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Analyze and Evaluate 

(a) Answer the testable question. ESI 

(b) Sulfate ions will react with Ba(N03)2(aq) and form a 
precipitate according to the equation 

Ba^’^(aq) + S 04 “(aq) ^ BaS 04 (s) 

Explain what you observed when you added a few 
drops of Ba(N03)2(aq) to the filtrate, using the 
chemical names of the reactants and products. ESI 


(c) Calcium ions will react with Na2C03(aq) and form a 
precipitate according to the equation 

Ca2+(aq) + C 032 “(aq) ^ CaC 03 (s) 

Explain what you observed when you added a few 
drops of Na2C03(aq) to the filtrate, using the chemical 
names of the reactants and products. ESI 

(d) Did your evidence support or refute your prediction? 
Explain. 

Apply and Extend 

(e) How could you determine if the concentrations of the 
initial reactants affect the formation of a precipitate? ESI 


ACTIVITY 

The Equilibrium Law 

The equilibrium law equation was developed from careful 
measurements of concentrations of reactants and products, 
which were then tested against mathematical models to 
see which best reproduced the data. In this activity, you 
will be given data from a chemical equilibrium system to 
test against various mathematical models. The balanced 
chemical equation for the chemical equilibrium is 
Ee^ + (aq) + SCN “ (aq) FeSCN^ + (aq) 

In this chemical equilibrium system, the reactants and 
products have very different colours (Figure 1). 



Figure 1 Potassium thiocyanate solution is clear and colourless. 
When added to a yellow solution of iron(lll) nitrate, a deep brownish- 
red colour is produced, indicating the formation of iron(lll) thiocyanate 
ions. This makes changes in the concentrations of the reactants and 
products easy to measure with simple equipment 



• Questioning 

• Planning 

• Analyzing 

• Researching 

• Controlling Variables 

• Evaluating 

• Hypothesizing 

• Performing 

• Communicating 

• Predicting 

• Observing 



Procedure HANDBOOK *^. 1 , A 6 

Using the data in Table 1, test the following mathematical 
relationships to see which gives a constant value for all 
five trials (within an experimental error of 5 %): 

1. [Fe^ + (aq) ] [SCN - (aq) ] [FeSCN" + (aq) ] 

2. [Fe^ + (aq)] + [SCN-(aq)] + [FeSCN2+(aq)] 

[FeSCN"+(aq)] 

[Fe^+(aq)][SCN-(aq)] 

[Fe^+(aq)] 

[FeSCN2+(aq)] 

[SCN-(aq)] 

[FeSCN2+(aq)] 


Table 1 Iron(lll) Thiocyanate Equilibrium at SATP 


Trial 

[Fe^^ (aq)] 

(mol/L) 

[SCN-(aq)] (mol/L) 

[FeSCN^Yaq)] 

(mol/L) 

1 

3.91 X 10^2 

8.02 X 10-3 

9.22 X 10-“ 

2 

1.48 X 10^2 

1.91 X 10-“ 

8.28 X 10-“ 

3 

6.27 X 10^^ 

3.65 X 10-“ 

6.58 X 10 “ 

4 

2.22 X 10-3 

5.41 X 10“ 

3.55 X 10-“ 

5 

1.78 X 10-3 

6.13 X 10-“ 

3.23 X 10-“ 




Purpose 

To test various mathematical relationships to see which 
gives a constant value for all five trials of experimental data 
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Analyze and Evaluate 

(a) In a sentence, describe the mathematical relationship 
you found to he the best fit for the data. Dl 

Apply and Extend 

(b) In trial 6, the concentration of iron(III) ions is 
2.10 X 10“^ and of thiocyanate ions is 2.70 X 10"^. 


Use the mathematical relationship you found in 
question (a) to calculate the concentration of iron(III) 
thiocyanate ions in this trial. (Hint: Use an average of 
your calculated constant value.) Da 

(c) Predict the intensity of the colour of the solution in 
trial 6 (see question (h)) relative to the colour of the 
solutions in trials 1 to 5. Justify your prediction. DO 


CONTROLLED EXPERIMENT 


Testing Le Chatelier’s Principle 

Le Chatelier s principle helps chemists predict how 
equilibrium reactions will respond to changes in 
temperature, pressure, or concentrations. In this 
investigation, you will predict and then observe the 
response of a variety of chemical equilihrium systems to 
chemical and physical changes. 

Testable Question 

Can Le Chatelier s principle correctly predict the shift in 
chemical equilibrium caused by changes in concentration, 
temperature, and pressure? 


• Questioning • Planning • Analyzing 

• Researching • Controlling Variables • Evaluating 

• Hypothesizing • Performing • Communicating 

• Predicting • Observing 


Part B: Thymol Blue Indicator 

H2Tb(aq)^^H+(aq) + HTb“(aq) 
HTh-^^H+(aq) + Tb2-(aq) 

You will add aqueous hydrochloric acid and sodium 
hydroxide solution to different samples of the equilibrium 
mixture. 

Part C: Copper(ll) Complexes 


Hypothesis 

Based on the chemical equation for each part of this 
investigation, write a prediction of how the disturbance 
that you will be carrying out is likely to affect each of 
the equfiibrium systems. Using Le Chateher s principle, 
state the hypothesis on which you based each of your 
predictions. 

Variables 

Identify the independent and dependent variables for the 
equilibrium system in each part of the investigation. 

Experimental Design 

Changes will be applied to the following four chemical 
equilibrium systems and evidence gathered to test the 
predictions made based on Le Chatelier s principle. 

Control samples will be used in all cases. 

Part A: Carbon Dioxide-Carbonic Acid Equilibrium 

C02(g) + H20^^H+(aq) + HC 03 "(aq) 

You will place a premixed C02(g)-HC03“(aq) equilibrium 
mixture under increased pressure. 


[Cu(H20)4P+(aq) + 4NH3(aq)^^ 

[Cu(NH3)4?+(aq) + 4 H20(l) 

You will add aqueous ammonia and hydrochloric acid to 
samples of the equilibrium mixture. 

Part D: lron(lll)-Thiocyanate Equilibrium 

Fe^ + (aq) + SCN“ (aq) FeSCN^ + (aq) 

You will add aqueous iron(III) nitrate, potassium 
thiocyanate, and sodium hydroxide to samples of the 
provided equilibrium mixture. 

Equipment and Materials 

• lab apron 

• gloves 

• chemical safety goggles 

• 100 mL beaker 

• large waste beaker 

• 6 to 12 small test tubes 

• test-tube rack 

• marker or wax pencil 

• 25 mL graduated cylinder 
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• syringe with needle removed (5 to 50 mL) 

• Luer lock or solid rubber stopper that fits 
syringe end 

• distilled water 

• crushed ice 

• hot-water bath 

• dropper bottles containing solutions of: 

- carbon dioxide-bicarbonate equilibrium 
mixture (pH = 7) 

- bromothymol blue indicator 

- silver nitrate, AgN03(aq) (0.2 mol/L) 

- thymol blue indicator 

- hydrochloric acid, HCl(aq) (0.1 mol/L) 

- sodium hydroxide, NaOH(aq) (0.1 mol/L) 

- copper(II) sulfate, CuS04(aq) (0.1 mol/L) 

- ammonia, NH3(aq) (1.0 mol/L) 

- sodium hydroxide, NaOH(aq) (1.0 mol/L) 

- iron(III)-thiocyanate equilibrium mixture 

- iron(III) nitrate, Fe(N03)3(aq) (0.2 mol/L) 

- potassium thiocyanate, KSCN(aq) (0.2 mol/L) © 

The chemicals may be corrosive, irritating, and/or toxic. 

Silver nitrate stains the skin and clothing. Avoid skin and eye 
contact. The sodium hydroxide solution is highly corrosive and 
could cause blindness. If any chemical gets in your eyes, flush 
them with cold water for at least 15 min. Wash any spills on 
skin or clothing immediately with plenty of cool water. Report 
any spills to your teacher. 


Procedure hanS^ a2-1’A6.3 

Part A: Carbon Dioxide-Carbonic Acid Equilibrium 


1. Put on your gloves, lab apron, and safety goggles. 

2. Place 2 or 3 drops of bromothymol blue indicator in 
the carbon dioxide-bicarbonate equilibrium mixture. 

3. Draw a sample of the carbon dioxide-bicarbonate 
equilibrium mixture into the syringe, then block the 
end with a rubber stopper. 


4. Reduce the volume of the sample by slowly depressing 
the syringe plunger, and record your observations. 


Part B: Thymol Blue Indicator 

5. With the marker, label two small test tubes A and B. 

6. With the 25 mL graduated cylinder, add 5 mL of 
distilled water to each test tube and then place them 
in the test-tube rack. 

7. Add 1 to 3 drops of thymol blue indicator to the 
water in each test tube to obtain a noticeable colour. 


8. Set test tube A aside as a control. 

9. Add drops of hydrochloric acid to test tube B to test 
for any colour changes. Record your observations. 

10. Add drops of 0.1 mol/L sodium hydroxide solution to 
test tube B to test for any colour changes. Record your 
observations. 

Part C: Copper(ll) Complexes 

11. Obtain 2 mL copper(II) sulfate solution a small test 
tube. Place the test tube in the test-tube rack. 

12. Add 3 drops of ammonia solution to establish the 
equilibrium mixture then continue adding more 
drops until a change is observed. Record your 
observations. 

13. Add drops of hydrochloric acid to the mixture and 
record your observations. 

Part D: lron(lll)-Thiocyanate Equilibrium 

14. With the marker, label three small test tubes A, B, 
and C. 

15. Using the 25 mL graduated cylinder, place 5 mL of 
the iron(III)-thiocyanate equilibrium solution in each 
test tube and then place the test tubes in the rack. 

16. Use test tube A as a control. 

17. Add drops of iron(III) nitrate solution to test tube B 
until a change is evident. Record your observations. 

18. Add drops of 1.0 mol/L sodium hydroxide solution to 
test tube B until a change occurs. (Iron(ni) hydroxide 
has a low solubility.) Record your observations. 

19. Add drops of KSCN(aq) to test tube C until a change 
is evident. Record your observations. 

20. Follow your teachers instructions for disposal of all 
chemicals. 

Analyze and Evaluate 

(a) Answer the testable question. DD 

(b) For each of Parts A through D, identify the variables 
that were measured, recorded and/or manipulated. EZD 

(c) Did using Le Chatelier’s principle allow you to 
correctly predict the shift of equilibrium in Parts A 
through D? Explain. DD 

Apply and Extend 

(d) For each of Parts A through D, use the chemical 
equilibrium reactions provided to explain why the 
changes imposed on each system produced the 
results you observed. Ql 
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OBSERVATIONAL STUDY 


SKILLS MENU 


The Ksp of Calcium Hydroxide 

Calcium hydroxide is an ionic compound that, in solid 
state, will dissolve slightly in liquid water. The net ionic 
equation for the dissolution of calcium hydroxide solid in 
liquid water is 

Ca(OH)2(s)^^Ca2+(aq) + 2 0H"(aq) 

Calcium oxalate is also an ionic compound. When added 
to liquid water, solid sodium oxalate will dissociate 
according to the following net ionic equation: 

CaC 204 (s) ^^^Ca^’^Caq) + C 204 ^"(aq) 

Purpose 

To determine the solubility product constant, of solid 

calcium hydroxide (Part A) and solid calcium oxalate (Part B) 

Equipment and Materials handbook ai.i,ai.2 

• lab apron 

• chemical safety goggles 

• colourless, transparent 12 X 2 spot plate 

• 24 transfer pipettes 

• distilled water 

• dark-coloured paper 

• dropper bottles containing 

- calcium nitrate solution, Ca(N03)2(aq) (0.1 mol/L) 

- sodium hydroxide solution, NaOH(aq) (0.1 mol/L) 

- calcium oxalate solution, CaC204(aq) (0.1 mol/L) 

@© 

Sodium hydroxide is an irritant. Avoid skin and eye contact, 
if you spiil this substance on your skin, wash the affected 
area with pienty of cooi water and inform your teacher. 
Caicium oxaiate is toxic if ingested. Do not eat anything in 
the iaboratory, and wash your hands before leaving. 

Procedure handbooL ‘ a2.i,a6.3 

Part A: Determine the K^p of Calcium Hydroxide 

1. Put on your lab apron and safety goggles. 

2. Place a transparent spot plate on a dark sheet of 
paper. Ensure that the spot plate is new or very clean. 

3. Using a clean transfer pipette, add 5 drops of distilled 
water to 11 consecutive wells in one row of the spot 
plate. Leave the first well, Al, empty. See Figure 1 for 
well-labelling conventions. 

4. With a clean transfer pipette, add 10 drops of calcium 
nitrate solution to well Al. 

5. Draw the solution from Al into an empty, clean 
transfer pipette and place 5 drops of the solution into 
A2. Return the excess solution in the pipette to well Al. 
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• Questioning 

• Researching 

• Hypothesizing 

• Predicting 


• Planning • Anaiyzing 

• Controlling Variables • Evaluating 

• Performing • Communicating 

• Observing 


A B 

1 

2 

3 

4 

5 

6 

7 

8 

9 

10 

11 

12 


Figure 1 Well labels in a spot plate; your spot plate may have a 
different number of rows or columns. 

6. With another clean transfer pipette, transfer 

5 drops of the solution in A2 to the water in A3. 
Repeat this process for each of the remaining wells, 
using a clean transfer pipette each time. For A12, 
discard the 5 drops into the sink, with lots of 
running water. 

7. With another clean transfer pipette, place 5 drops of 
sodium hydroxide solution to each of wells B1 to B12 
on the spot plate. 

8. Using a new, clean transfer pipette, transfer the entire 
contents of well Al into well Bl. Mix the solutions 
well with the tip of the pipette. 

9. Repeat Step 8 for wells A2 into B2 to A12 into B12. 

Use a new, clean transfer pipette each time. 

10. Examine all of the wells. Identify the first well in 
which there is no apparent precipitate. 

11. Dispose of all chemical wastes as instructed by your 
teacher. 

Part B: Determine the K^p of Calcium Oxalate 

12. Write a detailed procedure to determine the of 
calcium oxalate. Include safety precautions and a 
description of how you will record your observations 
(e.g., using a spreadsheet). 

13. Obtain your teachers approval, then carry out your 
procedure. 

NEL 








Observations 

Part A: 

(a) Prepare a 7-column, 13-row table, using the headings 
shown on Table 1. 

(b) Record your observations in the second column of 
your table. 

Part B: 

(c) Prepare a 7-column, 13-row table, using the headings 
shown on Table 2. 

(d) Record your observations in the second column of 
your table. 

Analyze and Evaluate handbook Ll am, am 

Part A: Determine the K^p of Calcium Hydroxide 

(e) Calculate the initial [Ca^’^(aq)] in each well of row A 
of the spot plate. Record the concentrations in the 
table you created for Part A (Table 1). El 

(f) Calculate the initial [OH"(aq)] in each well of row B 
of the spot plate. Record the concentrations in the 
appropriate column of your table. El 

(g) Determine the final [Ca^^(aq)] and [OH“(aq)] 
in wells B1 to B12, and record these values in the 
appropriate column of your table. El B D 

(h) Calculate the trial ion product for the contents of 
each well, and record in the appropriate column of 
your table. Recall that the trial ion product wiU be the 
product of the final concentrations you calculated in 
Step (h). El 


(i) Write the expression for calcium hydroxide and 
the calculation that determined its value in this 
investigation. Based on the experimental value of 
JCjp, write a statement about the solubility of calcium 
hydroxide. B B 

(j) Identify the sources of error and uncertainty in the 
experimental design of Part A. El B 

Part B: Determine the K^p of Calcium Oxaiate 

(k) Use the table you created for Part B (Table 2) and 
answer Questions (e) through (j) based on your 
results for Part B of the investigation. El B B 

(l) Evaluate the procedure you developed for Part B. 
Provide specific examples of how the procedure could 
be improved. El 

Apply and Extend 

(m) Compare your derived values for the of calcium 
hydroxide (Part A) and calcium oxalate (Part B) to the 
accepted values found in a reliable source such as the 
CRC Handbook of Chemistry and Physics. Calculate 
the percentage difference in each case and comment 
on the validity of your results. 


Table 1 Observations and Calculations for Determining the of CafOHlj 


Well 

Observations 

Initial 

[Ca^+(aq)] 

Initial 

[OH-(aq)] 

Final 

[Ca^'+faq)] 

Final 

[OH-(aq)] 

Trial 

ion 

product 

A1 







A2 







A3 







A4 








Table 2 Observations and Calcuiations for Determining the K^f, of CaC204 


Well 

Observations 

Initial 

[Ca^'+faq)] 

Initial 

[C 204 ='-(aq)] 

Final 

[Ca^+(aq)] 

Final 

[CA"-(aq)] 

Trial 

ion 

product 

A1 







A2 







A3 
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SUMMARY 


Summary Questions 


1. Create a study guide based on the points listed in 
the margin on page 418. For each point, create three 
or four sub-points that provide further information, 
relevant examples, explanatory diagrams, or general 
equations. 

Vocabulary 


2. Look back at the Starting Points questions on page 418. 
Answer these questions using what you have learned 
in this chapter. Compare your latest answers with 
those that you wrote at the beginning of the chapter. 
Note how your answers have changed. 


chemical equilibrium (p. 420) 
dynamic equilibrium (p. 420) 
equilibrium position (p. 421) 
reversible reaction (p. 421) 
equilibrium law (p. 429) 


equilibrium constant (K) (p. 429) 
homogeneous equilibrium (p. 433) 
heterogeneous equilibrium 
(p.433) 

Le Chatelier’s principle (p. 439) 


equilibrium shift (p. 439) 
ideal gas (p. 443) 
partial pressure (p. 443) 
reaction quotient (0) (p. 449) 
instantaneous concentrations 
(p.450) 


solubility (p. 460) 
solubility equilibrium (p. 461) 
solubility product constant 
(/(;p)(p.461) 

trial ion product (0) (p. 466) 
common ion effect (p. 469) 


Grade 12 Chemistry can lead to a wide range of careers. Some require a college diploma 
or a B.Sc. degree. Others require specialized or postgraduate degrees. This graphic 
organizer shows a few pathways to careers mentioned in this chapter. 

1. Select two careers related to Chemical Equilibrium that 
you find interesting. Research the educational 
pathways that you would need to follow to pursue 
these careers. What is involved in the required 
educational programs? Prepare a brief report 
of your findings. 

2. For one of the two careers that you chose 
above, describe the career, main duties and 
responsibilities, working conditions, and 
setting. Also outline how 
the career benefits society 
and the environment. 


sA,. 


12U Chemistry v. 


chemical 

technologist 


Ur 


chemistry technician 


environmental assessment 
project manager 


science teacher 


>-[ 


icyc j - _ 


architectural j 

technologist j 


y CAREER LINK 
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SELF-QUIZ 


QID Knowledge/Understanding Dl Thinking/Investigation 


Communication D Application 


For each question, select the best answer from the four 
alternatives. 

1. Which of the following indicates that a chemical 
reaction system has reached equilibrium? (7.1) QQ 

(a) The temperature of the system is decreasing. 

(b) The volume of the system is changing. 

(c) The concentration of reactants is decreasing. 

(d) The concentration of products is constant. 

2. Identify the example of a heterogeneous equilibrium. 
(7.2) BQ 

(a) H20(g) + C(s) ^ H.ig) + CO(g) 

(b) 2 S02(g) + 02 (g) ^ 2 S03(g) 

(c) CH 3 C 00 H( 1 ) + CH 3 CH 20 H( 1 ) 

CH3C00CH2CH3(1) + H20(1) 

(d) none of the above 

3. How did Fritz Haber produce ammonia gas from its 
elements in economically useful quantities? (7.3) BQ 

(a) He carried out the reaction at decreased pressure. 

(b) He carried out the reaction at decreased temperature. 

(c) He added a catalyst to the reaction system. 

(d) He decreased the reactant quantities. 

4. For an exothermic reaction that has reached equilibrium, 
which conditions will result in a shift to the left? (7.4) BID 

(a) removing products 

(b) adding reactants 

(c) adding thermal energy 

(d) removing thermal energy 

5. Identify the equation that represents a chemical 
reaction system that will have a higher concentration 
of products than reactants at equilibrium. (7.5) BB 


(a) 

COCl; 

2(g)^CO(g)+Cl2(g) 


K= 2. 

,19 X 10“‘®atl00°C 

(b) 

N2(g) 

+ 3 H2(g) 2 NH3( 


K = 

1.05 X 10“^ at 472 “C 

(c) 

H2(g) 

+ 12 (g) ^ 2Hl(g) 


K = 

51 at 448 °C 

(d) 

N2(g) 

+ 02 (g) 2 NO(g) 


K = 

1 X 10“^° at 25 °C 


6. To calculate the concentrations of reactants and 

products of a chemical reaction system at equilibrium, 
which of the following values is/are needed? (7.5) BID 

(a) initial concentrations of reactants and products 

(b) rate of change of reactant and product concentrations 

(c) reaction temperature 

(d) all of the above 


7. Consider the dissolution of solid sodium chloride, 
NaCl(s), in water to form aqueous ions of sodium, 
Na'''(aq), and chloride, CT(aq). The equation that 
represents this chemical reaction system is 
NaCl(s) ^Na'^(aq) + Cr(aq) 

Which of the following are included in the equation 
for the solubility product constant, (7.6) BID 

(a) [Na'''(aq)] and [CT(aq)] only 

(b) [Na^(aq)], [Cl“(aq)], and [NaCl(s)] 

(c) [NaCl(s)] only 

(d) [Na^(aq)] and [NaCl(s)] only 

8. Which of the following compounds is most soluble 
in water? Assume that all values are for identical 
conditions. (7.6) BID 

(a) zinc hydroxide, = 7.7 X 10'^^ 

(b) calcium phosphate, = 2.2 X 10^^^ 

(c) magnesium fluoride, = 7.4 X 10 “ 

(d) lithium carbonate, = 8.2 X 10^^ 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

9. In a dynamic equilibrium the concentrations of 
reactants and products are always changing. (7.1) BID 

10. If the equilibrium constant, K, is equal to 1, the 
position of equilibrium favours products much more 
than reactants. (7.2) BID 

11. Habers addition of iron(III) oxide as a catalyst to 
the process of creating ammonia affected the ratio of 
product to reactant. (7.3) BID 

12. According to Le Chatelier s principle, a chemical 
system at equilibrium adjusts so as to counteract any 
disturbance. (7.4) BID 

13. An exothermic reaction that is at equilibrium will 
shift to the left when products are removed. (7.4) BID 

14. The magnitude of the equilibrium constant, K, 
provides information about the extent of a reaction 
because it indicates whether reactants or products are 
favoured. (7.5) BID 

15. The solubility product constant, fC^p, is a constant for 
a given substance under all conditions. (7.6) BID 

16. If the trial ion product, Q, is less than the solubility 
product constant, a substance will precipitate 
from solution. (7.6) BID 


I Go to Nelson Science for an online self-quiz. 
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REVIEW 


QIS Knowledge/Understanding ESI Thinking/Investigation 


Communication D Appiication 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. Which of the following is present in a chemical reaction 
system that has reached equilibrium? (7.1) QID 

(a) equal concentrations of reactants and products 

(b) constant concentrations of reactants and products 

(c) no conversion among reactants and products 

(d) all of the above 

2. Which of the following is an example of a homogeneous 
equilibrium? (7.2) 013 

(a) C(s) + C02(g)^ 2CO(g) 

(b) H2(g) + l2(g)^ 2Hl(g) 

(c) Ni(CO)4(g) ^ Ni(s) + 4CO(g) 

(d) all of the above 

3. Which of the following occurs if a product is added to 
a chemical reaction system at equilibrium? (7.4) QQ 

(a) The equilibrium shifts left, toward reactants. 

(b) The equilibrium shifts right, toward products. 

(c) The equilibrium shifts both left and right equally. 

(d) The equilibrium undergoes no change. 

4. Which of the following would not affect the position 
of equilibrium of the chemical reaction system 
represented by the following chemical equation? (7.4) BQ 
SbCl5(g) SbCl3(g) + Cl2(g) 

(a) removing Cl2(g) 

(b) increasing the volume of the reaction vessel 

(c) adding a catalyst 

(d) reducing the temperature 

5. When is a chemical reaction system at 
equilibrium? (7.5) BID 

(a) when Q> K 

(b) when Q< K 

(c) when Q = K 

(d) when Q ~ ^ 

6. Which concentrations are used to calculate the value 
of the reaction quotient, Q, of a chemical reaction 
system? (7.5) BID 

(a) equilibrium concentrations of reactants and 
products 

(b) concentrations of reactants and products at a 
particular instant in time 

(c) initial concentrations of reactants and 
equilibrium concentrations of products 

(d) equilibrium concentrations of reactants and 
initial concentrations of products 


7. Consider the chemical reaction system represented by 
the following balanced chemical equation; 
MgF2(s)^Mg2+(aq) + 2F-(aq) 

Identify the correct expression for the solubility 
product constant, for this chemical reaction 
system. (7.6) BID 

(a) = [Mg2+(aq)p[F“(aq)] 

(b) fCsp = [Mg^+(aq)][F"(aq)] 

(c) fC^p = [Mg2+(aq)][F"(aq)? 

(d) fC^p = [Mg2+(aq)P[F“(aq)? 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

8. A chemical reaction system is at equilibrium when 
the rate at which products form is equal to the rate at 
which reactants form. (7.1) BID 

9. A reversible chemical reaction produces a different 
set of equilibrium concentrations of reactants and 
products in the forward direction than in the reverse 
direction. (7.1) BID 

10. The equilibrium constant for any chemical reaction 
system does not vary with temperature. (7.2) BID 

11. When writing the equilibrium expression for the 
following chemical reaction system, liquid methanol, 
CH30H(1), is not included: 

2 H2(g) + CO(g) CH30H(1) (7.2) m 

12. Fritz Haber was able to increase the rate of synthesis 
of ammonia gas, NH3(g), from gaseous hydrogen, 
H2(g), and nitrogen, N2(g), by adjusting the pressure 
and temperature of the reaction. (7.3) BID 

13. If an exothermic chemical reaction is allowed to 
reach equilibrium at one temperature and then the 
temperature is lowered, the equilibrium will shift in 
the direction of the products. (7.4) BID 

14. If the reaction quotient, Q, is equal to the equilibrium 
constant, K, the system is at equilibrium. (7.5) BID 

15. If the reaction quotient, Q, is less than the 
equilibrium constant, K, the system will shift toward 
reactants to achieve equilibrium. (7.5) BID 

16. At 25 °C, a substance with a solubility product 
constant, of 2.9 X 10“^ is more soluble than a 
substance with a solubility product constant of 
7.2 X 10~l (7.6) m 
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Match each term on the left with the most appropriate 
description on the right. 


17. (a) equilibrium 

(i) determined by initial 

constant 

concentrations of reactants 

(b) equilibrium 

and products 

shift 

(ii) determined by relative 

(c) equilibrium 

amounts of reactants and 

position 

products 

(d) reaction 

(iii) determined by equilibrium 

quotient 

concentrations of reactants 


and products 


(iv) determined by the addition 


or removal of a reactant or 
product 

(7.1, 7.2, 7.4, 7.5) m 

Understanding 

Write a short answer to each question. 


19. Explain what is meant by the equilibrium position of 
a chemical reaction. (7.1) QID 

20. Suppose that 3.00 mol of nitric oxide gas, NO(g), is 
introduced into a 1.00 L evacuated flask. When the 
system comes to equilibrium, 1.00 mol of dinitrogen 
monoxide gas, N20(g), has formed. 

2N20(g) + 02(g) ^ 4NO(g) 

Use an ICE table to determine the equilibrium 
concentrations of each substance. (7.1) Bi B 

21. A chemist places 2.00 mol of diatomic bromine gas, 
Br2(g), in a 2.00 L reaction flask and allows the gas to 
decompose to monatomic bromine gas, Br(g): 

BuCg) ^2Br(g) 

At equilibrium, 0.064 mol of monatomic bromine 
gas is present in the flask. Calculate the equilibrium 
concentration of diatomic bromine gas. (7.1) Bn 

22. Explain the difference between a homogeneous 
equilibrium and a heterogeneous equilibrium. (7.2) QQ 


18. Figure 1 shows the reaction progress of two different 
chemical reactions. Describe the equilibrium position 
of each system in terms of whether reactants or 
products are favoured. (7.1) Bn 

Reaction Progress for Chemical 



Reaction Progress for Chemical 
Reaction System B 



23. Write the equilibrium law equation for the chemical 
reaction systems represented by the following 
balanced chemical equations: 

(a) 2 03(g) ^ 3 02(g) 

(b) 3 Fe(s) + 4 H20(g) Fe304(s) + 4 H2(g) 

(c) NH4N02 (s) ^ N 2(g) + 2 H20(g) 

(d) 2 NOCl(g) 2 NO(g) + Cl2(g) (7.2) m 

24. Write a balanced chemical equation that describes the 
chemical reaction system represented by each of the 
following equilibrium expressions: (7.2) BQ 

[NO(g)? 

[N2(g)][02(g)] 

[NO(g)?[Br2(g)] 

[NOBr(g)]2 
[H20(g)][CH4(g)] 

[CO(g)][H2(g)? 

[CH4(g)][H2S(g)? 

[CS2(g)][H2(g)? 

25. The chemical reaction system represented by 
the equation below is at equilibrium with the 
concentrations shown. 

Cl2(g) + CO(g) ^ COCl2(g) 

Equilibrium concentrations: 

[CO] = 1.11 X 10“^mol/L; 

[Cy = 1.03 X 10"^mol/L; 

[COCI2] = 1.17 X 10"^mol/L 
Determine the value of the equilibrium constant, 

K. (7.2) Bi 


(a) K = 

(b) K = 

(c) K = 

(d) K = 


Figure 1 
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26. For the chemical reaction system represented by the 
equation below, K = 3.72 X 10“^: 

2 ClF3(g) ^ Cl^Cg) + 3 F,(g) 

At equilibrium, the concentration of chlorine gas, 
CljCg), is 1.62 X 10“^ mol/Land of fluorine gas, FjCg), 
is 1.85 X 10“^mol/L. Calculate the equilibrium 
concentration of chlorine trifluoride gas, ClF3(g). (7.2) EBl 

27. Consider the chemical reaction system represented by 
the following equation: 

2S02(g) + O^Cg)^ 2S03(g) 

In an investigation, the initial concentrations were 
[S02(g)] = 0.40 mol/L; [02(g)] = 1.6 mol/L; and 
[S03(g)] = 29.7 mol/L. The equilibrium concentration 
of [S02(g)] was 1.2 mol/L. Determine the value of the 
equilibrium constant, K, for this chemical reaction 
system. (7.2) Ba 

28. The chemical reaction system represented by the 
following equation has an equilibrium constant, K, 
equal to 1.24 X 10“h 

vcUg) ^ pci3(g) + Ci 2 (g) 

Concentrations at equilibrium are observed to be 
[PCl5(g)] = 4.06 X 10“^ mol/L and 
[PCI3 (g)] = 1.17 X 10"^ mol/L. What is the 
equilibrium concentration of chlorine gas, Cl2(g)? 

(7.2) m D 

29. In a closed vessel, elemental phosphorus, P(s), 
combines with elemental chlorine, Cl2(g), to form 
phosphorus trichloride gas, PCl3(g): 

2P(s) + 3Cl2(g)^^ 2PCl3(g) 

If the equilibrium constant is equal to 2.74 X 10“^ 
and the concentration of phosphorus trichloride 
gas at equilibrium is 1.09 X 10“^ mol/L, what is the 
equilibrium concentration of chlorine? (7.2) DD 

30. Consider the chemical reaction system represented by 
the equation below: 

N2(g) + 3 H2(g) 2 NH3(g); K = 626 at 200 °C 

If the equilibrium concentrations of gaseous hydrogen, 
H2(g), and ammonia, NH3(g), are 0.50 mol/L and 
0.46 mol/L respectively, calculate the equilibrium 
concentration of nitrogen gas, N2(g). (7.2) Bl 

31. Gaseous hydrogen, H2(g), and iodine, 12(g), combine in a 
reversible reaction to form hydrogen iodide gas, HI(g). 
The forward reaction is exothermic. (7.4) QQ BD 

(a) Write a balanced chemical equation for this 
chemical reaction system. 

(b) If more iodine gas is added after the reaction 
reaches equilibrium, predict whether the reaction 
will shift to the right or the left. Explain. 

(c) If thermal energy is added after the reaction 
reaches equilibrium, is the reaction likely to shift 
to the left or the right? Explain. 


32. In a closed container, the chemical reaction system 
represented by the following equation progresses to 
equilibrium: 

N204(g) ^2N02(g) 

The volume of the container is decreased. Predict 
the direction in which the equilibrium will shift and 
explain why. (7.4) QQ BD 

33. Sulfur dioxide gas, S02(g), and oxygen gas, 02(g), 
combine in a reversible reaction to form sulfur trioxide 
gas, S03(g). If more sulfur trioxide gas is added after 
the reaction reaches equilibrium, predict whether the 
equilibrium will shift and, if so, in which direction. 
Give reasons for your prediction. (7.4) BID ESI 

34. Figure 2 shows the changes in concentrations of 
three substances, X, Y, and Z, as they take part in a 
chemical reaction that reaches equilibrium. All three 
substances are gases. (7.4) BD B 


Reaction Progress 



(a) Write an equation to describe the equilibrium. 

(b) Predict how the graph will change if more of 
compound Z is added at 10 min. Give reasons for 
your prediction. 

35. Why are catalysts added to some industrial processes 
that involve an equilibrium? (7.4) OB 

36. Suppose that the chemical reaction system 
represented by the equation below is at equilibrium. 
How will the addition of argon, Ar(g), affect the 
chemical reaction system? (7.4) BB BD 
2H2S(g)^2H2(g) + S2(g) 

37. The following are the values of the equilibrium constant, 
K, for four different chemical reaction systems. For 
each of the chemical reaction systems, describe the 
equflibrium position of the given temperature as mostly 
products, mostly reactants, or equal concentrations of 
reactants and products. (7.5) BID 

(a) K = 10“i^ at 25 °G (c) K = at -5 °G 

(b) K = 10^ at -109 °G (d) K = 10“^ at 554 °G 
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38. Explain the difference between the reaction quotient, 
Q, and the equilibrium constant, K. (7.5) QQ E21I 

39. The chemical reaction system that can be used 
to produce the biofuel methanol, CH30H(g), is 
represented by the following equation: 

2 H.ig) + CO(g) ^ CHjOHCg) 

K = 10.5 at 500 K 

When the concentrations of hydrogen, H2(g); carbon 
monoxide, CO(g); and methanol are 0.25 mol/L, 

0.25 mol/L, and 0.040 mol/L, respectively, is the system 
at equilibrium? If not, predict the direction in which 
the equihbrium will shift and explain why. (7.5) Bi 

40. A chemist is investigating the chemical reaction 
system by which nitric oxide, NO(g), is converted to 
nitrogen, N2(g), and oxygen, 02(g): 
2NO(g)^N2(g) + 02 (g) 

Initially she places 1.6 mol nitric oxide, 1.6 mol 
nitrogen, and 0.60 mol oxygen in a 1.00 L vessel. 

At equilibrium, she finds that the concentration of 
nitric oxide is 1.4 mol/L. Calculate the equilibrium 
constant, K, for this chemical reaction system. 

(7.5) Bi 

41. A team of researchers is investigating the effect of 
temperature on the reversible reaction in which 
carbon monoxide gas, CO(g), and water vapour, 
H20(g), are converted to hydrogen gas, H2(g), and 
carbon dioxide gas, C02(g). In one trial, the initial 
concentrations of reactants and products they place in 
a sealed vessel are carbon monoxide gas, 0.80 mol/L; 
water vapour, 2.40 mol/L; carbon dioxide, 0.62 mol/L; 
and hydrogen, 0.50 mol/L. The temperature in the 
vessel is maintained at 1000 °C and the reaction is 
allowed to come to equilibrium. They determine that 
the equilibrium concentration of carbon dioxide gas is 
0.92 mol/L. Find the value of the equilibrium constant, 
K, for this chemical reaction system. (7.5) Bi 

42. Initially, 1.00 mol each of gaseous carbon dioxide, 
C02(g), and hydrogen, H2(g), is injected into a 10.0 L 
reaction chamber at 986 °C. What is the predicted 
concentration of each entity at equilibrium? The 
balanced equation for the chemical reaction system is 
C02(g) + H2(g)^CO(g) + H20(g) 

K= 1.60 at 986 °C (7.5) m 

43. At the beginning of an investigation, 0.50 mol of 
iodine gas, 12(g), and 0.50 mol of chlorine gas, Cl2(g), 
are placed into a 2.00 L reaction vessel at 25 °C. Find 
the concentrations of all entities at equilibrium for 
the chemical reaction system given by the following 
balanced equation; 

12(g) + Cl2(g)^2ICl(g) 

K= 81.9 at 25 “C (7.5) m 


44. The equilibrium constant, K, is 4.20 X 10“® at a 
temperature of 1100 K for the chemical reaction 
system represented by the following equation: 
2H2S(g)^2H2(g) + S2(g) 

What is the predicted equilibrium concentration of 
S2(g) if an initial quantity of 0.200 mol of H2S(g) is 
added to a sealed 1.00 L vessel at 1100 K? (7.5) Bi 

45. Hydrogen chloride gas, HCl(g), decomposes into its 
elements according to the balanced equation 
2HCl(g)^H2(g) + Cl2(g) 

The equilibrium constant, K, is 3.2 X 10“^^ at 25 °C. 
Calculate the equilibrium concentrations of all 
entities if 2.00 mol hydrogen chloride gas is initially 
placed in a closed 1.00 L vessel. (7.5) Bi 

46. Solid zinc hydroxide, Zn(OH)2(s), dissolves in water 
to form zinc ions, Zn^^(aq), and hydroxide ions, 
OH-(aq): 

Zn(OH)2(aq)^^Zn2+(aq) + 2 0H“(aq) 

(a) Write the expression for the solubility product 
constant, of zinc hydroxide. 

(b) If the value of the solubility product constant, 

K^, for zinc hydroxide is 7.7 X 10“^^ at 25 °C, 
calculate the molar solubility of zinc hydroxide at 
25 °C. (7.6) m 

47. A student mixes two solutions: 10.0 mL of 
0.0040 mol/L lead(II) nitrate, Pb(N03)2(aq), and 
15.0 mL of 0.25 mol/L potassium chloride, KCl(aq). 

If the solubility product constant, for lead(II) 
chloride, PbCl2, is 1.2 X 10“^ at 25 °C, will a 
precipitate form when these two solutions are 
mixed? Why? (7.6) Bi 

Analysis and Application 

48. Use the concept of dynamic equilibrium to explain 
why a bottle of pop stays carbonated longer if the 
bottle cap is replaced after opening (Figure 3). 

(7.1) Bi 



Figure 3 
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49. A student mixes two solutions in a dish and notices 
that bubbles are produced and a colour change 
occurs. After a few minutes, the bubbles stop and 
the colour has reached a constant shade. The student 
concludes that the reaction has reached equilibrium. 
Do you agree? Explain your reasoning. (7.1) EBl 

50. Fluoride toothpastes have been developed to reduce 
the incidence of dental cavities. These toothpastes 
supply fluoride ions, F“, which replace hydroxide ions, 
OH“, in solid hydroxyapatite, Ca5(P04)3(0H)(s), 

in teeth. The resulting compound is fluorapatite, 
Ca5(P04)3F(s). Given this information, do you 
think the equilibrium constant for the dissolution 
of fluorapatite is higher or lower than that of 
hydroxyapatite? Explain your reasoning. (7.2) BD D 

51. A chemist places 1 mol each of nitrogen, N2(g), and 
hydrogen, H2(g), in a sealed vessel. The reactants 
undergo a reversible reaction: 

N2(g) + 3H2(g)^2NH3(g) 

Determine the amount of ammonia, NH3(g), that 
would form if x mol of hydrogen, H2(g), is consumed 
in the reaction. (7.2) Dl 

52. An investigator gathers the data in Table 1 by 
carrying out the reaction represented by the following 
equation: 

PCI5 (g) ^ PCI3 (g) + CI2 (g) 

Table 1 Observed Equilibrium Concentrations 


Trial 

[PCi5(g)] 

[PCi3(g)] 

[Ci2(g)] 

1 

0.023 

0.23 

0.55 

2 

0.010 

0.15 

0.37 

3 

0.085 

0.99 

0.47 

4 

1.00 

3.66 

1.5 


(a) Show that the data in Table 1 are consistent with 
the equilibrium law. 

(b) What is the equilibrium constant for this 
reaction? (7.2) DU D 

53. The Haber synthesis of ammonia, NH3(g), is 
represented by the equation below: 

N2(g) + 3 H2(g) ^2 NH3(g); AH = -92 kj 
Le Chatelier’s principle predicts that the equilibrium 
concentration of ammonia, NH3(g), will be greater 
at high pressure and low temperature. In industrial 
production of ammonia, this reaction is typically carried 
out at 500 °C and 200 atm. Under these conditions, 
the equilibrium chemical reaction system proceeds to 
about 15 % completion. Using collision theory, explain 
why lower temperatures are not used. (7.3, 7.4) DD 


54. In a chemical manufacturing process that involves a 
system at equilibrium, the reactants are continually 
added and the products are continually removed 

to maximize yield. Explain why both steps are 
necessary, using Le Chatelier s principle. (7.4) EZa D 

55. Myoglobin is a protein present in muscle that binds 
oxygen more tightly than hemoglobin. It functions to 
store oxygen within muscle to ensure that a sufficient 
oxygen reserve is readily available. Relate your 
understanding of the magnitude of the equilibrium 
constant, K, to the differences in function of 
hemoglobin (as a transporter of oxygen from lungs) 
and myoglobin (as an oxygen storage reservoir). Why 
is the equilibrium constant for hemoglobin binding 
to oxygen lower than the equilibrium constant for 
myoglobin binding to oxygen? (7.4) Dl D 

56. The reaction between sulfur dioxide, S02(g), and 
oxygen, 02(g), to form sulfur trioxide, S03(g), is 
reversible. The following equation represents this 
chemical reaction system: 

2 S02(g) + 02(g) 2 S03(g) AH = - 196 kJ 

This chemical reaction system is used during the 
industrial production of sulfuric acid. The reaction is 
carried out at a temperature of 450 °C and a pressure 
of 2 atm, and in the presence of a catalyst. A chemical 
engineer suggests that money might be saved by 
eliminating the catalyst and raising the temperature 
of the reaction. Is the engineer s suggestion valid? 
Explain your reasoning. (7.4) EZD D 

57. Some equilibria are described as being “weak” 
because very little product is present in these systems 
at equilibrium. Predict the magnitude of the values 
of the equilibrium constant, K, for these chemical 
reaction systems. (7.5) BD 

58. Water hardness is caused by the presence of Ca^'*' 
and Mg^^ ions. One way of removing these ions is 
to add sodium carbonate, Na2C03(s), which causes 
precipitation of calcium carbonate, CaC03(s), and 
magnesium carbonate, MgC03(s). A 5.0 L volume 
of water has a Ca^'*' concentration of 0.0040 mol/L. 
What is the maximum mass of sodium carbonate 
that can be added to this volume without causing 
any precipitate to form? The for CaC03(s) is 
4.8 X 10"® at 25 °C. (7.6) D 

59. Name two examples of compounds that, when added 
to a solution containing barium sulfate, BaS04(aq), 
will decrease the solubility of barium sulfate. Explain 
your answer. (7.6) BD D 
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60. The temperature of groundwater that circulates 
through rock near volcanoes may be increased by 
thermal energy released from the hot rock beneath 
the volcano. This heated water can flow through rock 
below the ground and, in the process, dissolve some 
of the minerals in the rock. When the water rises to 
the surface and cools, the minerals precipitate out to 
form deposits around many hot springs (Figure 4). 
Use your understanding of solubility to explain these 
observations. (7.6) Bi D 



Figure 4 The precipitation of minerals gives many hot springs 
beautiful colours. 


Evaluation 

61. During a class presentation, a student states that 
unsaturated solutions are in dynamic equilibrium, but 
saturated solutions are not. Do you agree or disagree 
with the student’s statement? Make a diagram to 
support your answer. (7.1, 7.2, 7.6) E2i B 

62. Many, but not all, industrial chemical processes 
involve catalysts. Do you think that chemical 
engineers should focus on identifying catalysts for all 
industrial processes? Defend your answer. (7.3) ESI 

63. While searching the Internet for information on 
chemical reactions, you find a website that includes 
the following statement: “There are many ways to 
shift a chemical equilibrium toward the products of 
a reaction. Increasing temperature and decreasing 
pressure are two examples of changes that will 
cause equilibrium to shift toward the products.” 

Do you think the person who wrote this website has 
a complete understanding of chemical equilibria? 
Defend your answer. (7.4, 7.5, 7.6) ESI 


Reflect on Your Learning 

64. Which concepts in this chapter did you find most 
interesting? Why? D 

65. Describe three ways the information in this chapter 
can help you understand things you observe in your 
everyday life. Do you think that your understanding 
of chemical equilibrium will change any of your 
behaviours? If so, which ones? D 

66. Identify two concepts from this chapter that you had 
a hard time understanding. How can you improve 
your understanding of these concepts? B 

Research web link 

67. Create a poster describing why ammonia is important 
in maintaining the global food supply. B B 

68. As a scuba diver descends, the surrounding water 
pressure increases. This forces more nitrogen, N2(g), 
in the compressed air the diver is breathing to 
dissolve in the diver’s bloodstream: 

N2(g)^^N2(aq) 

“The bends,” or decompression sickness, can occur if 
the diver ascends to the surface too quickly. Nitrogen 
narcosis is another condition that results from the 
increased solubility of nitrogen in the blood at high 
pressures. Research the causes, symptoms, and 
methods used to combat the bends and nitrogen 
narcosis in divers. Write a short report summarizing 
your findings. B D 

69. Research the equilibrium process involved in 
stalactite and stalagmite formation in limestone 
caves. Write a balanced chemical equation to 
describe what happens during the formation of these 
structures. Explain how Le Chatelier’s principle is 
involved. B B 

70. Research the use of cobalt chloride as an indicator 
for humidity. Explain the chemical reaction that 
underlies this process. What property of the system 
is used to indicate the level of humidity? If possible, 
find an example of a product that illustrates this 
application. Present your findings in a short written 
or oral report. B D 

71. According to his Nobel lecture, Fritz Haber wanted 
to find an economical process for fixing nitrogen to 
make fertilizer. Compare the amount of ammonia 
being used today for fertilizer to the other uses of 
ammonia. What are the five chief uses of ammonia 
other than fertilizer? D B 
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Acid-Base Equilibrium 



How Do Acids and Bases Affect Industrial 
Processes, Living Organisms, and the 
KEY CONCEPTS Environment? 


After completing this chapter you will 
be able to 

• explain how acids, bases, and 
buffers affect, and are used in, 
our daily lives 

• use the concept of equilibrium to 
compare strong and weak acids 
and bases 

• explain equilibrium expressions, 
such as Aw, Aa, and A’b 

• use key terms to communicate 
ideas, procedures, and results 
related to acid-base equilibrium 
and systems 

• solve equilibrium problems 
involving K^, pH, and pOH 

• predict whether a specific salt 
solution will be acidic, basic, 
or neutral 

• analyze acid-base titration 
data and determine pH at the 
equivalence point 

• describe a buffer solution 


Acids and bases are common substances with important biological, social, 
economic, and environmental implications. Acids and bases are found in many 
foods, beverages, industrial chemicals, and pharmaceuticals. For example, 
fruits, pop, salads, battery fluid, and Aspirin are common acidic substances. 
Dishwashing soap, household ammonia, milk of magnesia, and morphine are 
common bases. 

Acids and bases play important roles in the functioning of living organisms. 
For example, hydrochloric acid—produced by cells lining your stomach— 
helps digest food. Bases released into your large intestine help complete the 
digestion process. 

In the natural environment, many plants and animals use acidic or basic 
substances to defend themselves. For example, some ants spray methanoic 
acid (formic acid) at predators or prey to disable them. The plant Atropa 
belladonna (also called belladonna or deadly nightshade) produces a number 
of toxic bases that cause delirium and hallucinations. Belladonna is also the 
source of a base called atropine, which is used as a drug in the treatment of 
various nervous system disorders. 

Acid precipitation, produced by the combustion of fossil fuels, has led to 
the acidification of lakes and terrestrial ecosystems. You may have heard of 
the damage caused to the environment around Sudbury, Ontario, as a result of 
acid emissions from metal smelters nearby. Bases, such as calcium hydroxide, 
were used to counteract the destructive effects of acid precipitation on lakes 
and ponds. This treatment has contributed to the recovery of the Sudbury 
area’s ecology. 

Aqueous solutions of acids and bases are dynamic equilibria that obey the 
equilibrium law and adjust in accordance with Le Chatelier’s principle. 



Answer the following questions using your current 
knowledge. You will have a chance to revisit these questions 
later, applying concepts and skills from the chapter. 

1. Explain why the pH of pure distilled water (at SATP) is 
equal to 7. 

2. Solutions of hydrochloric acid, HCI(aq), and hydrofluoric 
acid, HF(aq), of the same concentration are not equally 
acidic. Which of the two solutions has a lower pH? Why? 


3. When equal amounts of hydrochloric acid, HCI(aq), and 
sodium hydroxide, NaOH(aq), are combined, the resulting 
solution is neutral (pH = 7). When equal amounts of 
ethanoic acid, HCjHjOjjaq), and sodium hydroxide, NaOH(s), 
are mixed, the resulting solution is basic (pH > 7). When 
equal amounts of hydrochloric acid, HCI(aq), and baking 
soda, NaHCOjjs), are mixed, the resulting solution is 
acidic (pH < 7). Try to account for these observations. 
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Mini Investigation 


Disappearing and Reappearing Ink 

Skills: Performing, Observing, Analyzing hanSk ^ 


In this investigation, you wiii make your own disappearing 
ink using an acid-base indicator calied phenoiphthaiein. You 
wiii test the ink on pieces of white cotton fabric and white 
paper. 

Equipment and Materials: chemical safety goggies; iab apron; 
100 ml graduated cylinder; 150 ml beaker; medicine dropper; 
cotton baiis or smaii paintbrush; dropper bottie containing 1 % 
phenoiphthaiein soiution (in ethanol) ® ; swatch of white cotton 
fabric; white paper; 10 ml ammonia soiution, NHjIaq) (0.1 moi/L); 
10 ml sodium hydroxide soiution, NaOH(aq) (0.1 moi/L) @ 

Sodium hydroxide is corrosive. Avoid skin or eye 
contact. Shouid sodium hydroxide come in contact 
with your skin or eyes, wash the affected area for 
15 min with cooi water and inform your teacher. 

Phenoiphthaiein solution is fiammabie. Keep it away from 
open fiames. 

1. Put on your chemicai safety goggies and iab apron. 

2. Measure 60 mL of water in a graduated cyiinder, then 
transfer the water into a 150 mL beaker. 


3. Add 2-3 drops of 1 % phenoiphthaiein solution to the 
water in the beaker and stir. 

4. Measure 30 mL of sodium hydroxide soiution. Add this to 
the mixture in the beaker, and stir. 

5. Piace a few drops of the soiution from Step 4 on the 
swatch of white fabric to create a visible spot. Observe 
for a few minutes. Record your observations. 

6. Dampen a cotton bail with ammonia solution and brush it 
over the spot created in Step 5. Observe. 

7. Piace a drop of the soiution from Step 4 on the white 
paper and observe for a few minutes. Record your 
observations. 

8. Dispose of any remaining soiution and ciean your work 
area as directed by your teacher. 

A. Summarize your observations of the “ink” spots, qq 

B. Why does the ink disappear in Step 5? OQ 

C. Why did the ink reappear when mixed with ammonia 
soiution in Step 6 ? qq 

D. Suggest reasons for your observations in Step 7. m 
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The Nature of Acids and Bases 

People first recognized acids as a class of substances that taste sour. Vinegar tastes sour 
because it is a dilute solution of acetic acid. The sour taste of lemons is caused by citric 
acid. Bases, sometimes called alkalis, are characterized by their bitter taste and slippery 
feel. Commercial preparations for unclogging drains are highly basic. Scientists have 
studied acids and bases for over 200 years and have developed several theories that help 
explain what acids and bases are and why they behave the way they do. We will examine 
two acid-base theories: the Arrhenius theory and the Bronsted-Lowry theory. 


The Arrhenius Theory of Acids and Bases 



Figure 1 In 1903, Svante Arrhenius 
won a Nobel Prize in Chemistry for his 
proposal that ionic substances spiit into 
charged ions when they dissoive in water. 

Arrhenius theory a theory stating that, 
in an aqueous solution, an acid is a 
substance that produces hydrogen ions 
and a base is a substance that produces 
hydroxide ions 


The first person to recognize the essential nature of acids and bases was the Swedish 
chemist Svante Arrhenius (1859-1927) (Figure 1). Arrhenius performed experi¬ 
ments and explained his observations by suggesting that acids produce hydrogen 
ions, H’''(aq), in aqueous solution. A hydrogen ion is a hydrogen atom without an 
electron. In essence, a hydrogen ion is a proton. Arrhenius also proposed that bases 
produce hydroxide ions, OH“(aq), when they dissolve. This explanation is known as 
the Arrhenius theory of acids and bases. 

According to the Arrhenius theory, hydrogen chloride, HCl(g), is an acid because 
when it dissolves in water it produces hydrogen ions, H'''(aq), and chloride ions, 
Cr(aq). The dissolved hydrogen ions give the solution its acidic properties (for 
example, its sour taste). 

HCl(g)^H+(aq) + Cl-(aq) 

According to the Arrhenius theory, sodium hydroxide, NaOH(s), is a base because 
when it dissolves in water it dissociates into sodium ions, Na'‘'(aq), and hydroxide 
ions, OH“(aq). The hydroxide ions give the solution its basic (alkaline) properties 
(for example, its bitter taste and slippery feel). 

NaOH(s) ^^Na+(aq) + OH“(aq) 

The Arrhenius theory was a major step forward in explaining acid-base chemistry. 
However, this theory is limited because it allows for only one kind of base—compounds 
containing the hydroxide ion—and it assumes that all acid-base reactions occur in 
aqueous solutions. Like all theories, Arrhenius’s proposal was tentative and subject 
to change as further investigations produced other evidence. Indeed, later studies 
showed that basic solutions can also be formed by compounds, such as ammonia, 
NH3(aq), that do not contain the hydroxide ion. Chemists continued searching for a 
theory that explained this observation. 

The Bronsted-Lowry Theory of Acids and Bases 


Brqnsted-Lowry theory a theory stating 
that an acid is a hydrogen ion (proton) 
donor and a base is a hydrogen ion 
(proton) acceptor 


A more general explanation of acids and bases was suggested by the Danish chemist 
Johannes Bronsted (1879-1947) and the English chemist Thomas Lowry (1874-1936) 

(Figure 2). In the Bronsted-Lowry theory. 

An acid is a hydrogen ion donor. 

A base is a hydrogen ion acceptor. 

This theory applies to all of the Arrhenius acids and bases, plus some others that 
are not categorized as acids and bases under the Arrhenius definition. 


The Bronsted-Lowry Theory and Acidic Solutions 

Hydrofluoric acid, HF(aq), is typically produced by dissolving gaseous hydrogen 
fluoride, HF(g), in water. The Arrhenius theory predicts that hydrogen ions and 
fluoride ions will be produced. Experimental evidence suggests, however, that the 
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hydrogen ion is not stable on its own. Rather, the hydrogen ion appears to react with a 
water molecule. When hydrogen fluoride dissolves in water, therefore, each hydrogen 
fluoride molecule reacts with a water molecule to form a hydronium ion, H30'''(aq), 
and a fluoride ion, F“(aq) (Figure 3). The oxygen atom of the water molecule pulls 
a hydrogen ion away from the hydrogen fluoride molecule, leaving behind a fluoride 
ion. Thus, in this reaction, hydrogen fluoride is an acid according to the Bronsted- 
Lowry theory because it “donates” the proton that bonds with the water molecule 
to form the hydronium ion. Water is a Bronsted-Lowry base because it “accepts” a 
proton from the hydrogen fluoride molecule. The water molecule acts as a Bronsted- 
Lowry base in this reaction because its oxygen atom has lone electron pairs. One of 
these electron pairs forms a coordinate covalent bond with the “donated” hydrogen 
ion, forming a hydronium ion. 


o 

(a)^^ 







H-F: + 

Jo: 


>0-H 





HF(g) 

H20(I) 

F-(aq) 

H30+(aq) 

hydrogen 

water 

fiuoride 

hydronium 

(b) fiuoride 


ion 

ion 


Figure 3 The Bronsted-Lowry theory explaining the reaction of hydrogen fluoride with water can 
be iiiustrated as (a) a space-fiii representation or (b) Lewis structures. 

As Figure 3 illustrates, the reaction of hydrogen fluoride and water is reversible 
and results in a dynamic equilibrium in an aqueous solution. The dissolved hydro¬ 
nium ions are responsible for the solutions acidic properties. 

In general, Bronsted-Lowry bases contain at least one atom with one or more lone 
electron pairs (most often, O, N, or P). 

The Bronsted-Lowry Theory and Basic Solutions 

When gaseous ammonia, NH3(g), dissolves in water, ammonia molecules react 
with water molecules, producing a dynamic equilibrium. In this reaction, a water 
molecule donates a hydrogen ion to the ammonia molecule, forming an ammonium 
ion, NH4’^(aq), and a hydroxide ion, OH“(aq) (Figure 4). Thus, the water molecule 
acts as an acid (a proton donor) and the ammonia acts as a base (a proton acceptor) 
according to the Bronsted-Lowry theory. The hydroxide ions are responsible for the 
solutions basic properties. 

NH3(g) -L H20(l)^^NH4+(aq) -L OH“(aq) 


hydronium ion a water molecule that has 
accepted a hydrogen ion, HjO^ 



Figure 2 (a) J. Brensted (1879-1947) 
and (b) T. Lowry (1874-1936) proposed 
new acid-base theories centred on 
hydrogen ion transfer. 


W-'* • 
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H 



H 1 + 

I 

H—N—H + 

I 

H 




NH3(g) HjOd) 

(b) ammonia water 


NH4^(aq) 
ammonium ion 


OH-(aq) 
hydroxide ion 


Figure 4 The Bronsted-Lowry theory explaining the reaction of ammonia with water can be 
illustrated as (a) a space-fill representation or (b) Lewis structures. 
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conjugate acid the substance that forms 
when a base, according to the Bronsted- 
Lowry theory, accepts a hydrogen ion 
(proton) 

conjugate base the substance that 
forms when an acid loses a hydrogen 
ion (proton) 


conjugate acid-base pair two 

substances related to each other by 
the donating and accepting of a single 
hydrogen ion 


Conjugate Acid-Base Pairs 

Since acid-base reactions are reversible, a hydrogen ion (proton) transfer may occur 
in the forward reaction and also in the reverse reaction. Thus, there is a Bronsted- 
Lowry acid (hydrogen ion donor) and a Bronsted-Lowry base (hydrogen ion 
acceptor) on each side of the reaction equation. Imagine the equilibrium reaction of 
a hypothetical acid, HA(aq), with water to form an acidic solution (Figure 5(a)). This 
reaction system is represented by the equation 

HA(aq) + H20(l) A“(aq) + H30+(aq) 

In the forward reaction, the acid molecule donates a hydrogen ion to a water 
molecule, which acts as a base. This results in the formation of an anion, A“(aq), 
and a hydronium ion, H30'''(aq). In the reverse reaction, the hydronium ion transfers 
a hydrogen ion to the A“(aq) ion. Now the hydronium ion acts as an acid (called a 
“conjugate acid”) and the A“(aq) ion acts as a base (called a “conjugate base”). In 
general, a conjugate acid is an acid formed when a base accepts a hydrogen ion from 
an acid. A conjugate base is a base formed when an acid loses a hydrogen ion to a base. 

Similarly, imagine the equilibrium reaction of a hypothetical base, B(aq), with water 
to form a basic solution (Figure 5(b)). 

B(aq) + H20(l)^^HB+(aq) + OH-(aq) 

In the forward reaction, the base molecule takes a hydrogen ion from a water mol¬ 
ecule, which acts as an acid. This results in the formation of a cation, HB'''(aq) (the 
conjugate acid), and a hydroxide ion, OH“(aq) (the conjugate base). 


• # 


HA(aq) 

acid 

H^Ojl) 

base 

A“(aq) 

conjugate 

t 

HjO+laq) 

conjugate 

acid 

t 

o 

# 

-1- 

11 

• 

B(aq) 


HB+(aq) 

OH-(aq) 

base 

acid 

conjugate 

conjugate 

1 

1 

acid 

base 

1 

1 

t 



Figure 5 Note the conjugate acid-base pairs in the equations representing the reactions between 
(a) a hypothetical acid, HA(aq), and water and (b) a hypothetical base, B(aq), and water. 


For any acid-base reaction, there will always be one conjugate acid-base pair made 
up of an acid and its conjugate base and another conjugate acid-base pair made up of a 
base and its conjugate acid. Within each pair, the formulas differ only by a hydrogen ion. 

The Bronsted-Lowry Theory and Non-aqueous Reactions 

The Arrhenius theory assumes that acid-base reactions occur in aqueous solutions. 
The Bronsted-Lowry theory is not limited to aqueous solutions because it can be 
extended to reactions in other states. For example, consider the reaction between 
gaseous hydrogen chloride and gaseous ammonia: 

HCl(g) + NH3(g)^^NH4Cl(s) 

In this reaction, the hydrogen chloride molecule donates a hydrogen ion to the 
ammonia molecule (Figure 6). An ammonium ion and a chloride ion are produced. 
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These ions form ammonium chloride crystals (Figure 7). According to the Arrhenius 
concept this is not considered an acid-base reaction because neither hydrogen ions 
nor hydroxide ions are produced. However, according to the Bronsted-Lowry theory 
it is an acid-base reaction: hydrogen chloride is an acid, ammonia is a base, NH4^ is 
a conjugate acid, and Cl“ is a conjugate base. 


•© 
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1^ .. 

H—N: + H-Cl: 

I 

H 

NH3(g) HCl(g) 


H 

I 

H —N —H 

I 

H 




nh4+(s) cr(s) 

conjugate acid conjugate base 


Figure 6 Ammonia reacts with hydrochloric acid to form ammonium ions and chloride ions. 


Amphiprotic (Amphoteric) Substances 

Note that a substance can be classified as an acid or base, according to the Bronsted- 
Lowry theory, only for a specific reaction. A substance may act as an acid in one 
reaction and a base in another reaction. For example, in the reaction of hydrogen 
fluoride with water (Figure 3), water acts as a base, but in the reaction of ammonia 
with water (Figure 4), water acts as an acid. A substance that may act as a Bronsted- 
Lowry acid in some reactions and as a Bronsted-Lowry base in others is called 
amphiprotic (or amphoteric). Both water and the hydrogen carbonate ion, HC03“(aq), 
are amphiprotic: 

HC03“(aq) + H20(l) ^^H2C03(aq) + OH"(aq) 
base acid conjugate conjugate 

acid base 



Figure 7 When gaseous hydrogen 
chloride and ammonia meet in a tube, 
a white disc of ammonium chloride 
crystals, NH4CI(s), forms. 

amphiprotic (amphoteric) able to donate 
or accept a hydrogen ion (proton) and thus 
act as both a Bronsted-Lowry acid and a 
Bronsted-Lowry base 


HC 03 -(aq) + H20(l) 
acid base 


^^C032-(aq) + H30 + (aq) 
conjugate conjugate 

base acid 


Tutorial 1 Acid-Base Pairs and Amphiprotic Entities 


In this tutorial, you will identify conjugate acid-base pairs and amphiprotic entities in 
acid-base reactions. 

Sample Problem 1: Identifying Conjugate Acid-Base Pairs 

Use the Bronsted-Lowry theory to identify the acid, the base, the conjugate acid, and the 

conjugate base in the reaction represented by the following equation: 

HCjHaOjfaq) + HjOO) ^ H 30 +(aq) + C 2 H 302 -(aq) 

Solution 

Remember that, according to the Bronsted-Lowry theory, an acid donates hydrogen ions 
and a base accepts them. HC2H302(aq) donates a hydrogen ion. Therefore, HC2H302(aq) is 
the acid in this reaction. Its conjugate base is C2H302“(aq). H20(l) accepts the hydrogen ion, 
so H20(l) is the base in this reaction. Its conjugate acid is H30+(aq). 

HC2H302(aq) + H20(l) ^ H30+(aq) + C2H302“(aq) 
acid base conjugate conjugate 

acid base ^ 
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Sample Problem 2: Explaining Amphiprotic Entities 

Explain why the hydrogen carbonate ion, HC03“(aq), is amphiprotic, but the fluoride ion, 

F“(aq), is not. 

Solution 

The hydrogen carbonate ion, HCOa'Iaq), may gain a proton, H'^(aq), to become carbonic 
acid, HjCOaiaq). Alternatively, the hydrogen carbonate ion may lose a proton to become 
the carbonate ion, C03^“(aq). The fluoride ion, F“(aq), may accept a proton to become a 
hydrofluoric acid, HF(aq). However, the fluoride ion, F“(aq), cannot lose a proton since it 
does not have a proton to lose. 



Standard Conditions 

Unless stated otherwise, conditions 
in problems in this chapter are SATP: 
25 “CandlOOkPa. 


acid ionization constant (IQ the equilibrium 
constant for the ionization of an acid; also 
called the acid dissociation constant 


Table 1 Some Acid Ionization Constants 


Acid 

Acid 

ionization 

constant, 

hydrocyanic, HCN(aq) 

6.2 X 10-^“ 

benzoic, HCeHgCOsfaq) 

6.3 X 10’= 

propanoic, HCjHjOjfaq) 

1.3 X 10'= 

ethanoic (acetic), 
HC2H302(aq) 

1.8 X 10'= 

hydrofluoric, HF(aq) 

6.6 X lO''' 

nitrous, HN02(aq) 

4.6 X lO''' 

methanoic (formic), 
HCH02(aq) 

1.8 X lO''' 


Practice 

1. Identify the acid, the base, the conjugate acid, and the conjugate base in the 
equilibrium reactions represented by the following equations: m 

(a) HCHOsCaq) + HjOO) CHOj'Caq) + H30 + (aq) 

(b) C6H5NH3+(aq) + HjOO) C6H5NH2(aq) + H30 + (aq) 

(c) H2C03(aq) + OH-(aq) ^^HC03“(aq) + HjO® 

(d) HS04“(aq) + HP04^“(aq)^^H2P04“(aq) + S04'-(aq) 

(e) HS04-(aq) + HCI(aq) ^^C|-(aq) + H2S04(aq) 

2. Explain why the hydrogen sulfate ion, HS04“(aq), is amphiprotic. m 


The Acid Ionization Constant, 


The reaction of a weak acid, HA, with water forms a dynamic equilibrium involving 
H30^ and a conjugate base, A“: 

HA(aq) + H20(l) ^^H30 + (aq) + A-(aq). 

We may write an equilibrium law equation for this reaction. The equilibrium con¬ 
stant, K^, is called the acid ionization constant. is used for reactions in which an acid, 
HA(aq), reacts with water to form a conjugate base, A“(aq). 

[H 30 +(aq)][A“(aq)] 

[H20(l)][HA(aq)] 


We can simplify this equation in two ways: 

First, we know that water plays an important role in causing the acid to ionize. As 
you read earlier, hydrogen ions, H'^(aq), do not exist as individual ions in aqueous 
solution; rather, every hydrogen ion is bound to a water molecule as a hydronium ion, 
H30^(aq). However, for convenience, we can write the reaction equation as though 
the acid, HA(aq), simply separates into H’''(aq) and A“(aq) ions: 

HA(aq)^H + (aq) + A-(aq) 


Second, in Chapter 7 you learned that if the concentration of a chemical substance 
remains constant during a reaction, that substance is omitted from the equilibrium 
law equation. In a dilute solution, we can assume that the concentration of liquid 
water remains essentially constant when an acid is dissolved. Thus, H20(l) is omitted 
from the equilibrium law equation. 

The equilibrium law equation, with these modifications included, is called the acid 
ionization constant equation and is written as follows: 

[H+(aq)][A"(aq)] 

= - f --where [H'^(aq)] is equivalent to [H30’^(aq)] 

LHA(aqjJ 


Table 1 shows acid ionization constants (K^ values) for several acids. 
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Tutorial 2 Writing Acid Ionization Constant Equations 


In this tutorial, you will write acid ionization constant equations for different reactions. 

Sample Problem 1: Writing /Q Equations 

(a) Write the acid ionization constant equation for the equilibrium reaction of nitrous acid, 
HN02(aq), with water. 

(b) Write the acid ionization constant equation for the equilibrium reaction of ethanoic 
acid and water: 

HC 2 H 302 (aq)^H^(aq) + C 2 H 302 -(aq) 

Solution 

(a) First write the equilibrium reaction equation for the ionization of nitrous acid in water. 
You may write the equation with H1(aq) or H301(aq). Both reaction equations with 
their corresponding ionization constant equations are shown beiow. Both are correct. 
Remember not to include the concentration of H20(l) in acid ionization constant 
equations. 

HN02(aq) + H 20 (l)^^H 30 + (aq) + N02“(aq) 

[H 30 +(aq)][N 02 ~(aq)] 

^ [HN02(aq)] 

or 

HNOjCaq) =^^H'^(aq) + N02“(aq) 

[H^(aq)][N02-(aq)] 

[HN02(aq)] 

[H^(aq)][C 2 H 302 -(aq)] 

[HC2H302(aq)] 


Practice 

1. Write acid ionization constant equations for the following acids at equilibrium: qq 

(a) hydrocyanic acid, HCN(aq) 

(b) nitrous acid, HN02(aq) 

(c) HS04-(aq) 

A Competition for Protons 

Recall that, in the general equation for the reaction of an acid with water, there are 
always two bases: 

HA(aq) + H^OO) H30+(aq) + A-(aq) 

acid base conjugate conjugate 

acid base 

It is important to note that these two bases, H20(l) and A“(aq), compete for the 
hydrogen ion. If H2O has a much greater affinity for H'*' than does A“ (if it is a 
stronger base), the equilibrium position will be far to the right. Most of the dissolved 
acid will be in the ionized form, A“(aq). Conversely, if A“ is a much stronger base 
than H2O, then the equilibrium position will lie far to the left. As a result, most of the 
dissolved acid will be present at equilibrium as HA(aq) molecules. 

Note that, since these equations represent equilibrium reaction systems, calling 
the entities on the left of the arrow “acid” and “base” and the entities on the right 
“conjugate acid” and “conjugate base” is arbitrary. It is equally correct to call the enti¬ 
ties on the right of the arrow "base” and “acid” and the entities on the left “conjugate 
base” and “conjugate acid.” 
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Summary 

• According to the Arrhenius theory, in aqueous solution an acid produces 
hydrogen ions, H’*', and a base produces hydroxide ions, OH“. 

• According to the Bronsted-Lowry theory, an acid is a hydrogen ion (proton) 
donor and a base is a hydrogen ion acceptor. 

• When an acid, HA, reacts with water, the water acts as a base and forms a conjugate 
acid, HjO^. The acid forms a conjugate base, A“, according to the equation 

HA(aq) + H20(l) ^^H30+(aq) + A-(aq) 

• The acid equilibrium constant, K^, is represented by 


UNIT TASK BOOKMARK 


In the Unit Task outlined on page 582 
you will investigate a consumer product 
that is acidic or basic. You may use the 
information on the nature of acids and 
bases in this section as you work on 
the Unit Task. 




[H 30 "(aq)][A-(aq)] 

[HA(aq)] 


, which may be simplified as 


[H+(aq)][A (aq)] 
[HA(aq)] 


Questions 


1. Define or illustrate the meaning of the following 
terms: QQ 

(a) (d) hydroxide ion 

(b) amphiprotic (e) conjugate acid 

(c) hydronium ion (f) conjugate base 

2. How does the hydrogen ion concentration compare 
with the hydroxide ion concentration if a solution is 

(a) neutral? 

(b) acidic? 

(c) basic? BQ 

3. Differentiate between the following: BID 

(a) an Arrhenius acid and an Arrhenius base 

(b) a Bronsted-Lowry acid and a Bronsted-Lowry 
base 


4. Write the equilibrium equation for the reaction of 
each of the following substances in water. Include 
hydronium ions in your equations. BB 

(a) HF (c) HC03“ 

(b) HNO2 (d) HCN 


Create a table with the following column headings: 
Substance, Arrhenius theory, and Bronsted- 
Lowry theory. Complete the table with each of the 
substances listed, stating whether each is an acid, 
a base, or both under the two acid-base theories. 
Explain your answers. 


(a) NH4+(aq) 

(b) NH3(aq) 

(c) H20(1) 

(d) C2H302“(aq) 

(e) H3P04(aq) 


(f) Ca(OH)2(aq) 

(g) HCl(aq) 

(h) H30+(aq) 

(i) HC2H302(aq) 

(j) H2P04-(aq) 


6. Identify the acid, its conjugate base, the base, and its 
conjugate acid in the equilibrium reaction systems 
represented by the following equations: BQ 

(a) HNOjCaq) + H20(l) ^^N02~(aq) + HjO + Caq) 

(b) NH3(aq) + HjOCl) ^^NH4+(aq) + OH-(aq) 

7. Complete each equilibrium equation and then 
identify the acid, base, conjugate acid, conjugate 
base, and all amphiprotic entities. BB B 

(a) H3P04(aq) + NH3(aq) 

(b) HC02H(aq) + CN'Caq)^^ 

8. Write acid equilibrium constant equations for each 
of the following acids: BID 

(a) HF(aq) 

(b) HC03-(aq) 

(c) HC4H702(aq) 

9. For each of the following naturally occurring acids 
and bases, write the Bronsted-Lowry equation for 
the reaction with water and identify the acids and 
bases: BZDD 

(a) methanoic acid (formic acid), HCH02(1), 
produced by ants 

(b) atropine, Ci7H23N03(aq), produced by the 
belladonna plant 

(c) sodium hydrogen carbonate, NaHC03(s), a 
mineral found in some types of rock 

10. A student in your class made the following 
statement: “All substances that are acids based 
on the Arrhenius theory are also acidic using the 
Bronsted-Lowry theory.” Do you agree or disagree 
with this statement? Explain. BID 
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strong and Weak Acids and Bases 

Many medicines are acids or bases. Tylenol (acetaminophen) and Aspirin (acetylsali- 
cylic acid, or ASA) are two common painkillers that are acids. The pH of a 0.25 mol/L 
solution of acetaminophen is 5.3 while the pH of an equally concentrated solution of 
ASA is 2 . 0 . Why the difference? Since the of acetaminophen is 1.2 X 10 “^° while 
the of ASA is 3.27 X 10 “^, acetaminophen is much less likely than ASA to ionize to 
form H'''(aq) ions in aqueous solution. This makes a difference to patients who need 
relief from pain but cannot tolerate additional acidity in their stomachs. 

In earlier Chemistry courses you probably learned a little about strong and weak 
acids. You may also be aware that there are strong and weak bases. What decides 
the strength of an acid or a base? This property depends on the equilibrium posi¬ 
tion of the compounds ionization reaction. Stronger acids and bases have ionization 
equilibrium positions farther to the right. Weaker acids and bases have equilibrium 
positions farther to the left. Thus, in water, strong acids or bases will ionize more than 
weak acids or bases. ASA is a stronger acid than is acetaminophen. 


Strong Acids and Weak Acids 

When acids dissolve and ionize in water, they form a dynamic equilibrium between 

reactants and products. A strong acid is an acid for which the equilibrium position in an strong acid an acid that ionizes almost 

aqueous solution lies far to the right. This means that, at equilibrium, almost all the HA 100 % in water, producing hydrogen ions 

molecules have broken apart to produce ions (Figure 1 (a)). Table 1 summarizes some 

different ways of defining a strong acid. A weak acid is one for which the equihbrium weak acid an acid that only partly ionizes 

position is far to the left. Most of the acid originally placed in the solution is HA mol- in water, producing hydrogen ions 

ecules at equilibrium. That is, a weak acid ionizes only to a very small extent in aqueous 
solution, and so exists primarily as non-ionized molecules (Figure 1 (b)). 





(b) HA(aq) HA(aq) H+(aq) A-(aq) 


weak acid 


Figure 1 (a) A strong acid is almost completely ionized in water, resulting in relatively high 
concentrations of H+(aq) and A (aq) ions and a much lower concentration of HA(aq) molecules, 
(b) A weak acid consists of a relatively high concentration of non-ionized HA(aq) molecules and 
much lower concentrations of H+(aq) and A~(aq) ions. 


Table 1 Various Ways to Describe Acid Strength 


Property 

Strong acid 

Weak acid 

Value of acid ionization constant, 

Aais large 

/fjs small 

Position of the ionization equilibrium 

far to the right 

far to the left 

Equilibrium concentration of H+(aq) 
compared with original concentration of HA 

[H^(aq)]e,uilibrium « [HA(aq)]i„i,i„ 

[H^(aq)]equilibrium « [HA(aq)]ini,ie| 
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oxyacid an acid in which the acidic 
hydrogen atom is attached to an oxygen atom 


As previously discussed, the acid ionization constant, K^, is the equilibrium con¬ 
stant for the ionization of an acid. The general equation is 

[H+(aq)][A“(aq)] 

[HA(aq)] 

where always refers to the reaction of an acid, HA(aq), with water to form the 
conjugate base, A“(aq), and the hydrogen ion, H’''(aq) (representing the hydronium 
ion, H30’''(aq)). Note that, since the concentration (density) of water is a constant, it 
is incorporated into the value of K^. Table 2 shows some values of K^. 


A 


increasing 
acid strength 


Table 2 Vaiues of /q for Some Common Acids 


Acid formula 

Name 

Value of X 3 

HCI04(aq) 

perchloric acid 

very large 

HNOgjaq) 

nitric acid 

very large 

HCI(aq) 

hydrochloric acid 

very large 

HS04-(aq) 

hydrogen sulfate ion 

1.2 X 10-2 

HCIOjlaq) 

chlorous acid 

1.2x10-2 

HF(aq) 

hydrofluoric acid 

6.6X10"* 

HNOjjaq) 

nitrous acid 

4.6 X 10"* 

HCzHgOzlaq) 

ethanoic acid 

1.8X10-= 

HCIO(aq) 

hypochlorous acid 

3.5X10-= 

HCN(aq) 

hydrocyanic acid 

6.2X10-*° 

NH4+(aq) 

ammonium ion 

5.8X10-*° 

HCO3 (aq) 

hydrogen carbonate ion 

4.7X10-** 


There is an important connection between the strength of an acid and the strength 
of its conjugate base. The stronger an acid, the weaker its conjugate base, and con¬ 
versely, the weaker an acid, the stronger its conjugate base (Figure 2 ). 


relative acid strength 


very 

weak 


weak 


very 

strong 


very 

strong 


strong 


weak 


very 

weak 


relative conjugate base strength 

Figure 2 The relationship of acid strength and conjugate base strength for the reaction 
HA(aq) -t H20(i)^^H30+(aq) -t A^(aq) 


Oxyacids and Organic Acids 

Most familiar acids are oxyacids, which have the acidic hydrogen (ionizable hydrogen) 
atom attached to an oxygen atom. Sulfuric acid is a typical example of a strong oxy¬ 
acid. Many common weak acids, such as phosphoric acid, H3P04(aq); nitrous acid, 
HN 02 (aq); and hypochlorous acid, HClO(aq), are also oxyacids. 
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You learned about organic acids—also called carboxylic acids—in Unit 1. An 
organic acid has a carbon backbone and a carboxyl group (Figure 3). Most organic 
acids are weak acids. Examples are ethanoic acid, HC2H302(aq), and benzoic acid, 
HC7H502(aq). Note that the acidic hydrogen atom is written at the beginning of the 
chemical formula. The remaining hydrogen atoms are not acidic—they do not form 
H'''(aq) in water. This varies from how you wrote formulas for organic acids in Unit 1. 

There are some important acids in which the acidic hydrogen atom is attached to 
an atom other than oxygen. The most significant of these are the acids of the halogens 
(specifically, HF(aq), HCl(aq), HBr(aq), and Hl(aq)). 

Strong Bases and Weak Bases 

Like acids, bases may be either strong or weak, depending on the position of their 
equilibrium in solution. A strong base forms an equilibrium that lies farther to the 
right (toward products) when it reacts with water. A weak base forms an equilibrium 
that lies farther to the left (toward reactants) when it reacts with water. 


organic acid an acid (except carbonic acid, 
HjCOjiaq)) containing carbon, oxygen, and 
hydrogen atoms; aiso called carboxylic acid 


\ 

0-H 

Figure 3 Organic acids (carboxylic 
acids) contain the carboxyl group. The 
hydrogen atom attached to oxygen is 
the ionizable hydrogen. 


Strong Bases 

The bases sodium hydroxide, NaOH, and potassium hydroxide, KOH, dissociate 
completely in aqueous solution to form cations and hydroxide ions, leaving virtually 
no undissociated base entities in the solution. 

NaOH(s) ^Na''(aq) + OH-(aq) 

KOH(s) ^K+(aq) + OH“(aq) 

Thus, a 1.0 mol/L sodium hydroxide solution really contains 1.0 mol/L Na'''(aq) 
and 1.0 mol/L OH“(aq). Since it dissociates completely, sodium hydroxide is called a 

strong base: a base that dissociates completely in aqueous solution. strong base a base that dissociates 

All the hydroxides of the Group 1 elements—LiOH, NaOH, KOH, RbOH, and completely in water, producing hydroxide 
CsOH—are strong bases. The Group 2 (alkaline earth) hydroxides—Ca(OH)2, Ba(OH)2, ions 

and Sr(OH)2—are also strong bases. For the Group 2 bases, 2 mol of hydroxide ions are 
produced for every 1 mol of metal hydroxide dissolved: 

Ca(OH)2(aq) ^Ca^'"(aq) + 2 0H“(aq) 

1 mol 1 mol 2 mol 

Although the alkaline earth hydroxides are strong bases, they are only slightly sol¬ 
uble. The low solubility of these bases can sometimes be an advantage. For example, 
many antacid medicines are suspensions of metal hydroxides, such as aluminum 
hydroxide, Al(OH)3(s), and magnesium hydroxide, Mg(OH)2(s). The low solubility 
of these compounds prevents a quick dissociation, which would release a high con¬ 
centration of hydroxide ions that could harm the tissues lining the mouth, esophagus, 
and stomach. Although the hydroxide compounds in the antacid do not dissolve well 
in saliva, they readily dissolve in the highly acidic solution of the stomach. This is 
because, as dissolved OH“(aq) ions react with H'''(aq) ions in stomach acid, the dis¬ 
sociation equilibrium position shifts to the right and more base dissociates. 

Calcium hydroxide, Ca(OH)2, often called slaked lime, is used in “scrubbers” 
to remove sulfur dioxide from the exhaust of power plants and reftneries. Sulfur 
dioxide, if released into the air, may react with atmospheric moisture. This reaction 
produces sulfurous acid, leading to acid precipitation. In the scrubbing process, a 
suspension of slaked lime is sprayed into the stack gases to react with sulfur dioxide 
gas according to the following reaction steps: 

S02(g) + H 20 (l)=^^H 2 S 03 (aq) 

Ca(OH)2(aq) -f H 2 S 03 (aq) CaS 03 (s) -f 2 H20(l) 

The ftnal products of these reactions—calcium sulfite and water—are less harmful to 
the environment than is sulfur dioxide. 
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weak base a base that only partially 
reacts with water to produce hydroxide 
ions 


Weak Bases 

Many compounds are bases even though they do not contain the hydroxide ion. 
These compounds increase the concentration of hydroxide ions in aqueous solution 
because of their reaction with water. In other words, these bases are Bronsted-Lowry 
bases. For example, according to the Bronsted-Lowry theory, ammonia, NH3(aq), is 
a base because it reacts with water to form aqueous hydroxide ions: 

NH3(aq) + H20(l) ^^NH/Caq) + OH“(aq) 

In this reaction, water is a Bronsted-Lowry acid and ammonia is a Bronsted-Lowry 
base. Note that even though ammonia contains no hydroxide ions, it still increases 
the concentration of hydroxide ions in solution because of its reaction with water. 
Since the equilibrium position of this reaction is far to the left, ammonia is con¬ 
sidered to be a weak base. Compounds that react with water as ammonia does are 
generally weak bases. 

Bases such as ammonia have at least one unshared pair of electrons that is capable 
of forming a coordinate covalent bond with a hydrogen ion. Figure 4 shows the reac¬ 
tion of an ammonia molecule with a water molecule. 



■ H 



H-^N —H 

-h 

1 

:o; 

. H 




Figure 4 Ammonia and water react to form ammonium ions and hydroxide ions. 


N N 

XiV /i\ 

H 3 C ‘ H H 3 C J CH 3 

methylamine dimethylamine 

(aminomethane) (methylaminomethane) 



trimethylamine pyridine 

(/V.W-dimethylaminomethane) 

Figure 5 Some examples of bases that 
do not contain hydroxide ions in their 
structures but produce hydroxide ions in 
aqueous solution by reaction with water 


base ionization constant {K^) the 

equilibrium constant for the ionization of 
a base; also called the base dissociation 
constant 


There are many bases that, like ammonia, produce hydroxide ions by reacting 
with water (Figure 5). In most of these bases, the lone pair of electrons is located on 
a nitrogen atom. 

Recall the general equation for the reaction of a base, B, with water: 

B(aq) + HpCO^^BH^Caq) + OH“(aq) 

base acid conjugate conjugate 

acid base 

Bronsted-Lowry bases react with water to produce OH“(aq) ions and a conjugate 
acid, which together determine the acid-base properties of the aqueous solution. 
Weak bases, like weak acids, form dynamic equilibria in aqueous solutions. We can 
write an equilibrium constant for the ionization of a base. 

For the reaction of a generic base with water, the equilibrium law equation, K, is 
written as follows: 

[OH-(aq)][BH+(aq)] 

-[B(aq)][H,0(l)] 

However, since the concentration (density) of water is a constant, it can be incorpo¬ 
rated into the value of K (just as it was in the equilibrium law equation for KJ. This 
yields a new constant, K^,, called the base ionization constant: 

[BH+(aq)][OH-(aq)] 

[B(aq)] 

For example, consider the ionization of ammonia in water. When ammonia reacts 
with water the equilibrium equation is as follows: 

NH3(aq) + H20(l) OH“(aq) + NH + (aq) 

The ffj, equation for this reaction is 
[OH-(aq)][NH;(aq)] 

[NH3(aq)] 
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The equilibrium position of the reaction between ammonia and water lies far to 
the left, as is the case with all weak bases. Thus, the values of ammonia and other 
weak bases tend to be small (for example, for ammonia, fCj, = 1.8 X 10“®). Table 3 
lists some common bases and their fCj, values. Weak bases are the conjugate bases of 
weak acids. For example, the ethanoate ion, C 2 H 302 “(aq), is the conjugate base of 
ethanoic acid, HC 2 H 302 (aq). Similarly, the hypochlorite ion, C10“(aq), is the conju¬ 
gate base for hypochlorous acid, HClO(aq). 


Table 3 Values of Selected Weak Bases at 25 °C 


Name of base 

Formula 

K, 

dimethylamine 

(CH3)2NH(aq) 

9.6X10“'' 

butylamine 

C4H9NH2(aq) 

5.9X10““ 

methylamine 

CHaNHjjaq) 

4.4X10““ 

aniline 

CeHjNHglaq) 

4.1 X 10“^° 

ammonia 

NH3(aq) 

1.8X10“® 

hydrazine 

N2H4(aq) 

1.7 X 10“® 

morphine 

Ci7Hi9N03(aq) 

7.5X10“' 

hypochiorite ion 

CI0“(aq) 

3.45X10“' 

pyridine 

C5H5N(aq) 

1.7 X 10“® 

ethanoate ion 

C2H3O2 (aq) 

5.6 X 10“^“ 

urea 

NHjCONHjlaq) 

1.5 X 10“'“ 


ORGANIC BASES 

An organic compound that increases the concentration of hydroxide ions in aqueous 
solution is called an organic base. All organic bases contain carbon atoms and many 
also contain nitrogen atoms. One group of organic bases is called the alkaloids. Most 
alkaloids are derived from plants, fungi, and bacteria. Many drugs are based on alka¬ 
loids. These drugs include powerful painkillers such as codeine and morphine, and 
illicit drugs such as cocaine. Caffeine and nicotine are also alkaloids. 

All of these compounds are weak organic bases because they contain at least one 
nitrogen atom with an unbonded pair of electrons that can accept a hydrogen ion, 
H’''(aq), from water, leaving behind a hydroxide ion that makes the solution more basic. 
The diagram of cocaine in Figure 6 shows the pair of electrons on the nitrogen atom. 


Water as an Acid and a Base 


Recall from Section 8.1 that water is the most common amphiprotic substance: it 
can behave as either an acid or a base. Strangely, water can behave as both an acid 
and a base in the same reaction. This reaction is called the autoionization of water and 
involves the transfer of a hydrogen ion from one water molecule to another water 
molecule. The products are a hydroxide ion and a hydronium ion (Figure 7). 



What is the or Aj, value of the 
consumer product that you have 
chosen for the Unit Task, outlined on 
page 582? 


organic base an organic compound that 
increases the concentration of hydroxide 
ions in aqueous solution 



cocaine 


Figure 6 Cocaine is an addictive 
aikaloid. 

autoionization of water the transfer of 
a hydrogen ion from one water moiecule 
to another 


Figure 7 Two water molecuies must collide in exactly the right orientation to form a hydronium ion 
and a hydroxide ion. 
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ion-product constant for water {IQ the 

equilibrium constant for the autoionization 
of water 


In this reaction, one water molecule acts as a Br 0 nsted-Lowry acid by releasing 
a hydrogen ion, and the other acts as a Bronsted-Lowry base by accepting the 
hydrogen ion. We can write a chemical equation for the autoionization of water: 
2 H 20 (l)^^H 30 +(aq) + OH-(aq) 

Since this is an equilibrium reaction, we can write an equilibrium law equation: 

_ [H 30 +(aq)][ 0 H-(aq)] 

[H^Od)]^ 

As always, we omit [H20(l)], leaving the following simplified equation: 

JC= [H 30 + (aq)][0H-(aq)] 

This constant is called the ion-product constant for water, K„. We can also write IQ in 
an even simpler way if we use instead of H 30 ’'': 

= [H+(aq)][0H-(aq)] 

Experiments show that, at 25 °C in pure water, 

[H'''(aq)] = 1.0 X 10“^mol/L and [OH“(aq)] = 1.0 X lO'^^mol/L 
Therefore, we can calculate the value of K„ at 25 °C as follows: 

= [H + (aq)][OH-(aq)] 

= (1.0 X 10“d(l.O X 10“^) 

K„ = 1.0 X 10"^^ 

It is important to recognize the meaning of In any aqueous solution at 25 °C, 
no matter what the solution contains, the product of [H’''(aq)] and [OH“(aq)] must 
always equal 1.0 X 10“'^. There are three possible situations: 

• A neutral solution, where [H’''(aq)] = [OH“(aq)] 

• An acidic solution, where [H’''(aq)] > [OH“(aq)] 

• A basic solution, where [OH“(aq)] > [H’^(aq)] 

In each case, however, at 25 °C, [H’^(aq)][OH"(aq)] = 1.0 X 10“^^. 

The Relationship between K^, and fCb 

The ionization reaction of a weak acid, HA(aq), is represented as 
HA(aq) -f H20(l) A"(aq) -f H 30 + (aq) 

The acid ionization constant equation is 

_ [H 30 +(aq)][A-(aq)] 

[HA(aq)] 

We know that A“, the conjugate base of HA, is itself a base. As we did for other 
weak bases, we can write an ionization equation for the reaction of A“ with water: 

A"(aq) -f H20(l)^^HA(aq) -f OH“(aq) 

And we can write the corresponding base ionization constant equation: 
[HA][OH-] 

' [A-] 

If we add together the ionization reactions for HA(aq) and A (aq), as we did in 
Chapter 5 when solving Hess’s law problems, we can obtain an overall equation: 

HA{aq^ + HjO ( 1 ) A^^ + H 3 O + (aq) 

A^(aq) -f H20(l)^^HA(atd + OH~(aq) 

2 H 20 (l)^^H 30 +(aq) + OH-(aq) 
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Note that this overall reaction is exactly the same as the equation for the auto¬ 
ionization of water. Each of these equations represents an equilibrium with an 
associated equilibrium constant. For the ionization of the acid, HA(aq): 

[H 30 +(aq)][A"(aq)] 

[HA(aq)] 

For the ionization of the conjugate base, A“(aq): 

[HA(aq)][OH-(aq)] 

[A-(aq)] 

For the overall equation (autoionization of water): 

= [H 30 + (aq)][OH-(aq)] 

Since there is a mathematical relationship between these three equations, there is 
also a mathematical relationship between their corresponding equilibrium constants, 
JC 3 , Xb, and If we multiply the for the acid, HA(aq), by the Xj, for its conjugate 
base, A“(aq), the product is K^: 

[H 30 +(aq)][A^W 1 [HA(aq)1[OH-(aq)] 

[HA(aq« 

= [H 30 +(aq)][ 0 H-(aq)] 

« = 

This relationship holds for all weak acids and bases: for a weak acid HA(aq) and 
its conjugate base A“(aq), or for a weak base B(aq) and its conjugate acid BH(aq), 


■■ 


K.K, = K, 

This relationship explains the trend we observed earlier: a 
increases, the strength of its conjugate base decreases, and v 
very strong very weak 


; the strength of the acid 
ce versa (Figure 8 ). 



IS not react with water 
as an acid to a - 
measureabie extent 


very weak very strong 


do not react with water 
> as bases to a 
measureabie extent 


weak bases in water 


I — > strongest hydrogen ion 


^reacts almost 100% 
with water 


Figure 8 The relative strengths of acids and bases and their respective conjugate bases and 
conjugate acids. This iliustrates which substances are likely to react with water. 
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Although a strong acid always has a very weak conjugate base, do not conclude 
that a weak acid has a strong conjugate base. For example, ethanoic acid is a weak 
acid {K^ = 1.8 X 10“®), but its conjugate base (ethanoate ion, C 2 H 302 “(aq)) is also a 
weak base = 5.6 X 10“'°). In general, you can make the following assumptions: 

• A strong acid or base has a very weak conjugate. 

• A weak acid or base has a weak conjugate. 

• A very weak acid or base has a strong conjugate. 


Tutorial 1 Calculating K^^ or /(g 


You can use the equation to calculate the value of /Q or 4 when given one 

or the other. For this reason, most tables of ionization constants list only /fg values 
for weak acids; the 4 values for their corresponding conjugate bases can be calculated. 

Sample Problem 1: Calculating /("b from Kg 

The hydrogen phosphate ion, HP0/“(aq), has a of 
1.3 X 10“'^ at SATP. What is the base ionization constant, 

/(■[,, for the phosphate ion, P04^“(aq)? 

Given: /fjor HP042“(aq) = 1.3 x 10“'^ K^ = ^.0x 10“'" 

Required: /ft, for P04^“(aq) 

Anaiysis: Use the equation /^/Cj, = Aj^^to solve for knowing that 

/C = 1.0X10“'". 


Practice 

1. The value of /^ for the ammonium ion, NH4"', is 5.8 x 10“'°. What is the value of the base 
ionization constant, /ft,, for ammonia, NH3, at SATP? IZD [ans: 1.7 x i0"^] 

2. /ft, for the fluoride ion, F“, is 1.5 x 10“". What is the value of /Q for HF at SATP? m 

[ans: 6.7 X 10-“] 


Solution: 

/4/fb = /fw 



_ 1.0 X 10“'" 

“ 4.2 X 10“'® 

/ft, = 2.4 X 10“® 

Statement: The base ionization constant, /f^, for the phosphate 
ion is 2.4 X 10“®. 


pH the negative logarithm of the 
concentration of hydrogen ions in an 
aqueous solution 

pOH the negative logarithm of the 
concentration of hydroxide ions in an 
aqueous solution 


pH and pOH 

Recall that, in pure water at 25 °C, the autoionization of water produces a hydrogen 
ion concentration of 1.0 X 10“'' mol/L and a hydroxide ion concentration of 
1.0 X 10“^ mol/L. We may convert these very small concentration values into more 
convenient positive integer values by using logarithms. The negative logarithm of the 
hydrogen ion concentration is called pH. The negative logarithm of the hydroxide ion 
concentration is called pOH. Thus, 

pH = -log[H'^(aq)] and pOH = -log[0H“(aq)] 

Since pH is a logarithmic value based on 10, the pH changes by 1 for every 10-fold 
change in [H’''(aq)]. For example, a solution of pH 3 has a H’''(aq) ion concentration 10 
times greater than a solution of pH 4 and 100 times greater than a solution of pH 5. Also, 
note that since pH is defined as -log[H"'(aq)], pH decreases as [H^(aq)] increases 
and vice versa. The pH of common aqueous solutions at 25 °C ranges from 0 to 14. 
This range of pH values is called the pH scale and is shown in Figure 9. 

We may use the pH equations to calculate the pH of pure water as follows: 

[H+(aq)] = 1.0 X 10“"mol/L 
pH = -log(l.O X 10“^ 

= -(-7.00) 
pH = 7.00 
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We may use the pOH equation to calculate the pOH of pure water as follows: 

[OH"(aq)] = 1.0 X 10“^mol/L 
pOH = -log(l.O X 10“^ 

= -(-7.00) 
pOH = 7.00 

In pure water, therefore, pH = 7 and pOH = 7. 

This result does not only apply to pure (neutral) water, but to all neutral aqueous 
solutions. In all neutral aqueous solutions, both pH and pOH are equal to 7. Earlier 
you learned that, in pure water and all aqueous solutions, the product of [H'''(aq)] 
and [OH“(aq)] always equals 1.0 X 10”^^, the value of For a solution to be neu¬ 
tral, the concentration of hydrogen ions must equal the concentration of hydroxide 
ions. These conditions can only be met if the concentration of hydrogen ions and 
hydroxide ions are both 1.0 X 10“^ mol/L. Thus, in pure water and all neutral 
aqueous solutions, 

[H'^(aq)] = 1.0 X 10“^ mol/L and pH = 7 
[OH"(aq)] = 1.0 X 10"^ mol/L and pOH = 7 


pH and pOH of Acidic and Basic Solutions 

Acidic and basic solutions are formed when acids and bases are dissolved in water. 
Recall that acids increase the concentration of H’''(aq) ions in solution and bases 
increase the concentration of OH“(aq) ions in solution. If we add an acid to pure 
water, the [H'''(aq)] will increase to a value higher than 10“^ mol/L, and the pH will 
be lower than 7. For example, in a 0.010 mol/L HCl(aq) solution, 

[H^(aq)] = 1.0 X 10”^ mol/L 
pH = -log(1.0 X 10“^) 
pH = 2 

Thus, when we dissolve an acid in water, there is an increase in [H’''(aq)] and 
a decrease in pH. However, while there is an increase in [H’''(aq)], there is also a 
proportional decrease in the concentration of hydroxide ions because, as mentioned 
earlier, in all aqueous solutions at 25 °C, [H'''(aq)][OH“(aq)] = 1.0 X 10“^^. Thus, 
since [H’''(aq)] = 1.0 X 10“^ mol/L 

and [H+(aq)][OH“(aq)] = 1.0 X 10“'^ 



Figure 9 The pH scale showing 
hydrogen ion concentrations and the pH 
values of some common substances 


then, (1.0 X 10"')[OH-(aq)] 

[OH-(aq)] 

[OH-(aq)] 

We may now calculate the pOH of this solution: 

pOH = -log(1.0 X 10“'") 
pOH = 12 

Thus, for a 0.010 mol/L HCl(aq) solution, 

[H+(aq)] = 1.0 X 10“" mol/L and pH = 2 
[OH“(aq)] = 1.0 X 10“i^ mol/L and pOH = 12 

As you can see in the example above, we may use the equation 
[H+(aq)][OH“(aq)] = 1.0 X 10“'^ 

to determine [H^(aq)] or [OH“(aq)] (and then pH and pOH) of any aqueous solu¬ 
tion at 25 °C when the concentration of one ion or the other is known. 


= 1.0 X 10"^^ 

_ 1.0 X 10~^^ 

1.0 X 10“^ 

= 1.0 X 10“mol/L 
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A useful equation in acid-base chemistry may be developed by using the negative 
logarithm of each component of the K„ equation, as follows: 

[H+(aq)][OH-(aq)] = 

-log([H+(aq)][OH-(aq)]) = -logiC„ 

Since, mathematically, the logarithm of the product of two values is equal to the 
sum of the logarithms of the individual values, then 

(-log [H+(aq)]) + (-log[OH(aq)]) = -logK^ 
pH + pOH = -log 

Since = 1.0 X 10“^^ and —log (1.0 X 10“^^) = 14 for all aqueous solutions at 25 °C, 
then pH + pOH = 14 for all aqueous solutions at 25 °C. This equation is useful because 
it allows us to calculate the pH or pOH of an aqueous solution at 25 °C if one or the other 
value is already known. 

If, instead of adding an acid to pure water, we add a base, [OH“(aq)] will tem¬ 
porarily increase. As most of the hydroxide ions react with hydrogen ions, [H'''(aq)] 
will decrease to a value below 1.0 X 10“'^ mol/L and the pH will be greater than 7. 
At the same time, [OH“(aq)] will be higher than 1.0 X 10“^^ mol/L and the pOH will 
be lower than 7. Using these relationships, we may state the following quantitative 
characteristics of solutions: 

In neutral solutions, 

• [H'''(aq)] = 1.0 X 10“^ mol/L and pH = 7 

• [OH“(aq)] = 1.0 X 10“^ mol/L and pOH = 7 

In acidic solutions, 

• [H'''(aq)] > 1.0 X 10“^ mol/L and pH < 7 

• [OH“(aq)] < 1.0 X 10“^ mol/L and pOH > 7 

In basic solutions, 

• [H'''(aq)] < 1.0 X 10“^ mol/L and pH > 7 

• [OH“(aq)] > 1.0 X 10“^ mol/L and pOH < 7 


Tutorial 2 Calculating pH from pOH or pOH from pH 


In this tutorial, you will learn to calculate pH or pOH when given the other value. 

Sample Problem 1: Calculating pOH from pH 
A sample of tap water has a measured pH value of 6.8 at 25 °C. What is its pOH? 
Given: pH = 6.8 
Required: pOH 

Anaiysis: pH pOH = 14.00 
Solution: 

pH + pOH = 14.00 

pOH = 14.00 - pH 
= 14.00 - 6.8 
pOH = 7.2 

Statement: The pOH of the solution is 7.2. 
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Sample Problem 2: Calculating pH from pOH 

The pOH of a sample of human blood Is 6.59 at 25 °C. What is its pH value? 

Given: pOH = 6.59 
Required: pH 

Anaiysis: pH + pOH = 14.00 
Soiution: 

pH + pOH = 14.00 

pH = 14.00 - pOH 
= 14.00 - 6.59 
pOH = 7.41 

Statement: The pH of the blood sample Is 7.41. 

For guidance on using the correct number of significant digits in pH calculations, see 
Appendix A6.3. 

Practice 

1. Calculate the pOH of a solution that has a pH of 4. m [ans: 10] 

2. Calculate the pH of a solution that has a pOH of 8.47. qq [ans: 5.53] 

3. Calculate the pH of a solution with a pOH of 2.41. Is this solution acidic, basic, or 
neutral? Zi [ans: 11.59; basic] 

Measuring pH 

Scientists in many different disciplines use pH meters to measure the pH of solutions. 

A pH meter is an electronic device with a probe that can be inserted into a solution of pH meter a device that measures 

unknown pH. The probe contains an acidic aqueous solution enclosed by a special the acidity or alkalinity of a solution 

glass membrane that allows H'''(aq) ions to pass through. If the unknown solution electronically and displays the result 
has a different pH than the solution in the probe, the meter registers the resulting ® Ptt ''®lee 
electric potential and displays the data as a pH reading (Figure 10). # web link 



Is the consumer product that you have 
chosen for the Unit Task (page 582) a 
strong or weak acid or base? What is 
its pH? What impact does this have on 
its effectiveness? 



Figure 10 A pH meter shows the pH of a solution. 
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acid-base indicator a substance that 
changes colour within a specific pH range 



Figure 11 These beakers contain 
solutions with pH values ranging from 
1 on the far left to 13 on the far right, 
along with a little boiled red cabbage 
and its juice. 


Although a pH meter gives a very accurate measurement of a solutions pH, pH meters 
are not always available or practical. Another common way to determine the pH of a solu¬ 
tion is to use an acid-base indicator. An acid-base indicator is a substance that has different 
colours in solutions with different pH values. Since the colour of an acid-base indicator 
varies with the pH of the solution, you can use an indicator to determine the approximate 
pH of a solution. For example, juice from red cabbage can range in colour from red to 
brown, depending on the pH of the solution with which it is mixed (Figure 11). Many 
plants produce naturally coloured substances that are acid-base indicators. For example, 
tea, red grape juice, and blueberries all change colour with pH. # career link 

Litmus paper is another widely used acid-base indicator. It is a common indicator 
because it is readily available, inexpensive, and stores well. The dye used in litmus 
paper comes from lichen. After the water-soluble dye compound is extracted from 
the lichen, absorbent paper is soaked in the solution. When the paper dries, the 
litmus indicator is bonded to the paper. There are two types of litmus paper: blue 
and red. Acidic solutions turn blue litmus red; basic solutions turn red litmus blue. A 
neutral solution leaves red litmus red and blue litmus blue. 

Relating pH or pOH, and Ion Concentration 

You may use acid-base indicators or a pH meter to determine the pH of a solution 
in an investigation. However, at times, you may need to determine the hydrogen or 
hydroxide ion concentration of a solution from the pH or pOH. Conversely, you may 
sometimes know the hydrogen ion or hydroxide ion concentration of a solution and 
need to determine the pH or pOH values. 

The following equations allow you to calculate pH from [H^(aq)] and [H'''(aq)] 
from pH: 

pH = -log[H+(aq)] 

10-P« = [H+(aq)] 

Similarly, the following equations allowyou to calculate pOH from [OH“(aq)] and 
[OH“(aq)] from pOH: 

pOH = -log[OH-(aq)] 

10 -pOH = [OH-(aq)] 

In the following tutorial, you will practice converting between pH and [H'''(aq)] 
and between pOH and [OH“(aq)]. 


Tutorial 3 Calculating pH, pOH, [H+(aq)], or [OH (aq)] 


You will often be given the concentration of an acid or base in solution and need to 
determine the pH of the solution from the concentration of hydrogen ions. You may also 
need to calculate pOH if you know the concentration of hydroxide ions. In this tutorial, you 
will convert between these different values. 

Sample Problem 1: Calculating pH from [H+(aq)] 

A solution of NaOH has a [H'^(aq)] of 5.2 x 10“^^ mol/L. What is the pH of the solution? 
Given: [H+(aq)] = 5.2 x 10“" mol/L 

Required: pH 

Anaiysis: pH = -log[H'^(aq)] 
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Solution: 


SKILLS . 

HANDBOOK 

pH = -log[H^(aq)] 

= -log(5.2 X 10“") 
pH = 10.284 

At this point you need to consider significant figures for logarithms. The number of 
decimai piaces in the iog vaiue must equal the number of significant figures in the originai 
vaiue. 

Since there are 2 significant figures in the vaiue of [H'^(aq)], 

I 

[H+(aq)] = 5.2 x 
pH = 10.28 
t 

the pH vaiue should be rounded to 2 digits after the decimai. 
pH = 10.28 

Statement: The solution has a pH of 10.28. 

Sample Problem 2: Calculating [H+(aq)] from pH 
A solution of ethanoic acid has a pH of 5.30. What is the concentration of hydrogen ions 
in the solution in moi/L? 

Given: pH = 5.30 
Required: [H'^(aq)] 

Analysis: [H+(aq)] = 10-”^ 

Solution: 

[H+(aq)] = 10-P“ 

= i0“<^-^°> (2 digits foiiowing the decimal point) 

[H+(aq)] = 5.0 x 10“® (2 significant digits) 

Statement: The solution has a hydrogen ion concentration of 5.0 x 10“® moi/L. 

Sample Problem 3: Calculating pOH from [OH (aq)] 

A solution of ammonia has an [OH“(aq)] of 8.2 x 10“^^ mol/L. What is the pOH of the solution? 
Given: [OH-(aq)] = 8.2 x 10“'' mol/L 

Required: pOH 

Analysis: pOH = -log[OH“(aq)] 

Solution: 

pOH = -log[OH-(aq)] 

= -log(8.2 X 10“^^) (2 significant digits) 
pOH = 11.09 (2 digits following the decimal point) 

Statement: The solution has a pH of 11.09. 

Sample Problem 4: Calculating pH and pOH from [H+(aq)] 

A solution of sulfuric acid has a hydrogen ion concentration of 1.0 x 10“^ mol/L at 
25 °C. Calculate the pH and pOH of this solution. 

Given: [H'^(aq)] = 1.0 x 10“^ mol/L 
Required: pH, pOH 

Analysis: pH = -log[H+(aq)]; K, = [H+(aq)][0H-(aq)]; pOH = -log[OH-(aq)] 
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Solution: First, calculate the pH of the solution: 
pH = -log[H^(aq)] 

= -log(1.0 X 10“^) (2 significant digits) 
pH = 3.00 (2 digits following the decimal point) 


Next, use the equation for K„ to calculate the concentration of hydroxide ions: 


[OH-(aq)] = 


[H^(aq)][OH-(aq)] 

[H"(aq)] 

1.0 X 10“^'' 


1.0 X 10“^ 

[OH-(aq)] = 1.0 X 10-''mol/L 


Finally, calculate the pOH of the solution: 
pOH = -log[OH-(aq)] 

= -log(1.0 X 10“") (2 significant digits) 
pOH = 11.00 (2 digits following the decimal point) 

Statement: The solution has a pH of 3.00 and a pOH of 11.00. 


There is an alternative method of solving Sample Problem 4. Once you know the pH of the 
solution, you can use the equation pH + pOH = 14 to find pOH. 

Practice 

1. Calculate the pH of a solution with a [H'^(aq)] of 1.8 x 10“® mol/L. m [ans: 8.74] 

2. Calculate the [H+(aq)] in a solution that has a pH of 2.5. Bffl [ans: 3.2 x io“^ moi/L] 

3. Calculate the pOH of a solution with an [OH“(aq)] of 3.2 x 10“'' mol/L. Qin [ans: 3.49] 

4. Calculate the pH and pOH of a solution in which [OH“(aq)] = 1.0 mol/L. Qia 
[ans: pOH = 0.00; pH = 14.00] 


Research This 


Hazardous to Your Teeth 

Skills: Researching, Analyzing, Evaluating, Communicating 

You should eat and drink a variety of foods and beverages to 
get all the nutrients you need in your diet. Unfortunately, some 
common foods and beverages may have adverse health effects 
on your teeth because something in those foods promotes the 
erosion of tooth enamel. 

1. Conduct research and identify a food or beverage item that 
is associated with the erosion of tooth enamel. 

2. Research the chemical process of tooth erosion. 

3. Research how tooth erosion can be prevented. 

A. What food or beverage item did you identify and what is its 
typical pH? 


SKILLS /, .. 

HANDBOOK O " 

B. Explain the chemical process of tooth erosion and what can 
be done to prevent it. ebi 

C. Weigh the costs and benefits to overall health if a person 
were to stop consuming the food or beverage you identified. 
Would you recommend any change regarding consuming 
this food or beverage? d 

D. Create a brief report to educate others about your 
findings and recommendation. Your report could be in any 
appropriate format of your choice. D a 
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Review 


Summary 

• A strong acid or base completely ionizes in water. Its or K^, value is very 
large. 

• A weak acid or base ionizes only slightly in water. Its or K^, value is 
relatively small. 

• Water undergoes autoionization. The ion-product constant for the 
autoionization of water, is related to the concentration of hydrogen 
and hydroxide ions by the equation = [H’''(aq)] [OH“(aq)]. 

• K^, and Ky, are related by the equation = K^Ky,. 

• pH can be determined from the hydrogen ion concentration of a solution 
using the equation pH = —log[H’^(aq)]. Similarly, pOH = -log[OH“(aq)]. 

• pH and pOH are related by the equation pH + pOH = 14. 

• The pH scale is used to describe the acidity or alkalinity of a solution. 

• pH meters and acid-base indicators can be used to measure the pH of a solution. 


7 


Questions 


1. Arrange the following sets of entities according 
to increasing strength as acids: H 2 O, H 3 O''', HCl, 
HC 2 H 3 O 2 , H 2 S m 

2. Arrange the following entities according to 
increasing strength as bases: F“, Cl“, N 02 ~, and 
CN“. (Refer to Table 2 on page 496.) QZS 

3. Calculate the fCt for the conjugate base of each of 
the following acids at SATP: 019 

(a) methanoic acid, HCH 02 (aq), = 1.8 X 10“^ 

(b) carbonic acid, H 2 C 03 (aq), = 4.4 X 10“^ 

(c) hypochlorous acid, HClO(aq), = 3.5 X 10“* 

(d) boric acid, H 3 B 03 (aq), = 5.8 X 10“'° 

4. Calculate the for the conjugate acid of the 
following bases at SATP: BQ] 

(a) pyridine, C 5 H 5 N(aq), = 1.7 X 10“° 

(b) hydrazine, N 2 H 4 (aq), = 1.7 X 10“° 

(c) morphine, Ci 7 Hi 9 N 03 (aq), = 7.5 X 10“'' 

(d) dimethylamine, (CH 3 ) 2 NH(aq), = 9.6 X 10“^ 

5. Use the information given to state whether each 
solution is acidic or basic and to calculate its 
unknown OH“(aq) or H'''(aq) concentration. BQ 

(a) 1.0 X 10“° mol/L OH“(aq) 

(b) 10.0 mol/L H+(aq) 

(c) 5.0 X 10“^ mol/L H’''(aq) 

(d) 7.5 X 10“" mol/L OH“(aq) 

(e) 7.1 X 10“'^ mol/L H°'(aq) 

(f) 1.2 X 10“° mol/L OH“(aq) 


6. Determine the hydrogen and hydroxide ion 
concentrations in the following products: BID 

(a) vinegar with a pH of 3.23 

(b) oven cleaner with a pH of 13.42 

(c) toilet bowl cleaner with a pH of 2.22 

(d) baking soda with a pH of 8.95 

7. Calculate the pH of each of the following solutions 
at SATP: m 

(a) [H+(aq)] = 6.2 X 10“" mol/L 

(b) [OH“(aq)] = 7.1 X 10“'^ mol/L 

(c) pOH = 4.98 

8. Calculate the pOH of each of the following 
solutions at SATP: BID 

(a) [OH“(aq)] = 3.1 X 10“^ mol/L 

(b) [H+(aq)] = 1.0 X 10“" mol/L 

(c) pH = 3.84 

9. Calculate [H^(aq)] and [OH“(aq)] for each of the 
following solutions: BID 

(a) pH = 12.00 

(b) pH = 1.54 

(c) pOH = 11.00 

(d) pOH = 4.69 

10. Comment on this statement: “A strong acid is more 
dangerous than a weak acid.” D D 

11. While looking up acids on the Internet, a student 
came across the term “superacid.” Research 
superacids. Write a short report outlining their 
production, uses, and hazards. |||) D D 
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Explore Applications of Acids 


SKILLS MENU | 

• Researching 

• Evaluating 

• Performing 

• Communicating 

• Observing 

• Identifying 

• Analyzing 

Alternatives 


Equilibrium in an Industrial Process 

Scientists have been making and using sulfuric acid, H 2 S 04 (aq), for about 400 years. 
Sulfuric acid is used to make fibres, dyes, explosives, fertilizers, and car batteries. It 
is also used in the manufacture of some pharmaceutical drugs and other chemical 
products. 

Sulfuric acid must be handled carefully, however. It can be a very dangerous acid, 
reacting violently with water to release a lot of thermal energy. This indicates that the 
reaction is exothermic. Spills of sulfuric acid on land can cause significant local envi¬ 
ronmental damage. Spills into waterways could be even more serious, contaminating 
aquatic ecosystems and possibly threatening drinking water supplies for people in 
the area. 

Sulfuric acid is produced through a method called the “contact process.” The 
first step in the contact process includes forming sulfur dioxide, S02(g). The sulfur 
dioxide is then converted into sulfur trioxide, SOjfg). 

2 S 02 (g) + 02 (g)=^^ 2 S 03 (g) -f energy 

The sulfur trioxide gas is in turn converted to oleum, H 2 S 207 (g), which reacts with 
water to produce concentrated sulfuric acid. 

The contact process relies on the concepts of equilibrium and kinetics. Industrial 
chemists use Le Chatelier’s principle to predict how changing the conditions in the 
system will affect the equilibrium. Changes to the system can include adjusting the tem¬ 
perature, volume, pressure, and concentrations of reactants and products. The chemists’ 
aim is to maximize yield, and reduce waste and energy use. # career link 

According to Le Chatelier’s principle, the production of sulfur trioxide is predicted 
to increase when the pressure is high, there is excess reactant, or the temperature is 
low. But, as a general rule, the reaction rate increases when the pressure and tempera¬ 
ture are both high. This causes a problem, since a high temperature will reduce yield. 
The solution to this problem is the use of a catalyst. The catalyst allows the reaction 
to proceed quickly at low temperatures, and thus increases yield. The catalyst used in 
the reaction from SO2 to SO3 is vanadium(V) oxide, V 205 (s) (Figure 1). 


sulfur dioxide 


oxygen 


reaction conditions: 

450 °C, 1 atm, VjOjfs) catalyst 



used to make 
sulfuric acid 


Figure 1 The conditions necessary for the industrial production of sulfur trioxide 

During the contact process, equal volumes of sulfur dioxide and oxygen are 
pumped into the reaction chamber. This means that oxygen is in excess for the reac¬ 
tion. The excess oxygen pushes the reaction (and equilibrium) to the right. This is an 
inexpensive way to increase the yield of sulfur trioxide. 

The Application 

A chemical company wants to build a sulfuric acid production plant in your commu¬ 
nity. The chosen site is near a river that is the municipal water source. The company 
promises many new jobs that will boost the local economy. Some members of the 
community are delighted at the prospect of additional jobs. Others have concerns 
about the safety and environmental implications of the plant. 
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The company has been given approval to proceed with construction and operation 
on the condition that they follow strict rules regarding the safe transportation of raw 
materials and products, the disposal of wastes, and the health and safety of workers 
within the plant. 

Your Goal handmok 

To make recommendations to ensure that the plant runs safely, efficiently, and with 
minimum environmental risk. 

Research 

Your research should focus on plant design, rules, and procedures to manage risk. 

As you compile your recommendations, consider the following questions: 

• What are the raw materials for manufacturing sulfuric acid? Where do 
they come from? What hazards are associated with them? How are they 
transported? How can these hazards be minimized? 

• Chemical accidents are rare, but they do occur. In 2007 there was a sulfuric 
acid spill into a river near North Bay, Ontario. How could the same thing be 
prevented from happening again? What should be done in the event of an 
accident or spill? 

• Consider the conditions necessary for the contact process. What specific 
hazards are associated with these conditions? What could be done to make 
the plant as safe as possible? 

• Are there any waste disposal issues associated with the contact process? If so, 
how should they be addressed? s# web link 

Summarize 

As you refine your recommendations, be sure that you have considered potential haz¬ 
ards associated with transportation, plant operation, worker safety, disposal, accident 
prevention, and spill cleanup. 

Communicate 

• Compile your recommendations into a well-organized summary in the format 
of your choice, such as a short speech, a written report, or an electronic 
audiovisual presentation. 

• Present your recommendations to your classmates. Review your classmates’ 
recommendations. Make note of any points that you have not considered. 

• Discuss your conclusions with a classmate. 


Plan for Action 


Write a letter to a chemical industry journal describing your 
recommendations for any companies considering setting up a 
sulfuric acid plant in Canada. Your letter should make it clear 


that you understand the chemistry behind the process, and that 
you want any plant to operate as safely as possible. 
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Problem-Solving Strategy for 
Acid-Base Problems 

Think chemistry. Focus on the 
solution components and their 
reactions. It will almost always be 
possible to choose one reaction that 
is the most important. 

Be systematic. Acid-base problems 
require a step-by-step approach. 

Be fiexibie. Although all acid-base 
problems are similar In many ways, 
Important differences do occur. Treat 
each problem as a unique challenge. 
Do not try to force a given problem 
Into matching any you have solved 
before. Look for both the similarities 
and the differences. 

Be patient The complete solution to 
a complicated problem cannot be 
seen immediately in all its detail. Pick 
the problem apart Into Its workable 
steps. 

Be confident Look within the 
problem for the solution, and let the 
problem guide you. Assume that 
you can think it out. Do not rely on 
memorizing solutions to problems. 

In fact, memorizing solutions Is 
usually detrimental because you 
tend to try to force a new problem to 
be the same as one you have seen 
before. Understand and think; don’t 
just memorize. 


Calculations Involving Acidic 
Solutions 

In Section 8.2, we considered fundamental definitions relevant to acid-base solu¬ 
tions. Now we can describe the equilibria in these systems in a more quantitative way. 

When we deal with acid-base equilibria, we must focus on the solution com¬ 
ponents and their chemistry. For example, what entities are present in a 1.0 mol/L 
solution of HCl(aq)? Since hydrochloric acid is a strong acid, we assume that it is 
completely ionized. Thus, although the label on the bottle says 1.0 mol/L HCl(aq), the 
solution contains virtually no HCl(aq) molecules. Typically, container labels indicate 
the substance(s) used to make the solution but do not necessarily describe the solu¬ 
tion components after ionization. Thus a 1.0 mol/L HCl(aq) solution contains mostly 
water, a significant amount of H’''(aq) ions and Cl“(aq) ions, and only a very tiny 
amount of dissolved HCl(aq) molecules. This solution also contains OH“(aq) ions, 
but in a highly acidic solution, OH“(aq) ions are present only in very tiny concen¬ 
trations and are considered to be minor entities. In solving acid-base problems, the 
importance of writing the major entities in the solution as the first step is often the 
key to solving these problems successfully. 

To illustrate the main ideas involved, let us calculate the pH of 1.0 mol/L HCl(aq). 
We first list the major entities: (aq), Cr(aq), and H20(l). When analyzing the 

acid-base characteristics of aqueous solutions, we consider the contributions of 
H'''(aq) and OH“(aq) ions from the autoionization of water and external sources 
(dissolved acids and bases) separately. Since we want to calculate the pH, we will 
focus on those major entities that can produce H’''(aq) ions. Obviously, we must 
consider H^(aq) from the ionization of HCl(aq). We know that HCl(aq) makes a 
significant contribution of H’''(aq) ions since it is a strong acid and therefore ionizes 
completely. However, we must also determine whether the autoionization of water is 
a significant source of H'''(aq) ions as well. 

In pure water at 25 °C, [H^(aq)] is 1.0 X 10“^ mol/L. According to Le Chatelier’s 
principle, in the acidic solution the H’''(aq) ions from the ionized HCl(aq) will drive 
the autoionization of water equilibrium to the left. Thus, the concentration of H'''(aq) 
produced by the autoionization of water will be even less than 1.0 X 10”^ mol/L. 
This is a negligible quantity compared with the 1.0 mol/L H^(aq) contributed by 
the ionization of HCl(aq). Therefore, for this solution, we do not include the H'''(aq) 
ions produced by the autoionization of water in the calculation of pH; we only use 
the [H’^(aq)] produced by the ionization of HCl(aq). Since HCl(aq) is a strong acid, 

[H+(aq)] = 1.0 mol/L 
pH = -log[H+] 

= -log(l.O) 
pH = 0 

Remember that, when analyzing equilibrium problems for solutions of acids and 
bases, all ions must be accounted for—hydrogen ions, hydroxide ions, conjugate 
bases, and conjugate acids—because these entities may all have an effect on the acid- 
base characteristics of the solution. 


Calculations Involving Solutions of Strong Acids 

Recall that a strong acid ionizes almost completely in water. Therefore, when solving 
problems involving strong acids, we can assume that the concentration of hydrogen 
ions in the solution is equal to the given concentration of the acid in the solution. 
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Tutorial 1 Determining [H+(aq)], [OH (aq)], pH, and pOH 


In this tutorial, you will learn how to calculate the [H+(aq)], [OH (aq)], pH, and pOH of a solution 
of a strong acid, given the concentration of the acidic solution. 


Sample Problem 1: Calculating [H+(aq)], [0H“(aq)], pH, and pOH from Solution Concentration 


A scientist dilutes a commercial solution of nitric acid, HNOjIaq), 
by adding water. The final solution has 0.25 mol HNOjil) in a 
total volume of 1.00 L. Determine the concentration of hydrogen 
ions and hydroxide ions, and the pH and pOH of the final solution 
at SATP. 

Given: 0.25 mol HNO 3 (aq) in 1.00 L solution 
Required: [H'^(aq)] and [OH“(aq)] 

Soiution: 

Step 1. Calculate the amount concentration of the solution. 
Since the solution that the scientist prepared has 
0.25 mol nitric acid in a total volume of 1.00 L, the 
amount concentration is 0.25 mol/L HN03(aq), or 
[HN03(aq)] = 0.25 mol/L 

Step 2. Determine the concentration of hydrogen ions in 
solution. 

Nitric acid is a strong acid that ionizes 100 % in water, 
according to the equation 
HN03(aq) ^ H+(aq) + N03-(aq) 

Therefore, every molecule of HNO3 produces 
1 hydrogen ion. You can therefore write 
[H^(aq)] = [HN03(aq)] 

Step 3. Identify the major entities in solution. 

The main entities in solution are H'^(aq), N03“(aq), 
and H20(I). 

Step 4. Identify the major source(s) of hydrogen ions. 

Since HNOgjag) is a strong acid, you may ignore the 
H'^(aq) ions contributed by the autoionization of water. 
Therefore, the only significant source of H+(aq) in 
solution is the ionization of HN03(aq). 


Step 5. Determine [H'^(aq)j. 

Since HNO3 ionizes completely, then 
[H+(aq)] = 0.25 mol/L 

Step 6 . Calculate the pH of the solution from [H+(aq)j. 
pH =-log[H+(aq)j 
= -log(0.25 mol/L) 
pH = 0.60 

Step 7. Use the equation to calculate [OH“(aq)j. Rearrange 
the equation so that the term you need is on the left 
side, then substitute in the known values. 


4 = 

[OH-(aq)] = T 


- mol/L 


= [H+(aq)][OH-(aq)] 

/<w 

■ [H+(aq)] 

^ 1.0 X IQ-^ 

0.25 

[0H“(aq)] = 4.0 x lO”^'* mol/L 
Step 8 . Use [OH“(aq)j to calculate the pOH of the solution. 
pOH = -log [OH-(aq)] 

= -log (4.0 X 10“^'') 
pOH = 13.40 


Statement: For a 0.25 mol/L solution of HN03(aq), the 
concentration of hydrogen ions is 0.25 mol/L, the concentration 
of hydroxide ions is 4.0 x 10“^'' mol/L, pH is 0.60, and pOH 
is 13.40. 


Practice 

1. A hydrochloric acid solution has a concentration of 
0.0700 mol/L. Calculate [0H“(aq)j. m 
[ans: 1.43 X 10“'^ mol/L]. 


2. A 2.00 L hydrobromic acid solution, HBr(aq), contains 
0.070 mol of acid. Calculate the pH and pOH of the 

solution. QIS [ans: pH = 1.46; pOH = 12.54] 


Calculations Involving Solutions of Weak Acids 

When strong acids dissolve in water, virtually all of the acid molecules ionize into 
anions and hydrogen ions. However, weak acids do not completely ionize in water. 
Therefore, in a solution of a weak acid, there is a relatively large concentration of non- 
ionized acid molecules and much smaller concentrations of anions and hydrogen 
ions. Nevertheless, you may calculate the pH of a weak acid solution if you know the 
JCj value of the weak acid. 


8.4 Calculations Involving Acidic Solutions 513 





percentage ionization the percentage of 
a solute that ionizes when it dissolves in 
a solvent 



Figure 1 Methanoic acid, also called 
formic acid, is one of the substances 
produced by ants that make their bite 
so painful. 


Percentage Ionization of Weak Acids 

Before we calculate the pH of a weak acid solution, we will calculate the percentage 
ionization of a weak acid when it is dissolved in water. Consider the ionization of the 
generic weak acid, HA, in water. Since HA is a weak acid, only a small fraction of the 
molecules will ionize to form dissolved hydrogen ions and A“(aq) ions. If 0.10 mol of 
HA is added to 1.00 L of water, most of the HA molecules will remain non-ionized. 
Scientists commonly refer to the percentage ionization of weak acids, which is defined 
as follows: 


percentage ionization = 


concentration of ionized acid , 

-X 100 % ' 

initial concentration of acid 


For the general weak acid ionization reaction 
HA(aq)^^H + (aq) + A“(aq) 


we may write the following equation: 


percentage ionization 
and therefore 


[H^aq)] 

[HA(aq)] 


100 % 


[HMaq)] 


percentage ionization 
100 % 


[HA(aq)] 


where [HA(aq)] is the initial concentration of the acid. 

Chemical analysis indicates that most weak acids ionize much less than 50 %. 
One common weak acid, ethanoic acid, HC 2 H 302 (aq), has a percentage ionization of 
about 1.3 % in aqueous solution at SATP. ® career link 


HC 2 H 302 (aq)^^H + (aq) + C 2 H 302 “(aq) 

In other words, in a 0.10 mol/L solution of ethanoic acid, only 1.3 % of the 
HC 2 H 302 (aq) molecules ionize to form hydrogen ions and ethanoate ions. 


[H’^(aq)] = X 0.10 mol/L 


[H+(aq)] = 1.3 X 10 ^ mol/L 


Tutorial 2 Percentage Ionization and /(g of a Weak Acid 


If you know the pH of a weak acid solution, you can calculate the percentage ionization of 
the acid. In this tutorial, you will calculate first the percentage ionization of a weak acid in 
solution, and then the value of an acid. 

Sample Problem 1: Calculating Percentage Ionization from pH 
A chemist prepares a 0.10 mol/L solution of methanoic acid, HCHOjiaq), an acid produced 
by some ant species to protect themselves (Figure 1). The pH of the solution is 2.38. 
Determine the percentage ionization of the acid in the solution. 

Given: pH = 2.38 

Required: percentage ionization of methanoic acid 

Solution: 

Step 1. Calculate the H'^(aq) concentration from the pH. 

[H+(aq)] = 10-P^ 

= 10-2-'8 

[H+(aq)] = 4.169 x 10"^ mol/L 
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step 2. Calculate the percentage ionization of the acid in solution. 


percentage ionization _ [H'^(aq)] 
100 “ [HA(aq)] 


percentage ionization 


[H"(aq)] 

[HA(aq)] 


X 100% 


4.169 X 10-^ 
0.10 


X 100% 


percentage ionization = 4.2 % 
Statement: Methanoic acid ionizes 4.2 %. 


Sample Problem 2: Calculating /Q from Percentage Ionization 
A chemistry student prepares a solution of ethanoic acid, HCjHjOjlaq), with a concentration 
of 0.1000 mol/L. If the percentage ionization of ethanoic acid is 1.3 %, what is the acid 
ionization constant, K^, for ethanoic acid? 

Given: concentration of solution, Chc^HjO^ = 0.1000 mol/L; percentage ionization = 1.3 % 
Required: for ethanoic acid 

Solution: 

Step 1. Write the ionization equation for ethanoic acid. Use that to write the equation for K^. 
HC 2 H 302 (aq) =^^H+(aq) + C 2 H 302 (aq) 

[H+(aq)][C 2 H 302 ~(aq)] 

^ [HC 2 H 302 (aq)] 

Step 2. Use the percentage ionization equation to determine how much of the acid ionizes. 
You are toid that the percentage ionization of ethanoic acid in soiution is 
1.3 % and the concentration of the initial solution is 0.1000 mol/L. Therefore, the 
decrease in concentration of ethanoic acid molecules at equilibrium wiil be 

(0.1000 = 0.0013 mol/L 

According to the balanced ionization equation, the mole ratio is 1:1:1. Therefore, 
you know that the concentrations of H+(aq) and C2H302laq) each increase by 
0.0013 moi/L. 

Step 3. Organize the information above in an ICE table (Table 1) in which / represents the 
change in [HC2H302(aq)] that occurs as the reaction reaches equilibrium. 


Table 1 ICE Table for the Ionization of Ethanoic Acid 



HC2H302(aq) 

^ H+(aq) + 

C2H3O2 (aq) 

1 

0.1000 

0 

0 

c 

-0.0013 

+0.0013 

+0.0013 

E 

0.0987 

0.0013 

0.0013 


Step 4. Substitute the equilibrium concentrations into the equation and solve for K^. 
[H+(aq)][C 2 H 302 -(aq)] 

^ [HC 2 H 302 (aq)] 

^ (0.0013) (0.0013) 

(0.0987) 

/^ = 1.7 X 10-= 

Statement: The acid ionization constant, K^, for ethanoic acid is 1.7 x 10"=. ^ 
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Practice 

1. Calculate the percentage Ionization of a 0.050 mol/L solution of propanoic acid, 
HCsHgOjiaq), with a pH of 2.78. om [ans: 3.3 %] 

2. A 0.100 mol/L solution of hydrofluoric acid, HF(aq), has a percentage ionization of 7.8 %. 
Calculate the /Lg for hydrofluoric acid, qq [ans: 6.6 x lo"'] 



Figure 2 Hydrofluoric acid used to be 
widely used for etching glass. However, 
because of the health risks posed by its 
corrosiveness, it is being replaced by 
other, safer compounds. 


Calculating the pH of Weak Acid Solutions 

A weak acid ionizing in water behaves much like any equilibrium reaction system. 
Remembering this, we will proceed carefully and systematically to calculate the pH 
of a weak acid solution. Although some of the procedures we develop here may seem 
unnecessary, they will be helpful as the problems become more complicated. 


Tutorial 3 Calculating the pH of a Weak Acid Solution 


This tutorial shows two different methods for calculating the pH of a weak acid solution, 
given the value of the acid ionization constant. 


Sample Problem 1: Calculating the pH of a Weak Acid Solution from 
The standard value for the of hydrofluoric acid, HF(aq), is 6.6 x 10’''. Calculate the pH 
of a 1.00 mol/L solution of hydrofluoric acid (Figure 2). 

Given: /fg = 6.6 x lO"^; concentration, [HF(aq)] = 1.00 mol/L 

Required: pH 
Solution: 


Step 1. Identify the major entities in the solution. 

From its small value, you know that hydrofluoric acid is a weak acid and will 
ionize only slightly. Thus, the major entities in solution are HF(aq) and HjOjaq). 
Step 2. Decide which of the major entities produces H+(aq) ions. 

Both HF(aq) and HjOjag) can do so: 

HF(aq) =^^H'^(aq) + F“(aq) 

H20(l)^^H + (aq) + OH-(aq) 

Step 3. Identify the major source(s) of H'^(aq) ions. 

By comparing the for HF(aq) with the for HjOfl), you can see that 
hydrofluoric acid is a much stronger acid than water. Thus you may ignore 
the insignificant contribution of H'^(aq) made by the autoionization of water. 
Therefore, it is the ionization of HF(aq) that will determine the equilibrium 
concentration of H+(aq) and hence the pH. 


Step 4. Write the equilibrium constant equation for the reaction that is the primary 
source of H+(aq) ions. 

[H+(aq)][F-(aq)] 

[HF(aq)] 

[H^(aq)][F-(aq)] 

[HF(aq)] 




6.6 X 10-^ 


Step 5. Determine the changes in concentration that occur as the reaction reaches 
equilibrium, using an ICE table. 


Before any HF(aq) molecules ionize, the concentration of HF(aq) is 1.00 mol/L, 
and the concentrations of H'^(aq) and F“(aq) are both 0 mol/L. Ignore H'^(aq) 
ions produced by the autoionization of water. As the reaction progresses toward 
equilibrium, HF(aq) molecules will ionize to produce H'^(aq) and F“(aq) ions in a 
1:1 molar ratio. Thus, at equilibrium, [H'^(aq)] = [F“(aq)]. 
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Let X represent the change in [HF(aq)] that occurs as the reaction reaches 
equilibrium. Your iCE tabie shouid be simiiar to Table 2. 

Table 2 ICE Table for the Ionization of Hydrofluoric Acid 



HF(aq) ^ 

H (aq) 

+ r(aq) 

1 

1.00 

0 

0 

c 

-X 

+x 

+x 

E 

1 .00-x 

X 

X 


Step 6. Substitute the equilibrium concentrations from the ICE table into the equilibrium 
constant equation: 


K,= 

6.6 X IQ-'* = 


[H+(aq)][F (aq)] 
[HF(aq)] 

[H^(aq)][F-(aq)] 

[HF(aq)] 


1.00 - X 


6.6 X 10“' 


1.00 - X 


Step 7. Solve the equilibrium constant equation. 

First, determine if a simplifying assumption may be made to solve this 
equation. The hundred rule states that, if the concentration to which x is added 
or subtracted is at least 100 times the value of the equilibrium constant, 
the simplifying assumption will give an error of less than 5 %. In general, a 
difference of less than 5 % justifies the simplifying assumption. In this case, 
apply the hundred rule to determine whether x is small enough for us to assume 
that 1.00 - X ~ 1.00, just as you did in similar equilibrium problems 
in Chapter 7: 


[HF(aq)initiai] 

Ka 

[HF(aq),,J 

Ka 


^ 1.00 
6.6 X 10-^ 

= 1515.2 


Since the ratio is much greater than 100, you may assume that 

Ka 

1.00 - X- 1.00 


Thus, the equilibrium equation we will use is 

x2 

6.6 X 10“'* = — 

1.00 
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steps. Solve for X 

„2 

6.6 X 10“" - — 

1.00 

(6.6 X 10“^)(1.00) 

6.6 X lO”'* 

X- V6.6 X 10“" 
x= 2.6 X 10“2 

Step 9. Use the 5 % rule to check your result. 

This assumption was used in the denominator of the equilibrium equation used 
in Step 7. The procedure for doing this is the same as the procedure used in 
similar equilibrium problems in Chapter 7. To test the assumption, compare the 
calculated value of xto the initial concentration of the acid, [HF(aq)]. If x is less 
than or equal to 5 % of the initial concentration, you may be confident that the 
simplifying assumption made in Step 7 is valid. 

2.6 X 10“^ 


[HF(aq)] 


( 100 % = - 


1.00 


< 100 % 


< 100 = 2.6 % 


[HF(aq)] 

Since 2.6 % < 5 %, the error in this result is acceptable. 

Step 10. Use the ICE table and the value of / to determine the hydrogen ion concentration 
at equilibrium and then calculate pH. 

Since [H'^(aq)] = / (from the ICE table) 
and/ - 2.6 x 10“' 

[H+(aq)] - 2.6 x lO-^mol/L 
pH = -log[H+(aq)] 
pH - -log(2.6 X 10-2) 
pH - 1.59 

Statement: The pH of the solution is 1.59. 


Sample Problem 2: Calculating pH from k; 

The hypochlorite ion, CIO-(aq), is a strong bleaching agent often found in household 
bleaches and disinfectants. It is also the active ingredient that forms when swimming 
pool water is treated with chlorine (Figure 3). In addition to its bleaching abilities, the 
hypochlorite ion has a relatively high affinity for hydrogen ions and forms weakly acidic 
hypochlorous acid, HCIO(aq). Calculate the pH of a 0.100 mol/L solution of hypochlorous 
u will have to look up the value of in Table 1, Appendix B5.) 

Dncentration, Chciq = 0.100 mol/L 
1: pH 

Identify the major entities in solution at equilibrium. 

Major entities are HCIO(aq) and HjOjaq). 

Look up the value of K^. 

K, = 3.5 X 10-» 

Identify the primary source of hydrogen ions. 

Although HCIO(aq) and H20(l) can both produce H'^(aq), the of hypochlorous 
acid (3.5 x 10"®) is many orders of magnitude larger than K„ (1.0 x lO-^Y 
Therefore, assume that all of the H'^(aq) comes from hypochlorous acid. 



chlorine. When the chlorine reacts with 
water it produces hypochlorous acid, 
HCIO(aq). This weak acid kills bacteria 
and other micro-organisms. 
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step 4. Write the equilibrium constant equation for the reaction that is the primary 
source of H'^(aq) ions. 

[H^(aq)][CIO-(aq)] 


K.= 

3.5 X 10“® = 


Step 5. 


[HCIO(aq)] 

[H'^(aq)][CIO~(aq)] 

[HCIO(aq)] 

Determine initial and equilibrium concentrations. 

Set up an ICE table for the ionization of HCIO(aq), letting x represent the change 
in [HCIO(aq)] (Table 3). 

Table 3 ICE Table for the Ionization of Hypochlorous Acid 



HCIO(aq) 

H (aq) 

+ ClO-(aq) 

1 

0.100 

0 

0 

c 

-X 

+x 

+x 

E 

0.100 -X 

X 

X 


. Substitute values from the ICE table into the equilibrium constant equation. 

35 xin-« [H^(aq)][CIO~(aq)] 

^ ~ [HCIO(aq)] 

W(x) 


0.100 - X 


3.5 X 10“® = - 


Step 7. 


0.100 - X 

Use the hundred rule to determine whether any simplifying assumptions may be 
made. 

[HCIO(aq)initiJ ^ 0.100 

3.5 X 10-» 

[HCIO(aq)ini, 


K. 


- = 2.9 X 10® 


[HCIO(aq)inife|] 

Since the- - -ratio is much greater than 100, assume that 

0.100 - x = 0.100 

Thus, the equilibrium equation you will use is 
3.5 X 10“® - 
steps. Solve for X. 

3.5 X 10“® = 


0.100 


Step 9. 


0.100 

x^ = (3.5 X 10“®) (0.100) 
x2 = 3.5 X 10“® 

X- V3.5 X 10“® 
x« 5.9 X 10“® 

Use the 5 % rule to check your results. 

^ . X 100 % = ^ X 100 % 

[HCIO(aq)] 0.100 

<100% = 0.059% 


[HCIO(aq)] 

Since 0.059 % < 5 %, the error in this result is acceptable. 
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step 10. Determine [H+(aq)] at equilibrium and calculate pH. 

Since [H'^(aq)] = x(from the ICE table) 
andx~ 5.9 x 10“® 

[H+(aq)] = 5.9 x 10"= 
pH = -log[H+(aq)] 

- -log(5.9 X 10-=) 
pH - 4.23 

Statement: The pH of a 0.100 mol/L hypochlorous acid solution, HCIO(aq), is 4.23. 

Practice 

1 . What is the pH of a 6.18 x 10"= mol/L solution of hydrocyanic acid, HCN(aq)? 
(Look up the value of for HCN(aq) in Table 1, Appendix B5.) qq [ans: 5.7] 

2. What is the pH of a 0.10 mol/L solution of nitrous acid, HNOjiaq)? 

(Look up the value of for HN02(aq) in Table 1, Appendix B5.) □!!] [ans: 2 . 2 ] 


You have now seen how to use the values for weak acids to determine the pH of 
a solution. We can also reverse the calculations to determine from pH. 


Tutorial 4 Calculating the of a Weak Acid Solution 


In this tutorial, you will learn a problem-solving strategy to help you determine the acid 
ionization constant for a weak acid given the pH of the equilibrium solution. 


Sample Problem 1: Calculating K^^mm pH 

A solution of hypochlorous acid, HCIO(aq), has a concentration 
of 0.100 mol/L. If the pH of the solution is 4.23, calculate the 
of hypochlorous acid. 

Given: pH = 4.23; [HCIO(aq)] = 0.100 mol/L 

Required: 

Soiution: 

Step 1. Identify the source(s) of hydrogen ions. Assume that, 
while HCIO(aq) is a weak acid, it is a much stronger 
acid than water and so all of the H='(aq) in solution 
comes from the ionization of hypochlorous acid 
molecules, not water molecules. You will validate this 
assumption after calculating K^. 

Step 2. Write the ionization reaction equation and the 
equilibrium constant equation. 

HCI0(aq)^^H + (aq) + ClO-(aq) 

_ [Hnaq)][CIO-(aq)] 

^ [HCIO(aq)] 

The reaction equation shows that for each mole of 
H+(aq) produced, 1 mol of CI0“(aq) is produced. 
Therefore, at equilibrium, [H+(aq)] = [CI0"(aq)]. 


Step 3. Determine the concentration of the initial acid at 
equilibrium. 

Since HCIO(aq) is a weak acid, assume that only a 
small fraction of HCIO(aq) molecules ionize. Therefore, 
assume that, at equilibrium, 

[HCIO(aq)] = 0.100 mol/L 

Step 4. Determine the [H'^(aq)] at equilibrium using the known 
pH of the solution. 

pH = 4.23 
[H^(aq)] = 10-P^ 

= 10 -'== 

[H+(aq)] = 5.9 x 10"= mol/L 

Step 5. Substitute the equilibrium concentrations into the acid 
ionization equation and solve for /fg. 

^ [H+(aq)][CIO-(aq)] 

^ [HCIO(aq)] 

(5.9 X 10"=) (5.9 X 10"=) 

0.100 

= 3.5 X 10"= 

Step 6. Validate the assumption made in Step 1. 

Since the calculated value of (3-5 x 10"=) is much 
larger than K^{^.0x 10"^'), our assumption that 
HCIO(aq) is the main source of H='(aq) is valid. 
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step 7. Validate the assumption made in Step 3. 
You assumed that at equiiibrium, 
[HCIO(aq)] = 0.100 mol/L 
[HCIO(aq)initiai] _ 0.100 

3.5 X 10“® 

[HCIO(aq)ini, 

K. 


-- 2857143 


[HCIO(aq)initiai] , 

Since the---ratio is much greater 

than 100, our assumption is valid. 


Statement: The value of the acid ionization constant, K^, of 
hypochlorous acid is 3.5 x 10“®. 


Practice 

1. A 0.050 mol/L solution of nicotinic acid, HCjHgNOjiaq), 
has a pH of 3.08. Calculate for nicotinic 
acid. Ed [ans: 1.4X10"=] 


2. The pH of a 0.25 mol/L solution of benzoic acid, 
HCyHsOjiaq), is 2.40. Determine for benzoic 
acid, m [ans:6.3 X 10"=] 


Polyprotic Acids 

The common strong acids are hydrochloric acid, HCl(aq), nitric acid, HNOjCaq), and 
perchloric acid, HC104(aq). An acid of this type is called a monoprotic acid because 
it has only one ionizable hydrogen atom. Hydrogen atoms that may ionize to form 
HjO^Caq) ions are sometimes called “acidic hydrogens.” 

An acid that has more than one ionizable hydrogen atom is called a polyprotic acid. 
Sulfuric acid, H2S04(aq), and phosphoric acid, H3P04(aq), are examples of acids that 
are polyprotic. Sulfuric acid has 2 hydrogen atoms that may ionize to form H30’''(aq) 
ions in water (Figure 4 ). Phosphoric acid has 3 such hydrogen atoms. We can describe 
these acids even more precisely using the terms “diprotic” (able to produce 2 hydro- 
nium ions) and “triprotic” (able to produce 3 hydronium ions). In the case of sulfuric 
acid, the first ionization reaction is strong. The single arrow in the following equation 
indicates that virtually every H2S04(aq) molecule ionizes into H^(aq) and HS04“(aq) 
and the reverse reaction is insignificant: 

H2S04(aq) ^ H+(aq) + HS04“(aq) 

The second ionization—that of the HS04“(aq) ion—is weak, however. This results 
in a much higher concentration of HS04“(aq) ions than S04^“(aq) ions in solution: 

HS 04 “(aq)^^H+(aq) + S 04 ^“(aq) 

Note that both strong and weak acids may be polyprotic. 

Ionization of Polyprotic Acids 

Polyprotic acids do not ionize completely in one step. Ionizations occur in two or 
more steps and release only one hydrogen ion at a time. Each step in the ionization of 
a polyprotic acid has its own acid ionization constant. The values for a polyprotic acid 
are numbered according to the reaction step they represent. fQj is for the first ioniza¬ 
tion reaction step, is for the second ionization, and so on. The steps involved in the 
ionization of oxalic acid, H2C204(aq), a weak diprotic acid, are as follows: 

• First ionization reaction 

H2C204(aq)^^H+(aq) -L HC204“(aq) = 5.4 X lO'^) 

^ [H+(aq)][HC 204 -(aq)] 

[H2C204(aq)] 


monoprotic acid an acid that possesses 
only one ionizable (acidic) hydrogen atom 


polyprotic acid an acid that possesses 
more than one ionizable (acidic) hydrogen 
atom 



Figure 4 Sulfuric acid has 2 hydrogen 
atoms (represented as white spheres) 
that may be removed, one at a time, 
when the acid ionizes. 


UNiT TASK BOOKMARK 


Does your chosen consumer product 
inciude a polyprotic acid? if so, does 
this compound affect how the product 
reacts? The Unit Task is outlined on 
page 582. 
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Second ionization reaction 


HC204“(aq)^^H+(aq) + C20/“(aq) = 5.4 X 10“=) 

[H+(aq)][C20/-(aq)] 

[HC2d4-(aq)] 

Note that K^i is significantly greater than K^. For most polyprotic acids the initial acid 
is the strongest and each subsequent acid gets weaker (Table 4 ). 

Table 4 Acid Ionization Constants for Polyprotic Acids at SATP 


Acid 

Formula 


Ka2 


oxalic acid 

H2C204(aq) 

5.4 X 10-' 

5.4X10-= 

- 

ascorbic acid 

H2C0HBOB(aq) 

7.9X10-= 

1.6X10-'= 

- 

sulfuric acid 

H2S04(9Ci) 

very large 

1.0X10-' 

- 

hydrosulfuric acid 

HzSjaq) 

1.1 x 10-^ 

1.3X10-'= 

- 

phosphoric acid 

H3P04(aq) 

7.1 x 10-= 

6.3X10-= 

4.2 X 10-'= 

arsenic acid 

H 3 As 04 (aq) 

5X 10-= 

8X10-= 

4.0 X 10-'' 

carbonic acid 

HzCOsfaq) 

4.4X10-' 

4.7X10-" 

- 


Having multiple ionizations and different values may make these problems 
appear to be more difficult to solve. If you break them down one step at a time, 
however, you will find thaf calculating the pH of a polyprotic acid is not much more 
challenging than calculating the pH of any other acid. When calculating the pH for 
a typical polyprotic acid, you usually only use the first reaction in the ionization 
sequence. This is because the percentage ionization of the second hydrogen ion is so 
small that its effect on the hydrogen ion concentration is insignificant. 



Figure 5 Ascorbic acid (vitamin C) 
helps maintain the elasticity of skin and 
promotes wound healing. 


Tutorial 5 Calculating the pH of a Polyprotic Acid Solution 


In this tutorial, you will learn how to calculate the pH of a polyprotic acid. Notice that only 
the first ionization reaction is a significant contributor to [H'^(aq)]. 

Sample Problem 1: Calculating the pH of a Polyprotic Acid 
Ascorbic acid (vitamin C) is essential in our diet (Figure 5). Calculate the pH of a 
0.10 mol/L solution of ascorbic acid (vitamin C), H2C6H606(aq). The values for ascorbic 
acid are given in Table 4. 

Given: [H2C6H606(aq)] = 0.10 mol/L; K,, = 7.9 x 10'=; /^2 = 1-6 x 10-'^ 

Required: pH of final solution; equilibrium concentrations of H2C6H606(aq), HC6He06“(aq), 
and CgHeOB^laq) 

Solution: 

Step 1. Identify the major entities in solution at equilibrium. 

The major entities in solution are H2C6H606(aq) and H20(l). 

Step 2. Identify the primary source of hydrogen ions. 

Since is much smaller than and K^, the first ionization reaction has the 
greatest effect on the pH of the solution. 

H2C6HB06(aq)^H + (aq) + HCeHB06-(aq) K,, = 7.9 x 10“= 
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step 3. Write the equilibrium constant equation for the reaction that is the primary 
source of H'^(aq) ions. 

[Hnaq)][HCeH60B-(aq)] 

[H2C6H6d6(aq)] 

[H+(aq)][HC6H60B-(aq)] 

[HjCeHeOeCaq)] 

p 4. Determine initial and equilibrium concentrations. 




7.9 X 10“' 


Set up an ICE table for the first ionization of HjCgHeOeiaq), letting / represent the 
change in [HjCeHeOeiaq)] (Table 5). 


Table 5 ICE Table for the First Ionization of Ascorbic Acid 



H2C6H606(aq) HC6H606“(aq) + H+(aq) 

1 

0.10 0 0 

c 

-X +x +x 

E 

0.10-x X X 


Step 5. Substitute values from the ICE table into the equilibrium constant equation. 


7.9 X 10“= = 


[H'^(aq)][HC6H606 (aq)] 

[HjCeHeOeCaq)] 

(x)(x) 


Step 6. Use the hundred rule to determine if any simplifying assumptions may be 
made. 


[H2C0H0Og(aq)jnjtjai] ^ 0.10 

/4 “ 7.9 X 10“= 

[HgCeHeOeCaq)initial] ^ i 3 ^ iq3 

Since the [^2^6^606(39)mmai] greater than 100, assume that 

0.10 - X - 0.10 


Thus, the equilibrium equation that you will use is 

7.9 X 10“= = — 

0.10 

Step?. Solve for X. 


x^= (7.9 X 10“=) (0.10) 
x^ = 7.9 X 10“® 
x-=V7.9 X 10“® 

X- 2.8 X 10“= 
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100% 


step 8. Use the 5 % rule to check your results. 

2.8 X 10“= 


[HjCeHeOeCaq)] 


Since 2.8 % < 5 %, the error in this result is acceptable. 
Step 9. Determine [H'^(aq)] at equilibrium and calculate pH. 
Since [H'^(aq)] = / (from the ICE table) 
and/= 2.8 x 10“^ 

[H+(aq)] - 2.8 x 10“^ mol/L 
pH = -log[H+(aq)] 

« -log (2.8 X 10“^) 


pH « 2.55 

Use the values of ascorbic acid (from Table 4) to determine the equilibrium 
concentrations of H2C6H60B(aq), HCBH0O6“(aq), and C6H606^‘(aq) in the equilibrium 
solution as follows: 

First calculate the concentrations of H2CBH606(aq) and HC6H606“(aq) by substituting 
the value of / into the equilibrium concentration formulas for these entities in the ICE table. 
[HjCeHeOeCaq)] - 0.10 mol/L - / 

= 0.10 mol/L - 2.8 x 10“^mol/L 
[HsCeHeOeCaq)]- 0.097 mol/L 
[HCeHeO0-(aq)] = / 

[HC6H606“(aq)] - 2.8 x 10“^ mol/L 


The concentration of C6H606^“(aq) cannot be calculated using expressions derived from 
the first ionization reaction because C6H606^“(aq) is not produced by this ionization 
reaction; it is produced in the second ionization reaction. You must use the second 
ionization constant equation and the value of /^2 to calculate this value. Thus, 


K.2 = 

[C6H60B2-(aq)] = 


[H + (aq)][C6H0O6^-(aq)] 
[HCsHeOB-Caq)] 
[HCeHe06-(aq)]/42 
[HMaq)] 


The value of may be found in Table ^:K^ = ^.Qx^ 0“^^ 

Substitute the values of [H'^(aq)] and [HC6H606“(aq)], calculated earlier, into this equation. 
Remember your assumption that the second ionization reaction is insignificant and so 
does not change these concentration values appreciably. Thus, 


[C6H60B2-(aq)] = 


(2.8 X 10“^)(1.6 X 10“^^) 


2.8 X 10“3 

[C6H60B2-(aq)] = 1.6 x 10“^2^ol/L 
Notice that [C6HB06^“(aq)] = /42- 


Statement: The equilibrium concentrations of H2C0H6O6(aq), HC0H6O0“(aq), and C6H6O0^“(aq) 
are, respectively, 0.097 mol/L, 2.8 x 10“^ mol/L, and 1.6 x 10“=^ mol/L. Notice that the 
concentrations of the anions are very low, compared to the initial acid concentration. 


Practice 

1. Calculate the pH of 1.00 mol/L phosphoric acid, H3P04(aq). qq [ans: i.i] 

2. Calculate the pH of 0.100 mol/L sodium bisulfate, NaHS04(aq) bid [ans: i.50] 
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Review 

Summary 

• Percentage ionization is one way to describe the degree of ionization of a weak 
acid. The higher the percentage ionization, the stronger the acid. 

• Polyprotic acids ionize one hydrogen ion at a time. Each step has a 
characteristic value. Typically, for a polyprotic acid, K^i > K ^2 > 



Questions 


1. A lab technician prepares the following solutions. 
Calculate the [H'''(aq)] and pH of each of the 
following solutions at SATP: QID 

(a) a 0.0100 mol/L solution of hydrocyanic acid, 
HCN(aq); JC, = 6.2 X lO-i" 

(b) a 0.25 mol/L solution of hydrofluoric acid, 
HF(aq); = 6.6 X 10“^ 

(c) a 0.0010 mol/L solution of lactic acid, 
HCjHsOaCaq); fC, = 1.4 X 10“^ 

(d) a 0.150 mol/L solution of methanoic acid, 
HC02H(aq), = 1.8 X 10“^ 

2. The following solutions are required for an 
industrial process. Predict the percentage ionization 
of each acid. QQ 

(a) a 0.50 mol/L solution of propionic acid with a 
pH of 2.6 

(b) a 0.15 mol/L solution of peracetic acid with a 
pH of 4.5 

(c) a 0.01 mol/L solution of sorhic acid with a pH 
of 3.4 

3. Determine the acid ionization constant, K^, for each 
of the following weak acids: [3ID 

(a) a 0.20 mol/L solution of ascorbic acid, 
HC6H706(aq), with a pH of 2.40 

(b) a 0.100 mol/L solution of nitrous acid, 
HN02(aq), with a pH of 2.10 

4. Calculate the percentage ionization of ethanoic 
acid, HC 2 H 302 (aq), in a 1.00 mol/L solution. 

= 1.8 X 10“= m 

5. A textile artist plans to dye a skein of yarn. The 
dye recipe specifies adding 5 mL of 1.0 mol/L 
hydrochloric acid to 5 L of water, prior to adding 
the dye, some pickling salt, and the yarn. The artist 
does not have hydrochloric acid, but finds a bottle 
of vinegar. What volume of vinegar should she use 
to make her dye bath? (Assume that vinegar is 

0.8 mol/L ethanoic acid, HC 2 H 302 (aq), and that 
this acid ionizes about 1.3 %.) EQ D 


6. In a study of the effect of lactic acid on muscles, a 
biologist prepares a 0.100 mol/L solution of lactic 
acid, HC 3 H 503 (aq). The acid is 3.7 % ionized. What 
is the for lactic acid? QID O 

7. Ascorbic acid, H2C6H606(s), is an organic diprotic 
acid that is better known as vitamin C. A solution 
contains 0.091 mol of ascorbic acid in 1 L of 
solution. Determine the pH of this solution, 
given the following values: = 6.7 X 10“^; 

fC2 = 2.5 X 10“^^ m 

8. When a strong acid such as hydrochloric acid is 
spilled in the lab it must be neutralized before it 
is cleaned up. Would it be better to use sodium 
bicarbonate or sodium hydroxide to neutralize the 
spill? Explain your reasoning. D D 

9. Benzoic acid is a commonly used food preservative. 
It inhibits the growth of many moulds and bacteria. 

(a) A solution of benzoic acid with a concentration 
of 8.3 X 10“^ mol/L has a pH of 3.14. Calculate 
the value for benzoic acid. 

(b) Predict whether the pH of a non-carbonated 
fruit drink, containing benzoic acid at a 
concentration of 8.3 X 10“^ mol/L, would 
be greater or less than 3.14. Explain your 
reasoning. 

10. Chloroacetic acid, HC2H202Cl(aq), is a weak acid 
commonly used in industry to synthesize the 
hormone epinephrine. It has a of 1.36 X 10“^. 

# mBD 

(a) Determine the percent ionization of a 
0.50 mol/L solution. 

(b) Research some of the medical uses of 
epinephrine, and the risks and benefits of its 
use. Present your findings in a format of your 
choice. 
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Calculations Involving Basic 
Solutions 


In Section 8.4 we explored a series of calculations for strong and weak acids. These 
calculations have parallels for strong and weak bases. In general, the calculations are 
done in exactly the same way, but with the relevant base-related values [OH“(aq)], 
pOH) substituted for the acid-related values (K^, [IT^taq)], pH). 

Calculations Involving Solutions of Strong Bases 

The pOH of strong bases depends entirely on the [OH“(aq)] contributed by the ion¬ 
ization of the base solute in water. We may ignore the small contribution made by the 
autoionization of water. Also, we may assume that the metal cation produced by the 
ionization of a strong base has no effect on the pH of the solution. 

As we have already seen, we may calculate the pOH of a basic solution from the 
solutions pH by applying the equation 
pH + pOH = 14 

We may also determine solution characteristics for strong bases from the solution 
concentration, as we did for acids. Tutorial 1 provides examples. 


Tutorial 1 Determining [H~^(aq)], [OH (aq)], and pH 


In this tutorial, you will calculate the [H'^(aq)] and [0H"(aq)] in a solution of a strong base, 
given the concentration of the base. 


Sample Problem 1: Calculating [H+(aq)] and [OH (aq)] from Solution Concentration 


A chemist mixes a 0.025 mol/L solution of barium hydroxide, 
Ba(0H)2(aq), a strong base. Calculate [H+(aq)] and [0H“(aq)] in 
this solution. 

Given: [Ba(0H)2(aq)] = 0.025 mol/L 
Required: [H+(aq)] and [OH-(aq)] 

Soiution: 

Since Ba(0H)2(aq) is a strong base, it dissociates completely into 
its ions. First write the dissociation equation: 

Ba(0H)2(aq) ^ Ba^+Caq) + 2 0H-(aq) 

Since every mole of Ba(0H)2(aq) produces 1 mol of Ba^'^(aq) and 
2 mol of 0H“(aq), 

[OH-(aq)] = 2(0.025 mol/L) 

[OH-(aq)] = 0.050 mol/L 

While the autoionization of water produces hydroxide ions, this 
contribution is insignificant when compared to the 0.050 mol/L 
of ions produced by the dissociation of Ba(0H)2(aq). Also, since 
Ba(0H)2 is a strong base, you may assume that the Ba^'^(aq) ions 
do not affect the acid-base properties of the solution. In general, 
you may ignore the presence of the cations of aii ionic hydroxides 
when determining acid-base properties of solutions. 

Since Ba(0H)2(aq) is a strong base, it dissociates completely. 
The only equilibrium system that you need to consider in this 


problem is the autoionization of water. This reaction is important 
because it produces H+(aq), which affects pH. 

H20(I) H+(aq) + OH-(aq) K^ = ^.0x 10“'^ 
The additional 0H“ (aq) ions produced shift this equilibrium 
to the left, reducing the [H'^(aq)] and thus raising the pH. Use 
the 4 equation to determine [H'^(aq)]: 


[H"(aq)] = . 


4 = [H+(aq)][0H-(aq)] 

' [OH-(aq)] 

1.0 X 10“^'' 

0.050 

[H+(aq)] = 2.0 x lO'^^ mol/L 


Notice that the [0H“(aq)] used was 0.050 mol/L. Although 
some 0H“(aq) ions react with H+(aq) ions to form H20(l) when 
the equilibrium shifts to the left, the amount of 0H“(aq) ions 
that react is so small that the [0H“(aq)] essentially remains at 
0.050 mol/L. 


Statement: The concentration of hydrogen ions in the barium 
hydroxide solution is 2.0 x 10“^^ moi/L. The concentration of 
hydroxide ions is 0.050 mol/L. 
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Sample Problem 2: Calculating pH from Solution Concentration 


Determine the pH of a 500.0 mL solution produced by 
dissolving 2.6 g of sodium hydroxide, NaOH(s), in water. 

Given: mMaoH = 2.6 g; 1/ = 500.0 ml 

Required: pH 
Soiution: 

Step 1. Write the balanced equation for the dissociation of the 
base. 


NaOH(aq)^Na+(aq) + OH-(aq) 

Step 2. Identify the major entities in solution at equilibrium. 

The major entities in solution are Na'^(aq), OH“(aq), and 
HjOjl). 

Step 3. Determine [OH“(aq)]. 

Use the mass of NaOH(s) and the volume of the 
solution to calculate the concentration of the base 
before dissociation. 


/^NaOH - 2.6 g 
Mn^oh = 40.00 g/mol 

/7,30H-2.6gx 

/7fjaOH = 0-065 mol 


_ 0.065 mol 
~ 0.5000 L 
CNaOH = 0.13mol/L 

From the balanced equation, note that every mole of 
sodium hydroxide dissociates into 1 mol of Na'^(aq) and 
1 mol of OH“(aq). Therefore, after dissociation, 

[OH-(aq)] = 0.13 mol/L 
Step 4. Determine [H'^(aq)]. 

Use the equation and your value of [OH“(aq)] to find 
[H^(aq)]. 

/C = [H+(aq)][OH-(aq)] 

K. 

" [OH-(aq)] 

^ 1.0 X IQ-^ 

0.13 

[H+(aq)] = 7.7 X 10-'"mol/L 
Step 5. Determine pH. 

pH = -log[H+(aq)] 

= -log(7.7 X 10-'^) 
pH = 13.11 

Statement: The pH of the solution is 13.11. 


[H+(aq)] = . 


- mol/L 


Practice 

1. Calculate the [H'^(aq)] and [OH“(aq)] in a 0.00100 mol/L solution of potassium hydroxide, 
KOH(aq). QQ [ans: [OH-{aq)] = 0.00100 mol/L; [H+(aq)] = 1.00 X 10"'' mol/L] 

2. Calculate the pH of a 2.00 L solution prepared by dissolving 0.042 mol of strontium 
hydroxide, Sr(OH)2, in water, qq [ans; 3.92] 


Calculations Involving Solutions of Weak Bases 

In Section 8.4 you used the acid ionization constant, K^, with pH and [H^(aq)] in 
calculations involving weak acids. In much the same way, you may use the base ionization 
constant, K^, with pOH and [OH“(aq)] in calculations involving weak bases. 

When solving problems involving weak bases, you will need to know the value of 
for the base in question. In Section 8.2 you learned how to find the value of a 
base when given the value of its conjugate acid. Sometimes, however, you may not 

be given either value. In this situation you may find the value in a table (Table 1 in 
Appendix B5), and then calculate JCj,. 


Tutorial 2 Calculating and pH for a Weak Base 


This tutorial outlines how to find the 4 value for a base when the /4 value of the 
conjugate acid is not given, and to use this value to determine pH. 

Sample Problem 1: Determining /fj, from and pH from Concentration 

Highly concentrated ammonia solutions used by industry are sometimes called “liquor pjg^^g ^ industrial facility in 

ammonia.” These solutions must be handled carefully as they are corrosive and toxic Saskatchewan produces both ammonia 

(Figure 1). Calculate the pH of a 15.0 mol/L solution of ammonia, NH3(aq). ^ and urea for use as fertilizers and in 

other applications. 
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Given: [NHaiaq)] = 15.0 mol/L 

Required: pH 

Soiution: 

Step 1. Determine the formula of the base’s conjugate acid. 

The conjugate acid of ammonia is the ammonium ion, NH4'^(aq). 

Step 2. Look up the conjugate acid’s value (Table 1, Appendix B5). 

/(a for NH4+(aq) is 5.8 x 10-^“. 

Step 3. Rearrange the equation to solve for K^. Then, substitute in the values 

for and K„, noting that K„ = Ox 10“^'*, and solve the equation. 



_ 1.0 X 
~ 5.8 X 10“^“ 

/Cd = 1.724 X 10“^ (2 extra digits carried) 

Step 4. Identify the major entities in solution at equilibrium. 

Since ammonia is a weak base, most of the dissolved ammonia will remain as 
NHjjaq). Thus the major entities in solution are NHjjaq) and HjOjl). 

Step 5. Identify the primary source of hydroxide ions in solution. 

NHjjaq) and HjOjl) can produce 0H“(aq), as shown below. 

NH3(aq) + H20(l)^^NH4+(aq) + OH-(aq) Kj, = 1.7 x 10"^ 
H20(l)^^H+(aq) + OH-(aq) K„=^.0x 10"'^ 

Since Aj, » K^, the contribution of water to [OH“(aq)] can be ignored. 

Step 6. Write the equilibrium constant equation for the reaction that is the primary 
source of OH“(aq) ions: 

[NH4+(aq)][0H-(aq)] 

[NH3(aq)] 

[NHjCaq)] 

Step 7. Determine initial and equilibrium concentrations. 

Set up an ICE table for the ionization of NHjjaq) (Table 1). 


Table 1 ICE Table for the Ionization of NH3(aq) 



NH3(aq) ^ 

OH-(aq) + NH 4 +(aq) 

1 

15.0 

0 

0 

c 

-X 

+x 

+x 

E 

15.0 -X 

X X 


Step 8 . Substitute values from the ICE table into the equilibrium constant equation: 


K 


[NH4+(aq)][0H-(aq)] 

[NHsCaq)] 

15.0 - / 
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UNIT TASK BOOKMARK 


Step 9. 


Use the hundred rule to determine whether any simplifying assumptions may 
be made. 


[NH3(aq)initiai] _ 15.0 

Kt, 1.724 X 10“^ 

^ 8.7 X 10= 


[NH3(aq)ini, 


- ratio is much greater than 100, you may assume that 


15.0 - X -- 15.0 

Thus, the equilibrium equation is 


1.724 X 10“^ 


15.0 


Step 10. Solve for X 


1.724 X 10-5 

A^- 


15.0 

(1.724 X 10-5) (15.0) 
2.6 X 10-'' 


x = V2.6 X 10-“ 
1.612 X 10-2 


Step 11. Use the 5 % rule to check your result. 

1.724 X 10-5 


T X 100% = 0.00011 % 


[NH3(aq)] 

Since 0.00011 % < 5 %, the error in this result is acceptable. 

Step 12. Determine the [OH-(aq)] at equilibrium, then calculate pOH and pH. 
Since [OH-(aq)] = / (from the ICE table) and / ~ 1.612 x 10-^ 
[OH-(aq)] « 1.612 X 10-^ mol/L 
pOH = -log[OH-(aq)] 

= -log (1.612 X 10-2) 
pOH - 1.79 
pH + pOH = 14 

pH = 14 - pOH 
= 14 - 1.79 
pH = 12.21 

Statement: The pH of the ammonia solution is 12.21. 


If the consumer product that you have 
chosen for the Unit Task on page 582 
is a base, how does the high pH affect 
its function? 


Practice 

1. Determine /(i, for 

(a) the ethanoate ion, C2H302-(aq) [ans:5.6 x ip-^”] 

(b) the borate ion, H2B03-(aq) m [ans: 1.7 x 10-=] 

2. Calculate the pH of a 0.20 mol/L solution of a base, where \ = 3.82 x 10-'°. ois 
[ans: 8.94] 

3. Determine the pH of a 4.5 mol/L solution of hydrazine, N2H4(aq). Look up the /(;, value 
for hydrazine, ca [ans: 11.44] 


8.5 Calculations Involving Basic Solutions 529 












Review 


Summary 

• Calculations to determine solution characteristics of weak bases are generally 
similar to those for determining the characteristics of weak acid solutions. 

• The value for can often be found in a reference table. The value for can 
then be calculated from K^. 


Questions 


7 


1. Calculate the pH of each of the following 
solutions. If necessary, look up the Xj, values in 
Table 3, Appendix B5. QQ 

(a) sodium hydroxide, NaOH(aq); 

[NaOH(aq)] = 0.0030 mol/L 

(b) barium hydroxide, Ba(OH) 2 (aq); 

[Ba(OH) 2 (aq)] = 0.0020 mol/L 

(c) dimethylamine, (CH 3 ) 2 NH(aq); 

[(CH 3 ) 2 NH(aq)] = 0.010 mol/L 

(d) hydrazine, N 2 H 4 (aq); 

[N 2 H 4 (aq)] = 0.0250 mol/L 

2. Determine the Xj, value for each of the following 
substances. (For some of them you will have to first 
look up the X^ values in Table 1 in Appendix B5.) QQ 

(a) hydrogen sulfide ion, HS~(aq) 

(b) nitrite ion, N02“(aq); X^ = 7.2 X 10“^ 

(c) cyanide ion, CN“(aq) 

(d) fluoride ion, F“(aq) 

3. Calculate the pH of the following solutions at 
SATP: Big 

(a) morphine, Ci 7 Hi 9 N 03 (aq); 

[Ci 7 Hi 9 N 03 (aq)] = 0.01 mol/L; K^, = 7.5 X 10^^ 

(b) strychnine, C 2 iH 22 N 202 (aq); 

[C2iH22N202(aq)] = 0.001 mol/L; Xb = 1.0 X 10“® 

4. For a 0.20 mol/L solution of each of the following 
bases, calculate the hydroxide ion concentration, 
hydrogen ion concentration, and pH: BQ 

(a) A/,N-diethylethanamine, (C 2 H 5 ) 3 N(aq); 

Xb = 4.0 X 10“^ 

(b) hydroxylamine, HONH 2 (aq); Xb = 1.1 X 10“® 

5. Calculate [OH“(aq)], pOH, and pH for 

a 0.000 40 mol/L solution of calcium hydroxide, 
Ca(OH) 2 (aq); Xb = 5.0 X 10"“ m 

6. Calculate [OH“(aq)], pOH, and pH for each of the 
following aqueous solutions: BID 

(a) 25 g potassium hydroxide, KOH(aq), per litre 

(b) 150.0 g sodium hydroxide, NaOH(aq), per litre 
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7. Ammonia is the most common and well-known 
weak base. A sample of household ammonia has a 
pH of 11.80. Determine its concentration. ™ D 

8. Find an online MSDS for ammonia. Prepare a list 
of precautions that should be taken while working 
with ammonia. D D 

9. Methanoate ion, HC02”(aq), is the conjugate base of 
methanoic (formic) acid, HC02H(aq). BZD 

(a) Write the Xb equation for the ionization of the 
methanoate ion. 

(b) Write the X^ equation for the ionization of 
methanoic acid. 

(c) Use the equations from (a) and (b) to show that 
X,Xb = X^ 

10. Methylamine, CH 3 NH 2 (aq), is a weak base 

(Xb = 4.4 X 10“''). It is used in the pharmaceutical 
industry to synthesize ephedrine, which is a stimulant, 
decongestant, and appetite suppressant. fv|)’ BO D D 

(a) A pharmaceutical company requires a 
solution of 0.25 mol/L methylamine for its 
reactions. One of the chemists onsite was 
unsure if the methylamine supplied was of the 
correct concentration. He tested the pH and 
determined it was 11.2. Did this sample of 
methylamine have the concentration required 
for their reaction? Show your evidence. 

(b) If you determined that the solution was not the 
correct concentration, was it too concentrated 
or too dilute? 

(c) Ephedrine is one of the main ingredients 
in a “Coast Guard cocktail.” Research why 
ephedrine is used in this application, and the 
possible health effects of its use. 

( 1 ^) 






Acid-Base Properties of Salt 
Solutions 


Salts are ionic compounds that are solid at SATP. A salt contains cations (positively 
charged ions) and anions (negatively charged ions) arranged in a repeating crystalline 
pattern. Many salts are highly soluble in water and easily dissociate into ions that may 
or may not affect the pH of the solution. 

Salts in Solution 

A pure substance that dissociates into ions when it dissolves in water is called an elec¬ 
trolyte. Salts are electrolytes. Salts can be acidic, basic, or neutral. An acidic salt is one 
that, when it dissolves in water, increases the concentration of hydrogen ions and thus 
forms an acidic solution. A basic salt increases the concentration of hydroxide ions 
and thus forms a basic solution in water. A neutral salt produces neither hydrogen 
ions nor hydroxide ions and thus forms a neutral solution in water. 



The Acidity of Salt Soiutions 
(page 570) 

In this controlled experiment you will 
write and test a hypothesis regarding 
the pH of common salt solutions. 


Salts That Produce Neutral Solutions 

When you test a solution of sodium chloride with a pH meter, the reading is 7, or 
neutral. How may we explain this result? Recall that the anion of a strong acid (the 
acid’s conjugate base) has virtually no affinity for hydrogen ions. Similarly, the cation 
of a strong base has almost no affinity for hydroxide ions. When sodium chloride dis¬ 
solves in water, therefore, the dissociated ions do not react with water and thus do not 
change the concentration of hydrogen ions or hydroxide ions: the solution remains 
neutral (pH = 7). Examples of common neutral salts are sodium nitrate, NaN 03 (s), 
and potassium chloride, KCl(s) (Figure 1). 

■KCI(aq)- 


Since K+(aq) is the cation of a ^ince Ci“(aq) is the anion (conjugate 

strong base—KOH(aq)—K+(aq) does base) of a strong acid—HCI(aq)—Ci"(aq) 

not react with water to form KOH(aq) does not react with water to form HCi(aq) 

and H+(aq). land OH-(aq). 



No H+(aq) ions are produced; no OH-(aq) ions are produced. 


1 

neutral solution 

Figure 1 Explaining why potassium chloride produces a neutral solution 


Salts That Produce Basic Solutions 

Potassium ethanoate, KC 2 H 302 (s), is another highly soluble salt. In aqueous solution 
the major entities are potassium ions, K’''(aq), ethanoate ions, C 2 H 302 ~(aq), and water 
molecules, H20(l). Experimental evidence shows that the pH is basic (Figure 2). 

^- KC 2 H 302 (aq) -^ 

(Since K+(aq) is the cation of a ' Since C2H302“(aq) is the anion (conjugate 

strong base—KOH(aq)—K+(aq) does base) of a weak acid—HC2H302(aq)— 

not react with water to form KOH(aq) C2H302“(aq) is a sufficiently strong base to 

' .and H+(aq). react with water to produce HC2H302(aq) 



No H+(aq) ions are produced; some OH-(aq) ions are produced. 

1 

basic solution 

Figure 2 Explaining why potassium ethanoate produces a basic solution 


8.6 Acid-Base Properties of Salt Solutions 


531 













hydrolysis a chemical reaction of an ion 
with water to produce an acidic or basic 
solution by the production of hydronium or 
hydroxide ions 



Hydroiysis 

Do not confuse the definition of 
hydrolysis as it applies to acid-base 
chemistry with the meaning of the term 
presented in Chapter 1. In acid-base 
chemistry it means the reaction of an 
ion with water to produce aqueous 
hydrogen ions or hydroxide ions (an 
acidic or basic solution). In your study 
of organic chemistry you used the 
same term to mean “the breaking 
of a covalent bond in a molecule by 
the addition of the elements of water 
(hydrogen and oxygen).” 


As in the example of potassium chloride solution (Figure 1), the potassium ion does 
not act as a Bronsted-Lowiy acid. The basic character of ethanoate solutions results from 
the ethanoate ion. We can explain this using the Bronsted-Lowiy theory. A Bronsted- 
Lowry base acts as a proton acceptor, and may remove a proton from water to form 
hydroxide ions in solution. The ethanoate ion is a base, and reacts with the best hydrogen 
ion donor in the solution. In this case, water is the only hydrogen ion donor present. 
Thus the ethanoate ion reacts with water to produce ethanoic acid and hydroxide ions. 

C 2 H 302 “(aq) + H20(l) HC 2 H 302 (aq) + OH"(aq) 

Note that this reaction involves a base reacting with water to produce the conju¬ 
gate acid (ethanoic acid) and a hydroxide ion. The water molecule is split apart during 
this reaction. This splitting is known as hydrolysis (from the Greek words hydro, 
meaning “water,” and lysis, meaning “splitting”). 

As these two examples show. Group 1 cations do not react with water to change 
the pH of a solution. Therefore, all aqueous salt solutions of Group 1 chlorides are 
neutral. 

As you saw in Section 8.2, we can use the value of a weak acid to calculate the 
iCb value of its conjugate base and, hence, its pH. 


Tutorial 1 Determining the pH of a Basic Salt Solution 


In this tutorial, you will use /fa lo determine the pH of a salt solution. 

Sample Problem 1: Determining the pH of a Salt Solution 

Calculate the pH of a 0.30 mol/L sodium nitrite solution, NaNOjjaq). 

Given: 0.30 mol/L 
Required: pH 
Soiution: 

Step 1 . Determine the major entities in the solution. 

The major entities in this solution are HjOjI), NaNOjjaq), Na'^(aq), and NOj^jaq). 
Step 2. Determine whether any of the ions react with water. 

Since nitrous acid is a weak acid, the nitrite ion must have a significant affinity 
for hydrogen ions. Thus, NOj^jaq) may cause hydrolysis with water. 

Since sodium hydroxide is a strong base, dissociating compietely in water, 
the sodium ion does not have a significant affinity for hydroxide ions. Thus, 
Na'^(aq) does not cause hydrolysis. 

Step 3. Write the equilibrium reaction equation for the dominant reaction in the solution 
and identify the conjugate acid produced. 

The dominant reaction in the solution is the reaction between N02"(aq) and 
water. The equilibrium reaction equation for this reaction is 

N02"(aq) + H20(l)^^HN02(aq) + OH-(aq) 

Since N02“(aq) may cause hydrolysis with water and accept a proton, the nitrite 
ion is a base. Its conjugate acid is nitrous acid, HN02(aq). 

Step 4. Write the equilibrium constant equation. 

The equilibrium constant {Kf) equation is 


[HN02(aq)][0H (aq)] 
[N02-(aq)] 
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step 5. Look up the value of and determine the value of the equilibrium constant. 

You need to find the equilibrium constant of the base, N02“(aq). You can 
determine this value from the equilibrium constant of the acid, HNOjiaq). According 
to Table 1 in Appendix B5, /^ = 4.6 x 10“'' for HNOjlaq). 

Next, calculate the value of /(I, from and K^. 

4 = ka 



_ 1.0 X 10“^'* 

“ 4.6 X 10“^ 

= 2.174 X 10“^^ (2 extra digits carried) 

Step 6 . Determine the initial and equilibrium concentrations. 

You know that the initial concentration of nitrite ions in solution is 0.30 mol/L. 
Set up an ICE table for the hydrolysis equilibrium (Table 1). 


Table 1 ICE Table for the Hydrolysis Reaction of Nitrite with Water 


NO 2 (aq) + 

820 ( 1 ) HN 02 (aq) + 

OH (aq) 

1 

0.30 

— 0 

« 0 

C 

-X 

— +x 

+x 

E 

0.30 - X 

- 

X 


Step 7. Substitute the value of the equilibrium constant and equilibrium concentrations 
(from the ICE table) into the equilibrium constant equation. 
[HN02(aq)][0H-(aq)] 


2.174 X 10“ 
2.174 X 10“^^ = 


[NO2 (aq)] 

WW 


0.30 - X 

Step 8 . Use the hundred rule to determine whether any simplifying assumptions may be 
made. 

[N02“(aq)Mai] 0.30 

/Ca 2.174 X 10“'^ 

[N02~(aq)inii 


Since - 


Since the 


K, 

[HN02(aq)i 


= 1.380 X 10'“ 


- ratio is much greater than 100, you may assume that 


0.30 - X - 0.30 
Thus, the equilibrium equation is 
2.174 X 10“" = - 


Step 9. Solve for X. 

2.174 X 10“" 


0.30 


0.30 

(2.174 X 10“")(0.30) 

6.522 X 10“'^ 

V6.522 X 10“'2 

2.554 X 10“® (Note that only the positive root is realistic.) 
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X 100% 


step 10. Use the 5 % rule to check your result. 

X .. 2.554 X 10- 

[N02-(aq)] ^ - 0.30 

^ X 100 % = 0.00085 % 

[N02-(aq)] 

Since 0.000 85 % < 5 %, the error in this result is acceptabie. 

Step 11. Determine [H'^(aq)] or [0H“(aq)] at equiiibrium and caiculate pH. 

[OH-(aq)] = X 

[OH-(aq)] = 2.554 x 10“® mol/L 
pOH = -iog[OH-(aq)] 
pOH = -iog(2.554 x 10“®] 
pOH = 5.59 
pH= 14.00 - 5.59 
pH = 8.41 

Statement: The pH of a 0.30 moi/L soiution of sodium nitrite is 8.41, which is basic, as expected. 


Practice 

1. Calculate the pH of a 0.35 mol/L solution of sodium methanoate, NaCHOjiaq). oiD [ans;8.64] 

2. Calculate the pH of a 0.85 mol/L solution of sodium hypochlorite, NaCIO(aq). qq [ans: io.69] 


Salts That Produce Acidic Solutions 

Some salts produce acidic solutions when dissolved in water. For example, when solid 
ammonium chloride, NH 4 Cl(s), dissolves, ammonium ions behave as a weak acid: 
NH 4 +(aq)^^NH 3 (aq) + H + (aq) 

In general, if a salt contains a cation that is the conjugate acid of a weak base (such 
as the ammonium ion, NH 4 ^(aq)) and an anion that is not a base (such as the chlo¬ 
ride ion, Cl“(aq)), the salt forms an acidic solution (Figure 3). 


Since NH4+(aq) is the conjugate acid of 
a weak base, NHgjaq) is a sufficiently 
strong acid to react with water and 
produce NHsjaq) and HjOfaq). 


Since Cl jaq) is the anion of a strong 
acid—HCI(aq)—Cl-(aq) does not react 
with water to form HCI(aq) and 0H“(aq). 


Some H+(aq) (or HgO+laq)) ions are produced; no OH-(aq) ions are produced. 


acidic solution 

Figure 3 Explaining why ammonium chloride produces an acidic solution 


Tutorial 2 Determining the pH of an Acidic Salt Solution 


You will use a problem-solving method to determine the pH of an acidic salt solution similar 
to the one you used for basic salt solutions, except that you will use /C[, rather than /Cg. 


Sample Problem 1: Determining the pH of a Solution 

Calculate the pH of a 0.10 mol/L NH4CI(aq) solution. 

Given: [NH4CI(aq)] = 0.10 mol/L 

Required: pH 
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Solution: 


Step 1. 


Step 3. 


Step 5. 


Step 6. 


Determine the major entities in the solution. 

The major entities in this solution are HjOjl), NH4'^(aq), and Cr(aq). 

Determine whether any of the ions may react with water. 

Since Cl“(aq) is the conjugate base of a strong acid (HCI(aq)), Cl“(aq) ions cannot 
cause hydrolysis. 

Write the equilibrium reaction equation for the dominant reaction in the solution 
and identify the conjugate base produced. 

NH4'^(aq) ions may react with water to form hydronium ions (hydrogen ions) as follows: 
NH4+(aq) + HsO® NHsCaq) + HjO + Caq) 


As before, this equation may be simplified to 
NH4'^(aq)=^^NH3(aq) + H'^(aq) 

The conjugate base of the ammonium ion is therefore ammonia, NHjjaq). 

Write the equilibrium constant equation. 

_ [NH3(aq)][H^(aq)] 

[NH4"(aq)] 

Look up the value of and determine the value of the equilibrium constant. 
Since NH3(aq) is the conjugate base of NH4'^(aq), you need to find the equilibrium 
constant, K^, of NH3(aq). According to Table 3 in Appendix B5, Aj, = 1.8 x 10“® 
for NH3(aq). 

Next, use this value and the equation K„ = KJ<^, to determine the value of for 
NH4+(aq). 

K, = K,K, 



_ 1.0 X 10"^'* 

“ 1.8 X 10“= 

K, = 5.556 X 10“^° 

Thus, the equilibrium constant equation is 


5.556 X 10-1“ 


[NH3(aq)][H + (aq)] 
[NH4+(aq)] 


Determine the initial and equilibrium concentrations. 

Although ammonium, NH4'^(aq), is a very weak acid, the value of its equilibrium 
constant (5.556 x 10“^°) is much greater than that of water (A; = 1.0 x 10“’'*). 
The NH4+(aq) equilibrium will therefore dominate in the production of H+(aq) 
ions. Thus, focus on the NH4+(aq) equilibrium to calculate pH. 

Set up an ICE table (Table 2). 


Table 2 ICE Table for the Reaction of Ammonium Ions with Water 



NH4+(aq) 

H (aq) 

+ NH3(aq) 

1 

0.10 

« 0 

0 

c 

-X 

+x 

+x 

E 

0.10-X 

X 

X 
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step 7. 


Substitute the value of the equilibrium constant and equilibrium concentrations 
(from fhe ICE fable) into the equilibrium constant equation. 


5.556 X 10-'“ 


[H^(aq)][NH3(aq)] 

[NH4^(aq)] 


steps. 


Use the hundred rule to determine whether any simplifying assumptions may be made. 
[NH/(aq)initiai] __0,10_ 


K. 

[NH/(aq)in,„J 

K. 

[NH/(aq)i„ 

Since the- - — 

rfa 

0.10 - X- 0.10 


5.556 X 10-' 
= 1.8 X 10“ 


- ratio is much greater than 100, you may assume that 


Thus, the equilibrium equation is 

V 2 

5.556 X 10-'“ = — 

0.10 

Step 9. Solve for x. 

X ^ 

5.556 X 10-'“ = — 

0.10 

= 5.556 X 10-" 

X- V5.556 X 10-" 

7.454 X 10-“ 

Step 10. Use the 5 % rule to check your result. 

The error in the result is acceptable. (Check this yourself.) 

Step 11. Determine [H''‘(aq)] or [OH-(aq)] at equilibrium and calculate pH. 
[H+(aq)] = X 

[H+(aq)] = 7.454 x 10-“mol/L 
pH = -log(7.454 x 10-“) 


pH = 5.13 


Statement: The pH of a 0.10 mol/L solution of ammonium chloride is 5.13, which is acidic. 


Practice 

1. Calculate the pH of a 0.525 mol/L solution of ammonium chloride, NH4CI(aq). (The 
value for ammonia, NH3(aq), is 1.8 x 10-“). C!!] [ans:4.77] 

2. Codeine is an organic base {K^ = 1.62 x 10-“) represented by the symbol D. What is 
the pH of a 0.0250 mol/L solution of codeine hydrochloride, DHCI(aq)? qq [ans: 4.9i] 


In aqueous solutions of salts such as ammonium ethanoate, NH 4 C 2 H 302 (aq), both 
ions may affect the pH of the solution. Since the equilibrium calculations for these 
cases can be quite complicated, we will only consider such problems qualitatively. We 
can predict whether the solution will be basic, acidic, or neutral by comparing the 
value for the acidic ion with the fCj, value for the basic ion (Table 3). 

• If the value for the acidic ion is larger than the iC,, value for the basic ion, 
the solution will be acidic. 

• If the ffb value is larger than the value, the solution will be basic. 

• Equal and values result in a neutral solution. 
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Table 3 Acid-Base Properties of Various Types of Salts 


Type of salt 

Examples 

Comment 

pH of solution 

Cation of a Group 1 or Group 2 
element, other than Be; anion 
is from strong acid 

KCI(aq), 

NaCI(aq), 

NaNOglaq) 

Neither of the ions acts 
as an acid or a base 

neutral 

Cation of a Group 1 or Group 2 
element, other than Be; anion 
is from weak acid 

NaC2H302(aq), 

KCN(aq), 

NaF(aq) 

Anion acts as a base; 
cation has no effect 
on pH 

basic 

Cation is conjugate acid of 
weak base; anion is from 
strong acid 

NH4CI(aq), 

NH4N03(aq) 

Cation acts as an acid; 
anion has no effect on 
pH 

acidic 

Cation is conjugate acid of 
weak base; anion is conjugate 
base of weak acid 

NH4C2H302(aq), 

NH4CN(aq) 

Cation acts as an acid; 
anion acts as a base 

acidic if /f, > /ft 
basic if > /Q 
neutral if /Q = 4 

Cation is highly charged metal 
ion; anion is from strong acid 

AI(N03)3(aq), 

FeChlaq) 

Hydrated cation acts as 
an acid; anion has no 
effect on pH 

acidic 


Another type of salt that produces an acidic solution is one that contains a highly 
charged metal ion. For example, a solution of aluminum chloride, AlCl 3 (s), is sig¬ 
nificantly acidic. Although the AP’''(aq) ion is not itself a Bronsted-Lowry acid, the 
hydrated ion, Al(H 20 )g^^(aq), that forms in water is a weak acid: 

Al(H20)^+(aq)^^Al(0H)(H20)2+(aq) -f H+(aq) 

Many metal ions form acidic solutions to varying degrees (Table 4). 

Hydrolysis of Amphiprotic (Amphoteric) Ions 

As you learned in Section 8.1, amphiprotic compounds can act as Bronsted-Lowry 
acids or bases. Water is amphiprotic; so are polyatomic ions that include hydrogen, 
H, at the beginning of the formula. Let us consider an example of a compound 
that produces amphiprotic ions. An aqueous solution of sodium hydrogen sulfate, 
NaHS 04 (aq), dissociates to produce sodium ions, Na'''(aq), and hydrogen sulfate 
ions, HS 04 “(aq). The HS 04 “(aq) ions are amphiprotic: they may hydrolyze in 
two different ways. One way forms sulfate ions, S 04 ^“ (aq), and hydronium ions, 
H 30 ^(aq), thereby creating an acidic solution. The other hydrolysis reaction forms 
OH“(aq) and H 2 S 04 (aq) ions, thereby forming a basic solution: 

NaHS 04 (aq) ^ Na+(aq) -f HS 04 "(aq) 

(dissociation) 

HS04“(aq) -f H20(l) =^^H30 + (aq) -f S04^"(aq) 1C, = 1.2 X 10"^ 

(acid hydrolysis) 

HS 04 -(aq) + H 20 (l) ^^OH-(aq) + H 2 S 04 (aq) = very small 

(base hydrolysis) 


Table 4 Acid Ionization Constants for 
Some Metal Cations (/4 at SATP)* 


Metal cation* 

K, 

Zr''+(aq) 

2.1 

Sn^+(aq) 

2.0 X 10-2 

Fe^+(aq) 

1.5 X 10-2 

Cr3+(aq) 

1.0 X 10-“ 

Al^+(aq) 

9.8 X 10-2 

Be^+(aq) 

3.2 X 10-' 

Fe2+(aq) 

1.8 X 10-' 

Pb2+(aq) 

1.6 X 10-2 

Cu^+(aq) 

1.0 X 10-2 


'Aqueous metal cations are hydrated 
complex ions (for example, Cu(H20)4^+(aq)) 
but they are usually written without the water 
moiecules. 


Whether a solution of sodium hydrogen sulfate is acidic or basic depends on the 
relative size of the 1C, of the acid hydrolysis equilibrium and the IC,, of the base hydro¬ 
lysis equilibrium. 

Sodium hydrogen sulfate may act as either an acid or a base but you can see from 
this example that one equilibrium dominates. In this case, the resulting solution is 
acidic. For other salts, such as sodium hydrogen carbonate, the solution is basic. By 
comparing 1C, and ICj, values you can predict which equilibrium will dominate. 
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Hydrolysis of Metallic and Non-metallic Oxides 

When calcium oxide, a metallic oxide, dissolves in water it produces a basic solution. 
However, when carbon dioxide, a non-metallic oxide, dissolves in water it forms an 
acidic solution. This is a general result: metallic oxides form basic solutions and non- 
metallic oxides form acidic solutions. How can we explain this observation? Oxides 
are only slightly soluble in water. However, these compounds react with water mol¬ 
ecules to affect the pH of the resulting solutions. 

Metallic Oxides 

Calcium oxide reacts with water to produce calcium ions and hydroxide ions: 

CaO(s) + H20(l)^^Ca2+(aq) + 2 0H“(aq) 

This reaction increases [OH“(aq)] and thus increases the pH. 

Metallic oxides, such as those of the Group 1 and Group 2 metals, produce basic 
solutions in water. As a result, these oxides are sometimes called basic oxides. 

Non-metallic Oxides 

Non-metallic oxides (such as dinitrogen monoxide, N20(aq), and sulfur dioxide, 
S 02 (aq)), increase the concentration of hydronium ions (hydrogen ions) in water. 
Thus the pH decreases and the resulting solution is acidic. This acidity affects many 
natural processes including weathering, tooth decay, and nutrient absorption by 
plants. Oxides of sulfur and nitrogen released into the atmosphere contribute to acid 
precipitation that can acidify lakes and rivers. Even atmospheric carbon dioxide makes 
rain slightly acidic. 

Garbon dioxide gas reacts with water in a two-step process: 

G02(g) + H20(l)^H2G©3fat^ 

H^CGjtaq) + H20(l) ^^H 30 + (aq) + HG 03 ~(aq) 

G 02 (g) + 2 H 20 (l)^^H 30 +(aq) + HG 03 “(aq) (netequation) 

The net reaction increases the concentration of hydronium ions in solution and 
thus decreases the pH. A non-metallic oxide, such as G02(g), that dissolves in water 
to form an acidic solution is sometimes called an acidic oxide. 


Tutorial 3 Predicting Properties of Oxide Solutions 


In this tutorial, you will learn how to predict the acidity of a solution of an oxide by 
examining its cation. 

Sample Problem 1: Acidity of a Metallic Oxide Solution 
A chemist prepares a solution of magnesium oxide, MgO(aq). Write the hydrolysis reaction 
equation and predict whether the resulting solution will be acidic, basic, or neutral. 

Solution 

First, identify the oxide as a metallic oxide or a non-metallic oxide. 

Magnesium is a metal, so magnesium oxide is a metallic oxide. 

Next, write the hydrolysis equation for the oxide. 

Metal oxides react with water to form basic solutions. So, magnesium oxide will 
react with water to form a basic solution as follows: 

MgO(aq) -F HjOO) =^^Mg2'^(aq) -F 2 0H“(aq) 

Practice 

1. Predict whether a solution of copper(ll) oxide, CuO(aq), will be acidic, basic, or 
neutral. Write a hydrolysis equation to support your answer, oig 

2. A solution is made by bubbling nitrogen dioxide gas, N02(g), into water. Predict 
whether the solution will be acidic, basic, or neutral. Explain your answer. 
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Review 
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Summary 


For a salt solution in which the anion is the conjugate base of a weak acid, and 
the cation does not react with water, the aqueous solution is basic. 

For a salt solution in which the cation is the conjugate acid of a weak base, 
and the anion does not react with water, the aqueous solution is acidic. 

If neither the anion nor the cation is a conjugate base or acid, the ions will not 
affect the pH of the aqueous solution. 

If the salt has an anion and a cation that can both hydrolyze water, look at the 
K^, and values of the anion and cation. If the solution will become 

more acidic. If the solution will become more basic. If = K^, the 

solution will be neutral. 

Metallic oxides form basic solutions and non-metallic oxides form acidic 
solutions. 


Questions 


1. Create flow charts similar to Figures 1, 2, and 3 
for the following compounds. Specify whether 
each solution will be acidic, basic, or neutral. (If 
necessary, look up the relevant and values in 
Appendix B5.) QQ D 

(a) lithium chloride, LiCl(aq) 

(b) lithium fluoride, LiF(aq) 

(c) ammonium chloride, NH 4 (aq) 

2. Predict whether each of the following solutions will 
have a pH < 7, pH = 7, or pH > 7. Explain your 
answer. 130 

(a) sodium sulfite, Na 2 S 03 (aq) 

(b) ammonium methanoate, NH 4 CH 02 (aq) 

(c) magnesium sulfate, MgS 04 (aq) 

3. Create a table to summarize what types of salts result 
in acidic, basic, or neutral aqueous solutions. 013 D 

4. Calculate the pH of each of the following solutions: QQ 

(a) 0.30 mol/L ammonium nitrate solution, 
NH4Cl(aq) 

(b) 0.30 mol/L solution of calcium chloride 
solution, CaCl 2 (aq) 

(c) 1.45 mol/L calcium sulfate solution, CaS 04 (aq) 

(d) 2.61 mol/L ammonium hydrogen sulfate 
solution, NH 4 HS 04 (aq) 

(e) 2.80 mol/L sodium ethanoate solution, 
NaC 2 H 302 (aq) 

(f) household bleach: 0.91 mol/L NaClO(aq) solution 

5. Aniline hydrochloride, C 6 H 5 NH 3 Cl(s), is a crystalline 
powder that is used in industry to synthesize dyes. 
Once the dye has been produced, the remaining 
solution should be neutralized. 013 D 


(a) Determine the pH of a 0.10 mol/L solution 
of aniline hydrochloride. (iCi, for aniline is 
4.1 X lO-i".) 

(b) Would a dilute solution of calcium oxide or 
nitrogen oxide be the best to use to neutralize 
the excess aniline hydrochloride? Explain your 
reasoning. 

(c) Why would an oxide solution be used 
to neutralize the solution, rather than 
hydrochloric acid or sodium hydroxide? 

6. Experimental Design: Small samples of zinc, 
carbon, phosphorus, and iron will be burned in air. 
The resulting product will be mixed with water and 
tested with red and blue litmus paper. B23 Eil B 

(a) Write equations that predict each elements 
reaction with oxygen, and then the reaction of 
the oxide with water. 

(b) Predict what will be observed when the 
solutions are tested with red and blue litmus 
paper. Record you predictions in a table. 

7. Saltwater fish are very sensitive to the pH of their 
water, (ill) qq OD B 

(a) Research the optimum pH for a saltwater fish 
tank. 

(b) What salts do you think could be used to safely 
adjust the pH of a fish tank? Explain your 
reasoning. 

(c) The pH in a fish tank will change over time. 
What substances may affect the pH? What 
should you do to counteract any change? 
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titration the addition of precise volumes 
of a soiution in a burette to a measured 
voiume of a sampie soiution; often used 
to determine the concentration of a 
substance in the sample 

sample the solution being analyzed in a 
titration 

titrant the solution in a burette during a 
titration 

burette a calibrated tube used to deliver 
variable known volumes of a liquid during 
a titration 



Figure 1 The burette contains the 
titrant. The Erlenmeyer flask contains 
the sample. 


standard solution a solution whose 
concentration is accurately and precisely 
known 

primary standard a highly pure and 
stable chemical used to determine the 
precise concentration of acids or bases 

equivalence point the point in a titration 
when neutralization is complete 

endpoint the point in a titration at which 
a sharp change in a measurable and 
characteristic property occurs (for example, 
a colour change in an acid-base indicator) 


Acid-Base Titration 

A food technologist working for a soft-drink company needs to know the concentra¬ 
tion of citric acid in a new fruit-flavoured drink. To determine the concentration of 
the acid, the chemist adds a basic solution, such as sodium hydroxide, of known con¬ 
centration until the base exactly neutralizes the acid. Knowing the volume of drink 
used, and the volume and concentration of the basic solution added, the chemist can 
calculate the concentration of the acid in the drink. The process of analyzing various 
characteristics of a solution (such as concentration and pH) by the progressive reac¬ 
tion of the solution with another solution is called titration. # career link 

In a typical titration, the sample is placed in a receiving flask, usually an Erlenmeyer 
flask. Drops of a solution, called the titrant, are then added slowly from a burette into 
the sample (Figure 1). Knowing the volume of the titrant and the sample, and the con¬ 
centration of one of these solutions, we can determine the quantity and concentration 
of the chemical entity of interest. We can also determine the pH of the solution in the 
receiving flask at various points in the titration. 

In an acid-base titration, the sample in the receiving flask may be an acid 
or a base. If the sample is a base, the titrant used is an acid, and vice versa. By 
delivering a measured volume of titrant into the sample, we can calculate various 
characteristics of the sample. These calculations are based on the stoichiometry of 
the reaction between entities in the titrant and entities in the sample. It is there¬ 
fore important to know the amount concentration of the titrant to a high degree 
of accuracy and precision. 

Thus, we usually first determine the concentration of the titrant by a titration pro¬ 
cedure called standardization. In a standardization procedure, the solution that will 
be a titrant in an investigation is titrated into a standard solution made by dissolving 
a compound called a primary standard in distilled water. A primary standard must be 
very pure and the amount present (in moles) must be known to a high degree of accu¬ 
racy and precision. Common primary standards include the base, sodium carbonate, 
Na 2 C 03 (s), for standardizing acid titrants. The weak acid, potassium hydrogen phthalate, 
KHC 8 H 404 (s), is commonly used for standardizing basic titrants. This process accu¬ 
rately determines the concentration of the titrant in the burette. 

Some strong acids and bases that are commonly available are not used as primary 
standards because they absorb water from the air. Sodium hydroxide is an example. 
Other strong acids and bases degrade or decompose. For example, at high concentra¬ 
tions, hydrochloric acid vaporizes to produce hydrogen chloride gas, HCl(g). Such 
unpredictable changes reduce the accuracy of measurements. 

For most titrations, the titrant is slowly added from a burette into a known volume 
of sample solution in a receiving flask. The titrant is added just until all the reactant 
in the sample is consumed. This point is called the equivalence point or the stoichio¬ 
metric point. At the equivalence point, the amount of titrant used is calculated from 
the volume and concentration added. 

In most cases, titrant and sample solutions are clear and colourless, as are the 
products of their reaction. This makes it impossible to see when the equivalence point 
is reached. Thus, before beginning an acid-base titration, we mix an appropriate 
acid-base indicator with the sample. An indicator is a solution of a weak acid or base 
that changes colour at a certain pH, visually “indicating” when the equivalence point 
is reached and the titration is complete. The endpoint of a titration occurs just as the 
indicator changes colour. At the endpoint we stop the titration. The volume of titrant 
in the burette is recorded both before and after the titration. The difference between 
these readings gives the volume of titrant used. 

Titrations are rarely 100 % accurate or precise because there are many oppor¬ 
tunities for error. Achieving precision in the laboratory can be challenging. 
That is why titrations are usually repeated a few times and the titration volumes 
are averaged. 
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Titrations and pH Curves 


Acid-base titrations may be used to analyze a variety of characteristics of acids and 
bases. In some cases, the titration is used to determine the amount or concentration 
of a solute in a sample (as in the case of the food technologist). In other cases, titra¬ 
tion may be used to monitor the pH changes that occur during neutralization. 

Titrations Involving Strong Acids and Strong Bases 

Recall from earlier Chemistry courses that the products of the reaction between a 
strong acid and a strong base are a salt and water. We will illustrate the titration of 
a strong acid by a strong base (a strong acid-strong base titration) by considering a 
specific example. In this example the sample is 50.0 ml of 0.200 mol/L nitric acid, 
HN 03 (aq), and the titrant is 0.100 mol/L sodium hydroxide solution, NaOH(aq) 
(Figure 2). We will calculate the pH of the solution at five selected points (stages) 
during the titration, at which specific volumes of the titrant have been added. 


Acid-Base Titration (page 571) 

In this investigation you wiil first 
standardize the titrant using a 
primary standard, then use the 
titrant to determine the concentration 
of hydrogen ions in an unknown 
solution. 


titrant 

(0.100 moi/L NaOH(aq)) 


sample 

(50.0 ml of 0.200 mol/L 
HN 03 (aq)) 

start midway endpoint 

(indicator changes coiour) 

Figure 2 A typical titration of a strong acid with a strong base. The chosen indicator is yellow in an 
acidic solution and becomes blue in a basic soiution. 

STAGE 1: BEFORE TITRANT IS ADDED TO THE SAMPLE 

Since nitric acid, HN 03 (aq), is a strong acid (it is completely ionized in aqueous solu¬ 
tion), the initial sample solution contains the following entities: 

H+(aq), N 03 -(aq), and H20(l) 

Since a 0.200 mol/L nitric acid solution contains hydrogen ions at a concentration 
of 0.200 mol/L, 

[H+(aq)] = 0.200 mol/L 
pH = -log[H+(aq)] 

= -log(0.200) 
pH = 0.699 
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STAGE 2: AFTER 10.0 mL OF TITRANT IS ADDED TO THE SAMPLE 

In this titration, the sample contains the following entities: 

H+(aq), N 03 “(aq), and H20(l) 

The titrant, NaOH(aq), adds the following entities: 

Na+(aq), OH“(aq), and H20(l) 

Before any reaction occurs between the entities of the titrant and the entities of the 
sample, the solution in the receiving flask contains the following entities: 

H+(aq), N 03 “(aq), Na+(aq), OH"(aq), and H20(l) 

Soon after the addition of the titrant to the sample, the following net ionic reaction 
will occur between hydrogen ions and hydroxide ions: 

H+(aq) + OH“(aq) ^ H20(l) 

This reaction reduces the concentrations of hydrogen ions and hydroxide ions 
in the solution. Table 1 shows the amounts of hydrogen ions and hydroxide ions in 
the receiving flask before and after the reaction. Note that hydrogen ions react with 
hydroxide ions in a 1:1 molar ratio. 

Table 1 Amounts of H+(aq) and 0H“(aq) in the Flask After 10.0 ml of Titrant Is Added 



H^(aq) H 

OH-(aq) ^ 

H20(l) 

Amount before 
reaction 

50.0 ml X 0.200 mol/L 
= 10.0 mmol 

10.0 mix 0.100 mol/L 
= 1.00 mmol 


Amount after 
reaction 

10.0 mmol - 1.00 mmol 
= 9.00 mmol 

1.00 mmol - 1.00 mmol 
= 0 mmol 



After the reaction, the solution in the receiving flask contains H’''(aq), N 03 “(aq), 
Na'''(aq), and H20(l). (The OH“(aq) ions have been consumed). The sodium ion, 
Na'''(aq), has no acid or base properties. The nitrate ion, N 03 “(aq), is the con¬ 
jugate base of the strong acid HN 03 (aq) and is therefore only a very weak base. 
Consequently, neither N 03 “(aq) nor Na^(aq) ions affect the solutions pH. The pH 
will be determined by the concentration of hydrogen ions remaining, as follows: 

[H*(aq)] = ^ 


nH+ = amount of H’*' (aq) ions remaining (mmol) 


[H+(aq)] 

[H+(aq)] 

pH 

pH 


volume of solution in receiving flask (mL) 
9.0 Hfmol 
(50.0 + 10.0) ML 
0.15 mol/L 

-log(0.15) 

0.82 


The pH of the solution after 10.0 mL of titrant is added is 0.82. Note that the 
volume of the solution in the receiving flask (60.0 mL) is fhe sum of fhe original 
volume of the sample (50.0 mL) and the volume of titrant added (10.0 mL). 


STAGE 3: AFTER 50.0 mL OF TITRANT IS ADDED TO THE SAMPLE 

We will now calculate the pH of the solution in the receiving flask after 50.0 mL of 
the titrant has been added to the sample. Note that we do not base these calculations 
on the contents of the receiving flask at the end of Stage 2. Instead, we treat the situ¬ 
ation as though we have added 50.0 mL of titrant to the original 50.0 mL sample of 
nitric acid (Table 2). 
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Proceeding exactly as we did in Stage 2, we can determine that when 50.0 mL of 
sodium hydroxide solution has been added to the 50.0 mL sample of nitric acid, the 
solution in the receiving flask has a pH of 1.30. 

Table 2 Amounts of H+(aq) and 0H“(aq) in the Flask After 50.0 ml of Titrant Is Added 



H+(aq) + OH-(aq) ^ HjOfl) 

Amount before reaction 

50.0 mL X 0.200 mol/L 
= 10.0 mmol 

50.0 mLx 0.100 mol/L 
= 5.00 mmol 


Amount after reaction 

10.0 mmol - 5.00 mmol 
= 5.0 mmol 

5.00 mmol - 5.00 mmol 
= 0 mmol 



UNIT TASK BOOKMARK 


You may find this information on 
titration useful if you need to perform 
this procedure as part of the Unit Task, 
which is outlined on page 582. 


STAGE 4: AFTER 100.0 mL OF TITRANT IS ADDED TO THE SAMPLE: 

THE EQUIVALENCE POINT 

In this titration, the equivalence point—the point at which the amount of base added 
reacts completely with all the acid originally present—is achieved when 100 mL of 
titrant has been added to the sample (Table 3). 


Table 3 Amounts of H+(aq) and OH (aq) in the Flask After 100.0 ml of Titrant Is Added 



H+(aq) + OH-(aq) ^ HjOfl) 

Amount before 
reaction 

50.0 mL X 0.200 mol/L 
= 10.0 mmol 

100.0 mLXO.100 mol/L 
= 10.00 mmol 


Amount after 
reaction 

10.0 mmol - 10.00 mmol 
= 0 mmol 

10.00 mmol - 10.00 mmol 
= 0 mmol 



As Table 3 shows, enough hydroxide ions have been added to react exactly with 
all of the hydrogen ions in the sample of nitric acid. After this reaction, the entities 
in solution are Na'''(aq), N 03 ~(aq), and H20(l). As mentioned earlier, Na’''(aq) and 
N 03 “(aq) do not affect the pH of the solution. Thus, only the H^(aq) ions produced 
by the autoionization of water determine the pH of the solution in the receiving flask. 
Since [H^(aq)] = 1.00 X 10“^mol/L, pH = 7.00: neutral. 

STAGE 5: AFTER 150.0 mL OF TITRANT IS ADDED TO THE SAMPLE 
The calculation in Table 4 shows how the addition of 150 mL of sodium hydroxide 
solution to the original sample of nitric acid affects the pH of the solution in the 
receiving flask. At this stage, excess hydroxide ions have been added. 


Table 4 Amounts of H+(aq) and 0H“(aq) in the Flask After 150.0 ml of Titrant Is Added 



H+(aq) + OH-(aq) ^ HzOfl) 

Amount before 
reaction 

50.0 mL X 0.200 mol/L 
= 10.0 mmol 

150.0 mLx 0.100 mol/L 
= 15.0 mmol 


Amount after 
reaction 

10.0 mmol - 10.0 mmol 
= 0 mmol 

15.0 mmol - 10.0 mmol 
= 5.0 mmol 



In this case, an excess of hydroxide ions has been added to the receiving flask. 
Thus, these ions will determine the pH of the resulting solution. 


[OH-(aq)] = - 




[OH-(aq)] = 


H- = amount of OH“(aq) in excess (mmol) 
V = volume of solution (mL) 

5.0Htmol 
(50.0 + 150.0) ntL 
5.0 mmol 


200.0 mL 

[OH“(aq)] = 0.025 mol/L 
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Since [H+(aq)][OH“(aq)] = 1.0 X 10"^^ 
we can determine [H^(aq)] and hence the pH of the solution: 
1.0 X 10"^^ 


[H+(aq)] = 


[OH-(aq)] 


2.5 X 10"^ 

[H+(aq)] = 4.0 X 10"^^mol/L 
pH = -log[H+(aq)] 

= -log(4.0 X 10“i^) 
pH = 12.40 

The pH of the solution in the receiving flask is 12.40. 


pH curve a graph of pH plotted against 
volume of titrant added in an acid-base 
titration; titration curve 



pH Curves 

pH curves provide a wealth of 
information: 

• equivalence points 

• initial pH of solution 

• number of quantitative reactions 

• pH endpoints 

• transition points for selecting 
indicators 


pH CURVES FOR STRONG ACID-STRONG BASE TITRATIONS 

The results of these calculations may be illustrated in a graph of pH plotted against 
volume of titrant added. Such a graph is called a pH curve, or a titration curve. Figure 3 
shows the pH curve for the above calculations. The centre of the vertical region of 
the pH curve indicates the equivalence point. This graph, with its equivalence point 
at pH 7, is typical of a strong acid-strong base titration. 

pH curves can also be plotted using empirical data measured with a pH meter. 
pH readings are taken frequently throughout the titration, and plotted against the 
volume of titrant added. 

Note that the pH changes very gradually until the titration is close to the equiva¬ 
lence point, where a dramatic change occurs. We can explain this observation as fol¬ 
lows: Early in the titration there is a relatively large concentration of hydrogen ions 
in the solution, and the addition of a given amount of hydroxide ions thus produces 
only a small change in pH. However, near the equivalence point the concentration 
of hydrogen ions is relatively small, and the addition of hydroxide ions produces a 
large pH change. 

When you calculate pH values at different points in a titration, you must consider 
whether hydrogen or hydroxide ions are in excess during each part of the titration. 
Let us first consider the titration of a strong acid with a strong base: 

• Before the equivalence point, you may calculate [H^(aq)] (and hence the pH) 
by dividing the remaining amount of hydrogen ions (in millimoles) by the 
total volume of the solution in the receiving flask (in millilitres). 

• At the equivalence point, the pH is always equal to 7. (Note that this is only 
true for titrations involving a strong acid and a strong base. You will learn 
about the equivalence point pH values for other titrations shortly.) 

• After the equivalence point, you may calculate [OH“(aq)] by dividing the 
amount of excess hydroxide ions by the total volume of the solution in the 
receiving flask. Then obtain [H'''(aq)] from and calculate pH. 

The titration of a strong base with a strong acid requires reasoning very similar 
to that used above, except, of course, that hydroxide ions are in excess before the 
equivalence point and hydrogen ions are in excess after the equivalence point. Table 5 
and Figure 4 show the data and pH curve for the titration of 100.0 mL of 0.500 mol/L 
sodium hydroxide solution with 1.000 mol/L hydrochloric acid. The curve has the 
opposite shape to that in Figure 3, as you might expect. The equivalence point occurs 
when 50.00 mL of the acid has been added, since at this point 5.00 mmol of hydrogen 
ions has been added to react with the original 5.00 mmol of hydroxide ions. 
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Table 5 Changes in pH during a Titration of 100.0 ml of 0.500 mol/L NaOH(aq) with 1.000 mol/L HCI(aq) 


Initial volume 
of NaOH(aq) 
(mL) 

Initial amount 
of NaOH(aq) 
(mmol) 

Volume of 

1.000 mol/L HCI(aq) 
added (mL) 

Amount of 
added HCI(aq) 
(mmol) 

Amount of 
excess reagent 
remaining (mmol) 

Total volume 

of solution 
(mL) 

Concentration 
of ion in excess 
(mmol/mL) 

pH 

100.0 

50.00 

0 

0 

50.0 OHlaq) 

100.0 

0.500 OH-(aq) 

13.700 

100.0 

50.00 

40.0 

40.0 

10.0 OHlaq) 

140.0 

0.0714 OH-(aq) 

12.854 

100.0 

50.00 

45.0 

45.0 

5.0 OH-(aq) 

145.0 

0.034 OH-(aq) 

12.54 

100.0 

50.00 

48.0 

48.0 

2.0 OH-(aq) 

148.0 

0.014 OH-(aq) 

12.13 

100.0 

50.00 

49.0 

49.0 

1.0 OH-(aq) 

149.0 

0.0067 OH-(aq) 

11.83 

100.0 

50.00 

49.5 

49.5 

0.5 OHlaq) 

149.5 

0.003 OH-(aq) 

11.5 

100.0 

50.00 

50.0 

50.0 

0 

150.0 

0 

7.0 

100.0 

50.00 

50.5 

50.5 

0.5 H+(aq) 

150.5 

0.003 H+(aq) 

2.5 

100.0 

50.00 

51.0 

51.0 

1.0H+(aq) 

151.0 

0.0066 H+(aq) 

2.18 

100.0 

50.00 

52.0 

52.0 

2.0 H+(aq) 

152.0 

0.013 H+(aq) 

1.88 

100.0 

50.00 

55.0 

55.0 

5.0 H+(aq) 

155.0 

0.032 H+(aq) 

1.49 

100.0 

50.00 

60.0 

60.0 

10.0H+(aq) 

160.0 

0.0625 H+(aq) 

1.204 

100.0 

50.00 

100.0 

100.0 

50.0 H+(aq) 

200.0 

0.250 H+(aq) 

0.602 


Titration of 50.0 mL of 0.200 mol/L Titration of 100.0 mL of 0.500 mol/L 

HN 03 (aq) with 0.100 mol/L NaOH(aq) NaOH(aq) with 1.000 mol/L HCI(aq) 



0 50.0 100.0 150.0 200.0 0 50.00 mL 


Volume of NaOH(aq) added (mL) 


Volume of 1.000 mol/L HCI(aq) added 


Figure 3 The pH curve for the titration of nitric acid with Figure 4 The pH curve for the titration of sodium 

sodium hydroxide solution. Note that the equivalence point hydroxide solution with hydrochloric acid, 

occurs when 100.0 mL NaOH(aq) has been added, the point 
where there is exactly enough OH (aq) to react with all the 
H+(aq) originally present. 


Tutorial 1 Titrations Involving Strong Acids and Strong Bases 


In this tutorial, you will be reminded how to determine the volume of titrant that must be 
added to a sample to reach the equivalence point in a strong base-strong acid titration. 
You will then learn how to determine the concentration of hydrogen ions and the pH of 
the solution after some strong base has been added during a strong acid-strong base 
titration. 
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Sample Problem 1: Determining the Volume of Titrant Required to Reach 
the Equivalence Point 

What volume of 3.00 mol/L hydroiodic acid, Hl(aq), must be added to a 15.0 ml sample 
of a 2.50 mol/L potassium hydroxide solution to reach the equivalence point? 

Given: [Hl(aq)] = 3.00 mol/L; I/kqh = 15.0 mL; [KOH(aq)] = 2.50 mol/L 
Required: I/hi needed to reach the equivalence point 

Soiution: 

Step 1. Determine the amount of 0H“(aq) in the sample before titration. 

KOH(s) will completely dissociate into lC(aoi) and 0H“(aq) ions. Thus, 15.0 mL 
of a 2.50 mmol/mL solution of KOH(aq) contains 2.50 mmol/mL OH“(aq). The 
amount of OH“(aq) in 15.0 mL of this solution is 

^OH- = Cqh- X I/qh- 

= (2.50 mmol/mL)(15.0mt) 
r?QH- “ 37.5 mmol 

Step 2. Determine the volume of acid needed to react with all of the base in the sample. 
Hl(aq) will be completely ionized into H+(aq) and r(aq) ions. The concentration of 
H+(aq) will be equal to the concentration of Hl(aq). Thus, in a 3.00 mol/L Hl(aq) 
solution, the concentration of H'^(aq) is 3.00 mol/L. The H+(aq) ions supplied by 
the titrant will neutralize the 0H“(aq) ions in the sample: 

H+(aq) + OH-(aq) ^ HjOO) 

Since H+(aq) reacts with 0H“(aq) in a 1:1 molar ratio, 37.5 mmol of 0H“(aq) will 
require 37.5 mmol of H^(aq) to reach the equivalence point. 

The volume of 3.00 mol/L Hl(aq) containing 37.5 mmol of H+(aq) is 
y = 

" [Hl(aq)] 

(37.5 romot) 

(3.00 mmot/mL) 

I/hi = 12.5 mL 

Statement: 12.5 mL of 3.50 mol/L hydroiodic acid must be added to 25.0 mL of 
2.50 mol/L potassium hydroxide to reach the equivalence point. 

Sample Problem 2: Determining [H+(aq)] and pH 
In a titration, a 25.00 mL sample of 0.350 mol/L hydrochloric acid is titrated with 
standardized 0.500 mol/L sodium hydroxide solution. Determine the amount of unreacted 
hydrogen ions and the pH of the sample after 10.00 mL of NaOH(aq) is added. 

Given: Vhci = 25.00 mL; = 0.350 mol/L; l4aOH = 10.00 mL; CnaOH = 0.500 mol/L 
Required: /7h+; pH 

Soiution: Hydrochloric acid is a strong acid and sodium hydroxide is a strong base. 

Step 1. Determine the amount of H+(aq) in the sample before titration. 

Since HCI(aq) is a strong acid, a 0.350 mmol/mL solution of HCI(aq) contains 
0.350 mmol/mL H+(aq) and 0.350 mmol/mL Cl“(aq) ions. The amount of H'^(aq) 
in 25.00 mL of this solution is 
= Ch. X I/h. 

= (0.350 mmol/mL)(25.00 mL) 

/7h+ = 8.75 mmol 

There is 8.75 mmol of H'^(aq) in the sample before titration. 

Step 2. Determine the amount of 0H“(aq) added to the sample by the titrant. 
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Since NaOH(s) is a strong base, a 0.500 mmoi/mL soiution of NaOH(aq) contains 
0.500 mmol/mL 0H“(aq). The amount of OH“(aq) in 10.00 ml of this soiution is 
/7 oh- = [OH-(aq)] x I/qh- 

= (0.500 mmoi/mt) (10.00 mt) 

/7oh- = 5.00 mmol 

There is 5.00 mmoi of OH“(aq) in the sampie soiution. 

Step 3. Determine the amounts of H'^(aq) and 0H“(aq) in the receiving fiask after reaction. 
The caicuiation is shown in Table 6. 


Table 6 Amounts of H+(aq) and OH-(aq) in the Flask After 10.0 ml of Titrant Is Added 



H+(aq) + OH-(aq) ^ H20(l) 

Amount before reaction 

8.75 mmol 

5.00 mmol 


Amount after reaction 

8.75 mmol - 5.00 mmol 
= 3.75 mmol 

5.00 mmol -5.00 mmol 
= 0 mmol 



There is 3.75 mmol of H'^(aq) and no OH (aq) in the receiving flask after reaction. 
Step 4. Determine the concentration of any excess H'^(aq) or 0H“(aq) in the receiving 
flask and calculate pH. 

Since there is 3.75 mmol excess H'^(aq) in the solution in the receiving flask, 



_ 3.75 mmol 

“ (25.00 + 10.00) ml 
_ 3.75 mmol 
“ 35.00 ml 
Ch+ = 0.107 mol/L 
pH = -log [H+(aq)] 

= -log (0.107) 
pH = 0.971 

Statement: The pH of the solution is 0.971 and the sample contains 3.75 mmol H'^(aq). 

Practice 

1. Calculate the volume of titrant needed to reach the equivalence point in the titration 
of a 25.0 ml sample of 0.50 mol/L NaOH(aq) by 0.10 mol/L HCI(aq). m [ans: 0.12 l] 

2. For the titration in Sample Problem 2, 

(a) what is the concentration of unreacted H'^(aq) and the pH of the solution after 
5.0 mL of the sodium hydroxide solution, NaOH(aq), has been added? 

(b) what is the amount (in moles) of unreacted H+(aq) and the pH of the solution 
after 20.0 mL of the sodium hydroxide solution has been added? qq 

[ans: (a) [H+(aq)] = 0.208 mol/L; pH = 0.681 (b) 0 mmol H+(aq); pH = 12.398] 


Titrations Invoiving Weak Acids and Strong Bases 

You have seen that, since strong acids are completely ionized in aqueous solution 
and strong bases are completely dissociated, the calculations used to determine the 
pH for titrations involving strong acids and strong bases are quite straightforward. 
However, when a weak acid is being titrated with a strong base, there is a major 
difference: to calculate the concentration of hydrogen ions, [H'''(aq)], and pH after 










a certain amount of strong base has been added, we must deal with the weak acid 
ionization equilibrium. In performing these calculations it is very important to 
remember that even though the acid is weak, it reacts essentially to completion with 
the hydroxide ion. In other words, at the equivalence point, all of the acid in the 
flask has reacted. 

In the following tutorial, you will learn how the concentration of a weak acid 
solution may be determined by titrating it with a strong base. The sample problems 
demonstrate a problem-solving strategy for analyzing the changes in hydrogen ion 
concentration and pH that occur at different stages during the titration. 


Tutorial 2 Nitrations Involving Weak Acids and Strong Bases 


In Sample Problem 1, you will learn how to determine the concentration of a weak acid 
solution by titration with a strong base. In Sample Problem 2, you will analyze the titration 
of a weak acid by a strong base by determining the amount of unreacted acid that 
remains in the solution in the receiving flask at three different points in the titration. You 
will also calculate the pH of the solution at these three points. 

Sample Problem 1: Determining the Concentration of a Weak Acid 
Soiution by Titration with a Strong Base 

A 25.0 ml sample of hydrofluoric acid, HF(aq), is titrated with 0.400 mol/L standardized 
sodium hydroxide solution, NaOH(aq). Determine the concentration of the acid if 60.5 ml 
of titrant is required to reach the equivalence point. 

Given: 14,== 25.0 ml; l4aOH = 60.5 ml; CwaOH = 0-400 mol/L 
Required: [HF(aq)] 

Soiution: In this titration, hydrofluoric acid solution is the sample and sodium hydroxide 
solution is the titrant. 

Step 1. Determine the amount of 0H“(aq) ions required to reach the equivalence point. 
The equivalence point is reached after 60.5 mL of sodium hydroxide solution has 
been added to the sample. Thus, 

^NaOH = CfjaOH ^ HlaOH 

= (0.400 mmol/mt)(60.5 mt) 

/7NaOH = 24.2 mmol 

The equivalence point is reached when 24.2 mmol of NaOH(aq) has been added 
to the sample. 

Step 2. Determine the concentration of the HF(aq) solution. 

Since HF(aq) is a weak acid, the following equilibrium exists in the receiving 
flask before titration begins: 

HF(aq)^^H+(aq) + F-(aq) 

The equilibrium position of this reaction lies far to the left. Before any NaOH(aq) 
titrant is added, only a very small number of HF(aq) molecules have ionized to 
form H'^(aq) and F“(aq) ions. The 0H“(aq) ions introduced by the titrant will react 
with the H'^(aq) ions in the sample: 

H+(aq) + OH-(aq) ^ HjOil) 

(from HF(aq)) (from NaOH(aq)) 

As additional 0H“(aq) ions are added, they react with the H'^(aq) ions in the sample, 
continually shifting the acid ionization equilibrium to the right. The equivalence 
point is reached when all of the HF(aq) molecules have ionized to form H'^(aq) and 
F“(aq) ions, and the H'^(aq) ions have all reacted with 0H“(aq) ions to form H20(l). 
Since 24.2 mmol of OH“(aq) is required to reach the equivalence point, there must 
have been 24.2 mmol of HF(aq) molecules in the original sample. 
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Thus, 



_ 24.2 mmol 
“ 25.0 ml 
Chf = 0.968 mol/L 


Statement: The concentration of the hydrofluoric acid solution is 0.968 mol/L. 


Sample Problem 2: Determining [H+(aq)] and pH in a Weak Acid-Strong 
Base Titration 

A quality-control technician places a 20.00 mL sample of 0.600 mol/L ethanoic acid, 
HC2H302(aq) (a weak acid), in an Erlenmeyer flask. She titrates this sample with a 
standardized 0.300 mol/L solution of sodium hydroxide, NaOH(aq) (a strong base). Predict 
the amount of unreacted ethanoic acid and the pH of the solution 

(a) before titration begins 

(b) at the equivalence point when 40.00 mL of NaOH(aq) has been added 

(c) beyond the equivaience point when a totai of 60.00 mL of NaOH(aq) has been added 

As in Sample Problem 1, this is a titration of a weak acid, HC2H302(aq), by a strong base, 
NaOH(aq). The following equilibrium exists in the sample before titration begins: 
HC 2 H 302 (aq)=^^H+(aq) -L C 2 H 302 ‘(aq) 

Since ethanoic acid is a weak acid, the equilibrium position lies far to the left. 

Since sodium hydroxide is a strong base, the titrant contains only Na'^(aq) and 
0H“(aq) ions and water. When some titrant is added to the sample, the OH“(aq) ions in 
the titrant react with the H'^(aq) ions in the sample according to the following net ionic 
(neutralization) equation: 

H+(aq) + OH-(aq) ^ H20(l) 

(from HC2H302(aq) equilibrium) (from NaOH(aq)) 

This reaction reduces the concentration of H'^(aq) ions in the solution and shifts 
the ethanoic acid equilibrium to the right. The extent of this shift determines the 
concentrations of HC2H302(aq), C2H302“(aq), and H^(aq) remaining in the solution, and 
thus the pH. To determine concentration (and pH) values, you need to perform two 
separate analyses (Figure 5): 

1. a stoichiometry analysis to determine the concentration of weak acid (ethanoic acid) 
remaining after a certain amount of strong base titrant is added 

2. an equilibrium analysis to determine the new position of relevant equilibrium systems 
in the sample solution and, thus, the solution’s pH 

(a) Amount of unreacted HC 2 H 302 (aq) and pH of the solution before titration begins 
Given: I/hc,h 302 = 20.00 mL; CHC3H3O3 = 0.600 mol/L; c^oh = 0.300 mol/L 
Required: «hc^h 303 ; PH 

Solution: Before any titrant is added, the sample in the flask is simply a 0.600 mol/L 
HC2H302(aq) solution. Since no reaction with NaOH(aq) has occurred, a stoichiometric 
analysis is not necessary. You may determine the amount of unreacted ethanoic acid in 
the sample and its pH by analyzing the ethanoic acid equilibrium only. 

Step 1. Determine the amount of unreacted ethanoic acid molecules in the sample 
before titration begins. 

Since ethanoic acid is a weak acid (/^ = 1.8 x 10“®), assume that, before 
titration, virtually none of the ethanoic acid molecules have ionized. Thus, the 
major entities in the sample solution are HC2H302(aq) and H20(l). 



Figure 5 First consider the 
stoichiometry calculation and then the 
equilibrium calculation. 
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The amount of HCjHjOjfaq) is calculated as follows: 

= (0.600 mmol/mt) (20.00 mt) 

^NaoH = 12.0 mmol 

The amount of unreacted ethanoic acid is 12.0 mmol. 

Step 2. Determine the pH of the sample solution using the equilibrium calculation 
outlined in Section 8.6, Tutorial 2. 

The major entities in solution (before ionization occurs) are HCjHaOjlaq) and HjOil). 
Set up an ICE table for the equilibrium reaction (Table 7). 


Table 7 ICE Table for the Ionization of Ethanoic Acid, HCjHjOjfaq) 



HC2H302(aq) ^ 

H^(aq) 

+ C2H302-(aq) 

1 

0.600 

0 

0 

c 

-X 

+x 

+x 

E 

0.600 -X 

+x 

+x 


Step 3. Substitute the equilibrium concentration values into the equation for this 
equilibrium, and solve for x: 




[H + (aq)][C 2 H 302 -(aq)] 


[HC 2 H 302 (aq)] 

From Appendix B5, A; = 1.8 x 10“^: 

[H (aq) ] [C2H3O2 (aq) ] 

maR] 


1.8 X 10“= = - 


1.8 X 10“= 


Assuming that 0.600 
expression becomes 


0.600 - X 

X ~ 0.600 (use the hundred rule), the equilibrium 


0.600 

= 0.600 X 1.8 X 10“= 
x^ = 1. 08 X IQ-^ 
x = V1.O8 X 10“® 
x= 3.286 X 10-2 

The error in this result is 5 % or less. (Check this yourself.) 

Step 4. Use the ICE table and the value of xto determine the hydrogen ion concentration 
at equilibrium and then calculate pH. 

Since [H'^(aq)] = x (from the ICE table) 
and x= 3.286 x lO'^ 

[H+(aq)] - 3.286 x lO'^ mol/L 
pH = -log[H+(aq)] 
pH - -log(3.286 x lO'^) 
pH - 2.48 

Before titration begins, the pH of the sample is 2.48. 

Statement: Before titration begins, the amount of unreacted HC2H302(aq) is 12.00 mmol 
and the pH of the sample Is 2.48. 
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(b) Amount of unreacted ethanoic acid and pH of the solution at the equivalence point 
when 40.00 mL of NaOH(aq) has been added 
Given: I/hc,h30, = 20.00 mL; [HCsHgOzCaq)] = 0.600 mol/L; I/^oh = 40.00 mL; 

%0H(aq) = 0.600 mol/L 

Required: Amount of HCjHaOjIaq) at the equivalence point, Ohc^Hjo; PH 
Solution: Since a reaction between the ethanoic acid solution and the sodium hydroxide 
solution has occurred and the ethanoic acid equilibrium has been shifted to the right, 
two analyses are necessary: a stoichiometry analysis to determine the concentrations of 
unreacted ethanoic acid and ethanoate ions remaining, and an equiiibrium analysis to 
determine the pH of the solution. 


I. Stoichiometry Analysis 


Step 1 . List the major entities in the sample at the equivalence point. 

As hydroxide ions from the titrant react with the hydrogen ions of the ethanoic 
acid equilibrium, the equilibrium continually shifts to the right. This continues 
until all HC2H302(aq) molecules have ionized and the concentration of non-ionized 
HC2H302(aq) molecules Is reduced to zero. At this point (the equivalence point), all 
hydrogen ions have joined with hydroxide ions to form water. What remains is a 
salt (sodium ethanoate) solution containing the following major entities: Na^(aq), 
C2H302“(aq), and H20(l). 

Step 2. Determine whether any of the major entities are able to cause hydrolysis. 

Na+(aq) does not affect the pH of the solution. C2H302“(aq) is the conjugate base 
of a weak acid (ethanoic acid), and does hydrolyze. The pH of the solution will 
therefore be determined by the extent of this hydrolysis reaction. 

Step 3. Write reaction equations for any hydrolysis reactions and their associated 
equilibrium constant equations: 

C2H302“(aq) + H20(l) ^^HC2H302(aq) + OH-(aq) 

The related ionization constant equation is 
^ _ [HC 2 H 302 (aq)][ 0 H-(aq)] 

[C2H3O2 (aq)] 

The value of /Cbfor C2H302“(aq) can be determined from the K^oi its conjugate 
acid, HC2H302(aq), and /C„, as follows: 


= 1.8 X 10-=; 4 = 1.0 X 10-'" 

k, = k,k, 



_ 1.0 X IQ-'" 

“ 1.8 X 10-= 
a;, = 5.556 X 10-'“ 


Therefore, 5.556 x 10-'° 


[HC 2 H 302 (aq)][ 0 H-(aq)] 
[C2H3O2 (aq)] 


Step 4. Determine the initial concentration of any ions that cause hydrolysis. 


To reach the equivalence point, 40.00 mL of NaOH(aq) was added to the original 
20.00 mL of solution. At the equivalence point, the total volume of the solution is 
60.00 mL. Since there was initially 12.00 mmol of HC2H302(aq), the final amount 
will be 12.00 mmol of C2H302-(aq) at the equivalence point. This amount of 
C2H302-(aq) is dissolved In 60.00 mL of solution: 
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[C2H3O2 (sq)] — 


12.00 mmol 
60.00 mL 


[C2H302“(aq)] = 0.200 mol/L 


This is the concentration of ethanoate ions in the sample solution before hydrolysis 
reactions begin and the C2H302‘(aq) + H20(l) HC2H302(aq) + OH“(aq) 

equilibrium is established. Use this as the initial concentration of ethanoate 
ions in the equilibrium analysis below. 


II. Equilibrium Analysis 

Step 5. Set up an ICE table (Table 8). 


Table 8 ICE Table for the Hydrolysis Reaction of C2H3O2 (aq) 



C2H3O2 (aq) + 

H20(I) OH-(aq) 

+ HC2H302(aq) 

1 

0.200 

— 0 

0 

c 

-X 

— +x 

+x 

E 

0.200 - X 

— +x 

+x 


Step 6. Substitute the equilibrium concentration values into the equilibrium constant 
equation and solve for x. 


[HC 2 H 302 (aq)][ 0 H-(aq)] 

[C2H302“(aq)] 


= K, 


(0.200 - x) 


Assuming that 0.200 - x~ 0.200 (using the hundred rule) 


0.200 


= 5.555 X 10-’“ 


x^ « 1.111 X 10“’“ 
1.054 X 10-“ 


The error in the result is 5 % or less. (Check this yourself.) 


[OH-(aq)] = 1.054 x 10-“ mol/L 
pOH= -log(1.054 X 10-“) 
pOH - 4.98 

Since 

pH + pOH = 14.00 

pH = 14.00 - pOH 
= 14.00 - 4.98 
pH =9.02 

Statement: The pH of the solution at the equivalence point is 9.025 and there are no 
ethanoic acid molecules left in solution. 
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You can see that the equivalence point does not necessarily mean the point at which 
the sample has a pH of 7. While all strong acid-strong base titrations do have a pH of 
7 at the equivalence point, the same may not be true of other titrations. Rather, the 
equivalence point is the point at which equivalent amounts of reactants have reacted, 
according to the balanced chemical equation. At the equivalence point, there may still be 
ions in solution that affect the pH. As you might predict, the titration of any weak acid 
with a strong base results in a basic solution with a pH greater than 7. 

(c) Amount of unreacted HC 2 H 302 (aq) and pH of the sample solution beyond the 
equivalence point when a total of 60.00 ml of NaOH(aq) has been added 
Once you pass the equivalence point and continue adding titrant, the concentration 
of hydroxide ions in the sample will rise sharply since there are no more ethanoic 
acid molecules to provide hydrogen ions for neutralization. Thus, the [OH“(aq)] 
may be calculated from the volume of NaOH(aq) added, the concentration of 
NaOH(aq) (0.300 mol/L), and the total volume of the solution after the addition. You may 
then use the [0H“(aq)] to calculate the pH of the solution. Notice that the ethanoate ion 
hydrolysis equilibrium that you analyzed in (b) still exists in the sample solution: 
C2H302“(aq) + HjOO) HC2H302(aq) + OH-(aq) 

However, the 4 of this equilibrium is so low (K^ = 5.6 x 10“^°) that its contribution 
of 0H“(aq) ions is insignificant when compared to the relatively large amount contributed 
by the drop of titrant added to the solution. 

Given: I/hc,h 30, = 20.00 ml; [HCsHgOzCaq)] = 0.600 mol/L; Vu^oh = 60.00 mL; 
[NaOH(aq)] = 0.300 mol/L 

Required: Amount of HCjHaOsiaq) beyond the equivalence point, pH 
Solution: At the equivalence point and beyond, no unreacted ethanoic acid remains in the 
solution. The acid has completely ionized and all the H'^(aq) ions have reacted. 

Step 1. Identify the major entities in the solution: 

Na+(aq); OH-(aq); CsHaOj-jaq); HjOjl) 

Step 2. Identify any ions that may cause hydrolysis. 

Ethanoate ions may cause hydrolysis; sodium ions do not. As already mentioned, 
ethanoate ion hydrolysis produces a very small amount of OH“(aq) ions 
compared to the much larger amount of OH“(aq) introduced by the titrant. 

Step 3. Determine the [0H“(aq)], pOH, and pH of the solution. 

As you remember from (b) of this sample problem, it takes 40.00 mL of titrant for 
the sample to reach the equivalence point. At or beyond this point in the titration, 
there are no unreacted HC2H302(aq) molecules in the sample solution. Any titrant 
added to the solution after the equivalence point adds excess 0H“(aq) to the 
solution. These excess 0H“(aq) ions will determine the pH of the solution. The 
volume of excess NaOH(aq) added to the sample (l/waoHadded) is 
l/NaOHadded= 60.00 mL - 40.00 mL 
l^laOH added 20.00 mL 

You may now use the volume of excess NaOH(aq) added to the sample solution 
to calculate the amount of excess NaOH(aq) added: 

^NaOH added ~ i^laOH added ^ ^-NaOH added 

= 20.00 mt X 0.300 mmol/mt 
% 0 H added = 6.00 mmol 

Since NaOH is a strong base, the amount of 0H“(aq) ions added to the sample is 
equal to the amount of NaOH(aq) added. Thus, 

added = 6.00 mmol 


8.7 Acid-Base Titration 


553 


There is 6.00 mmol of 0H“(aq) ions in the sample solution. Calculate the 
concentration of 0H“(aq) ions in the sample solution using the amount of 
0H“(aq) in the solution (/7 oh- in solution) and the volume of the solution after the 
addition (1/solution)- 

The volume of solution in the flask after the addition of 60 ml of NaOH(aq) is 
I/solution = 20.00 ml + 60.00 ml 

(total volume of solution) (sample volume) (volume of tltrant added) 


= 80.00 ml 


Calculate the concentration of OH“(aq) ions in the sample solution, 
[OH“(aq)]in solution, using the amount of OH“(aq) ions in the solution 
(%- in solution) and the total volume of the solution (l/soiution): 

_ ^OH “ In solution 
^OH" in solution ~ ./ 

'soultion 


_ 6.0 mmol 
“ 80 ml 

Cqh- in solution = 0-075 mol/L 

Use the concentration of OH“(aq) ions in the sample solution to calculate the 
pOH of the solution and then use the formula pH + pOH = 14 to calculate the 
solution’s pH. 


Titration of 20.0 ml of 
0.600 mol/L HCjHsOsfaq) 
with 0.300 mol/L NaOH(aq) 



OH-^^- 

0 20.0 40.0 

Volume 0.100 mol/L 
NaOH(aq) added 

Figure 6 The pH curve for the titration 
of ethanoic acid, HCjHgOjfaq), with 
sodium hydroxide solution. Note that the 
equivalence point occurs at 40.0 mL of 
NaOH(aq) added, where the amount of 
added hydroxide ions exactly equals the 
original amount of acid. 


pOH = -log[OH-(aq)] 

= -log(0.075) 
pOH = 1.12 
pH + pOH = 14 

pH = 14 - pOH 
= 14 - 1.12 
pH = 12.88 

Statement: There are no unreacted HCjHgOjlaq) molecules in the sample solution and the 
pH of the sample solution is 12.88. 

Practice 

1. In the titration in Sample Problem 2, what is the amount of unreacted ethanoic acid 
and the pH of the solution during titration 

(a) when 10.00 mL of 0.300 mol/L NaOH(aq) is added? [ans: 9 mmol; pH = 4.267] 

(b) when 18.00 mL of 0.300 mol/L NaOH(aq) is added? qq [ans: i mmol; pH = 4.656] 

2. A 25.00 mL sample of a weak acid, hypochlorous acid, HCIO(aq), is titrated with 
0.100 mol/L potassium hydroxide solution, KOH(aq). The equivalence point is reached 
when 19.3 mL of the base has been added, la!] 

(a) What is the concentration of the acid? [ans: 0.0772 moi/L] 

(b) Determine the pH at the equivalence point = 3.5 x 10“®). [ans: 10 . 05 ] 


pH CURVES FOR WEAK ACID-STRONG BASE TITRATIONS 

Figure 6 illustrates the titration curve for the titration in Tutorial 2. The pH at the 
equivalence point is greater than 7.0 because the ethanoate ion, C 2 H 302 “(aq), present 
at this point is a base and reacts with water to produce OH“(aq). 
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The strength of a weak acid affects the shape of the pH curve of a titration. Figure 7 
shows pH curves for 50 mL samples of 0.10 mol/L solutions of six different acids titrated 
with 0.10 mol/L sodium hydroxide solution, NaOH(aq). Note that the equivalence point 
occurs in each case when the same volume of 0.10 mol/L NaOH(aq) has been added 
but that the shapes of the curves differ. The weaker the acid, the higher the pH value at 
the equivalence point. In particular, note that the vertical region of the curve becomes 
shorter as the acid becomes weaker. The choice of an indicator is particularly important 
for such a titration. # web link 

Titrations Involving Weak Bases and Strong Acids 

The calculations for titrations in which a weak base is titrated with a strong acid are 
similar to those in which a weak acid is titrated with a strong base. The major differ¬ 
ence is fhat in a weak base-sfrong acid titration, the strong acid titrant is completely 
ionized and we have to consider the equilibrium of the weak base sample. Remember 
that even though the base is weak, it reacts essentially to completion with the hydrogen 
ions provided by the strong acid titrant. We will not analyze weak base-strong acid 
titrations in sample problems because the concepts and calculations are similar to 
those involved in weak acid-strong base titrations. In general, determine the pH in 
weak base-strong acid titrations as follows: 

• Before titration begins, calculate the pH of the sample using the of the 
weak base. 

• At the equivalence point, hydrogen ions in the solution are the result of 
hydrolysis caused by the conjugate acid of the weak base. Calculate the pH using 
the JQ of the conjugate acid. The solution will be acidic: pH will be less than 7. 

• Beyond the equivalence point, determine the pH of the solution by the amount 
of excess strong acid provided by the titrant. Determine the pH from the 
[H^(aq)] produced by the ionization of the strong acid. 

Acid-Base Indicators 

We can make the equivalence point of an acid-base titration more visible by adding 
a few drops of a solution called an acid-base indicator to the sample. There are 
many different acid-base indicators that change colour (have endpoints) at different 
pH levels. For example, the indicator called phenolphthalein starts to change from 
colourless to pink at a pH of 8.2. Ideally, we want the endpoint of a titration to coin¬ 
cide with the equivalence point, thus alerting us that the equivalence point has been 
reached. 

The most common acid-base indicators are complex molecules that are them¬ 
selves weak acids (represented by HIn). They exhibit one colour in their acid form 
and a different colour in their conjugate base form. For example, phenolphthalein is 
colourless in its HIn form and pink in its In“, or basic, form (Figure 8). Indicators 
have or K^, values as well; for example, the of phenolphthalein is around 10“^° 
and the of methyl orange is 6.3 X 10“® (Figure 9). 


Titration Curves for Weak 
Acid-Strong Base Titrations 



Volume of 1.0 mol/L NaOH 
added (mL) 

Figure 7 The pH curves for the 
titrations of 50.0 mL samples of 
0.10 moi/L acids with various values 
with 0.10 moi/L sodium hydroxide, 
NaOH(aq). 


UNIT TASK BOOKMARK 


What indicator will you choose to test 
your consumer product in the Unit Task 
(page 582)? The information in this 
section might help you decide. 


0 




, Colourless acid form, Hln(aq) 
Pink base form, In-(aq) 

/fa: 6.0 X 10-'“ 

1 Approximate pH range for colour 
change: 8.0-9.8 




4 :, ''"i 


Red acid form, lnH+(aq) 
Orange-yellow base form, In(aq) 
/fa! 6.3 X 10-“ 

Approximate pH range for colour 
change: 3.1-4.4 


Figure 8 In an acid solution phenolphthalein indicator. Figure 9 Methyl orange indicator is red in highly acidic 

Hln(aq), is colourless. When hydrogen ions are removed to solution, 

give the base form, In-(aq), the colour changes to pink. 
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Figure 10 shows the pH ranges of several commonly used acid-base indicators. 


pH 

0 1 2 3 4 5 6 7 8 9 10 11 12 13 14 


crystal violet 















cresol red 















thymol blue 















erythrosin B 















2,4-dinitrophenol 














bromphenol blue 















methyl orange 















bromcresol green 















methyl red 















bromcresol purple 















alizarin 















bromthymol blue 















phenol red 















m-nitrophenol 















o-cresolphthalein 















phenolphthalein 















thymolphthalein 















alizarin yellow R 
















Figure 10 The useful pH ranges for several common indicators 


Titration of 50 ml of 0.100 mol/L 
HC 2 H 302 (aq) with 
0.100 mol/L NaOH(aq) 



Volume of 0.100 mol/L 
NaOH(aq) added (mL) 

Figure 11 Phenolphthalein changes 
colour at a pH very close to the 
equivalence point of this titration. Methyl 
red changes colour too soon. 


Selecting an Indicator 

As mentioned earlier, when we select an indicator for a titration, we want the 
indicator endpoint and the titration equivalence point to be as close as possible. 
Choosing an indicator is easier if there is a large change in pH near the equivalence 
point of the titration. When we titrate a strong acid with a strong base there is a 
very rapid change from a low pH to a high pH around the equivalence point. Any 
indicator that changes colour anywhere along this pH range is suitable. The same is 
true when we titrate a strong base with a strong acid. 

When we are titrating weak acids, however, the change in pH near the equiva¬ 
lence point is much smaller than for a strong acid. Figure 7 showed that the weaker 
the acid being titrated, the smaller the vertical area around the equivalence point. 
This allows much less flexibility in choosing the indicator. We must choose an 
indicator whose useful pH range has a midpoint as close as possible to the pH at 
the equivalence point. For example, in the titration of 0.1 mol/L ethanoic acid, 
HC 2 H 302 (aq), with 0.1 mol/L sodium hydroxide solution, the pH at the equivalence 
point is 8.7 (Figure 11). A good indicator choice would be phenolphthalein, since 
its useful pH range is 8 to 10. Methyl red, however, would change colour well before 
the equivalence point so the endpoint would be very different from the equivalence 
point. Thus, methyl red would not be a suitable indicator for this titration. 
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Review 

Summary 

• The progress of a titration is represented by plotting a pH curve showing the 
pH of the solution against the volume of titrant added. 

• Strong acid-strong base titrations show a sharp change in pH near the 
equivalence point. 

• In strong acid-strong base titrations, pH = 7 at the equivalence point because 
the pH is determined solely by the autoionization of water: 

[H+(aq)] = 1.0 X 10“^ mol/L. 

• In weak acid-strong base titrations, pH > 7 at the equivalence point because 
of hydrolysis caused by the conjugate base of the weak acid. 

• In weak base-strong acid titrations, pH < 7 at the equivalence point because 
of hydrolysis caused by the conjugate acid of the weak base. 

• When calculating pH values for a strong base-weak acid titration, perform 
stoichiometry first and then equilibrium. 

• Indicators are often used to mark the equivalence point of an acid-base 
titration. An indicator changes colour at its endpoint. The goal is to have the 
endpoint and the equivalence point be as close as possible. 

Questions 


1. A 25.0 ml sample of hydrochloric acid, HCl(aq), 5. 

is titrated with 67.2 mL of 0.125 mol/L potassium 
hydroxide solution, KOH(aq). What is the 
concentration of the acid? QID 

2. In a titration, 15.00 mL of hydrochloric acid, 

HCl(aq), is titrated with standardized sodium 
hydroxide solution, NaOH(aq). The amount 
concentration of each solution is 0.250 mol/L. Qia 

(a) What is the amount of H'''(aq) and the pH of 6. 

the sample before NaOH(aq) is added? 

(b) What is the amount of H'''(aq) and the pH of the 
solution after 10.0 mL of NaOH(aq) is added? 

(c) What is the pH at the equivalence point? 7. 

3. A student titrates 40.0 mL of household ammonia 
solution, NH 3 (aq), with 25.0 mL of 0.50 mol/L 
hydrochloric acid, HCl(aq). 013 

(a) What is the concentration of the ammonia solution? 

(b) What is the pH at the equivalence point? 

4. Acetysalicylic acid (ASA) is the pain reliever in 
Aspirin. ASA is a weak acid with = 3.2 X 10“^. 

One Aspirin tablet was ground up and dissolved in 
25.0 mL of water. It was titrated using 0.15 mol/L 
sodium hydroxide. To reach the endpoint, 98.3 mL 
of base was required. 013 

(a) Determine the concentration of the ASA 
solution. 

9 

(b) What amount of ASA was present in the tablet? 

(c) What was the pH at the equivalence point? 


A 50.00 mL sample of 0.30 mol/L methanoic acid, 
HC02H(aq), is titrated with 0.30 mol/L sodium 
hydroxide solution, NaOH(aq). 013 

(a) What volume of base is required to reach the 
endpoint? 

(b) What is the pH before titration begins? 

(c) What is the pH of the solution at the 
equivalence point? 

If 10.0 mL of 0.500 mol/L sodium hydroxide 
solution, NaOH(aq), is added to 30.0 mL of 
0.340 mol/L hydrocyanic acid, HCN(aq), what is 
the pH of the solution? 013 

Would cresol red be a good indicator for a titration 
of a strong acid with a strong base? Explain. 013 Bi 
In a titration, 50.00 mL of 0.100 mol/L ethanoic acid, 
HC 2 H 302 (aq), is titrated with standardized 0.100 
mol/L potassium hydroxide solution, KOH(aq). 013 DU 

(a) What is the amount of unreacted HC 2 H 302 (aq) 
and the pH of the sample before titration? 

(b) What is the amount of unreacted ethanoic acid 
and the pH of the solution after 10.0 mL of base 
is added? 

(c) What is the pH when 30.0 mL of base is added? 

(d) What amount and volume of titrant must be 
added to reach the equivalence point? 

(e) What is a good indicator for this titration? Why? 
Research a “digital titrator.” Create an illustrated 
report to compare its advantages and disadvantages to 
the traditional titration setup. ((|| 013 D O 
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buffer an aqueous solution containing a 
conjugate acid-base pair that maintains a 
nearly constant pH when an acid or base 
is added 


Buffer Systems 

Much important chemistry, including almost all the chemistry of the natural world, 
occurs in aqueous solution. Living systems usually require a relatively narrow pH 
range for survival. Because of this, they depend on solutions that are resistant to 
changes in pH. Such a solution is called a buffer, or buffer solution: an aqueous solu¬ 
tion that resists changes in pH upon the addition of an acid or base. A buffer contains 
a weak acid and its conjugate base (or a weak base and its conjugate acid) in an equi¬ 
librium mixture. Buffers may be prepared in a lab setting or they may be naturally 
occurring. Buffers can be created to maintain almost any pH value. In this section, we 
explore why buffers are important, their characteristics, and how they work. 


Buffers in Action 


Buffers may contain different acids, bases, and ions, but buffers all serve one purpose: 
to keep the pH of a solution constant when small quantities of acid or base are added 
to the solution. 

Many biological processes include chemical reactions that must occur in a spe¬ 
cific range of pH; buffers function to maintain this pH range. Gas exchange, muscle 
activity, and many other biological processes are sensitive to pH. Enzymes function 
at an optimal pH range. # career link 

Although human blood contains many chemical components that help maintain 
the pH at a constant level, there is one particularly important conjugate acid-base 
pair: hydrogen carbonate, HC 03 “(aq), and carbonate, C 03 ^“(aq). These ions pro¬ 
duce a pH of 7.4 in healthy blood. Since our cells are so sensitive to pH, it is important 
that this pH be maintained. When reactions occur in our bodies, such as the forma¬ 
tion of lactic acid, HC 3 H 503 (aq), by active muscles, these pH buffers must be capable 
of neutralizing the effects of this acid to maintain the bloods pH at 7.4. Even small 
changes in pH may have harmful effects on a persons health. 

Buffers are also an important ingredient in many foods, drinks, and medicines. 
Buffers are useful to maintain the pH at a desired level. Sodium citrate, for example, is a 
common additive in products that contain fruit, such as jams and preserves (Figure 1). 
The citrate ion combines with the weak acids in fruit to form a buffer system that 
resists pH changes in the product. This helps to stabilize the properties of the product, 
including taste. Sodium citrate also acts as a preservative. Aspartame is a common arti¬ 
ficial sweetener used in low-calorie soft drinks. The stability of the aspartame molecule 
is pH dependent. Aspartame decomposes readily unless its pH is maintained within a 
range of 4 to 5 by the additives in soft drinks. Some medicines use a buffer coating to 
reduce the risk of stomach upset from the acidic medicinal ingredient. 



Figure 1 Buffers help to preserve foods containing fruits or vegetables. 
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UNIT TASK BOOKMARK 


The food industry uses weak acids to change the flavour of food and to improve its 
shelf life. Citric acid is one of the most commonly used acidic additives in the food 
industry. It is a natural organic (carboxylic) acid found in many fruits, vegetables, 
and dairy products. This acid is added to many foods, beverages, and candies. The 
sour taste of citric acid enhances fruit flavours like citrus and berry. The salt calcium 
citrate, which tastes sour and salty, contains the conjugate base of citric acid. The use 
of citric acid and calcium citrate deters bacterial growth and stabilizes pH. You will 
explore the use of buffers in the food industry in more detail in Section 8.9. 


For the Unit Task (page 582), you may 
ask a testable question regarding the 
buffering capacity of your consumer 
product. 


Characteristics of a Buffer 

A buffer keeps the pH of a solution within a certain narrow range. When an acid or 
base is added to this solution, the buffer prevents the pH from changing. Buffers always 
contain a mixture of a weak acid (or base) and its conjugate ion in solution. Living cells 
contain a phosphate buffer, which includes the conjugate acid-base pair of dihydrogen 
phosphate, H 2 P 04 “(aq) (a weak acid), and hydrogen phosphate, HPO/“(aq) (its con¬ 
jugate base). This buffer system maintains a neutral pH. Other combinations of an acid 
(or base) and its conjugate maintain the pH at different pH values. 

Acidic Buffers 

An acidic buffer includes a weak acid and its conjugate base. Let us consider an acidic 
buffer system in which ethanoic acid, HC 2 H 302 (aq), is the weak acid. Its conjugate 
base is the ethanoate ion, C 2 H 302 ~(aq). Imagine a titration in which a basic titrant, 
such as sodium hydroxide solution, is added to the ethanoic acid buffer. The pH is 
monitored throughout the titration as shown in Figure 2. You see that, in the high¬ 
lighted region, the pH changes very little as OH“(aq) ions are added. This region, 
about halfway to the equivalence point, is called the “buffer zone.” In the buffer zone 
there are approximately equal amounts of unreacted ethanoic acid, HC 2 H 302 (aq), 
and its conjugate base, C 2 H 302 ~(aq), in the receiving flask. This mixture of entities 
prevents large changes in pH as more hydroxide ions are added. The solution in the 
receiving flask at halfway to the equivalence point is a buffer: the pH of this solution 
changes very little as more base is added. 

In contrast, at or near the equivalence point, the pH changes dramatically when 
even small amounts of hydroxide ions are added. 


Titration of HCjHjOzlaq) with NaOH(aq) 



Figure 2 This graph shows the titration of ethanoic acid (a weak acid) with sodium hydroxide 
(a strong base). Note that, from the addition of 5 to 23 ml of base, the pH of the solution stays 
relatively constant. 
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Another example of an acidic buffer is a solution containing hydrofluoric acid, 
HF(aq), and sodium fluoride, NaF(aq). The conjugate base in this case is the fluoride 
ion, F“(aq). As you know, since hydrofluoric acid is a weak acid, a hydrofluoric acid 
solution has a relatively high concentration of non-ionized HF molecules and rela¬ 
tively low concentrations of H^(aq) and F“(aq) ions. A solution of hydrofluoric acid 
alone is nof a buffer solufion. To change this solution to a buffer, we must increase 
the concentration of F“(aq) ions until it is approximately equal to the concentration 
of non-ionized HF(aq) molecules. This is done by adding a soluble salt containing 
fluoride ions, such as sodium fluoride, NaF(s). 

Buffer solufions are usually prepared by simply mixing a weak acid or base with 
a soluble salt containing the corresponding conjugate acid or base in approximately 
equal (molar) amounts. 

By mixing appropriate acid-salt or base-salt combinations, we can prepare buffer 
solutions with virtually any pH. Acidic buffers (those based on a weak acid and a salt 
containing its conjugate base) generally have their buffering zone at a pH below 7. 

Buffers wifh a higher pH can be made from a weak base and ifs conjugafe acid. An 
example of a basic buffer is a solution containing ammonia, NH 3 (aq), and a salt. In 
this case, ammonia is the weak base component and the ammonium ion, NH 4 '''(aq), 
is the conjugate acid component. A soluble salt such as NH 4 Cl(s) could provide the 
additional NH 4 '''(aq) ions necessary to form the buffer. 

How Do Buffers Work? 

How does a buffer maintain its pH when an acid or a base is added? Suppose a buffer 
contains relatively large quantities of a weak acid, HA(aq), and its conjugate base, 
A“(aq). The general equation for the ionization equilibrium is 

HA(aq) :^^H+(aq)-f A“(aq) 

When hydroxide ions are added to the solution, the non-ionized weak acid molecules 
react with the hydroxide ions, removing the hydroxide ions from the solution. 

HA(aq) + OH “ (aq) A" (aq) + H20(aq) 

The net result of this reaction is that, when a base is added, OH“(aq) ions are not 
allowed to accumulate but are replaced by A“(aq) ions (Figure 3). 



Figure 3 Le Chatelier’s principle explains the changes that occur in an acidic buffer soiution when 
a base or an acid is added. 
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When hydrogen ions are added to the solution, they push the ionization equilib¬ 
rium to the left, removing the hydrogen ions from the solution and increasing the 
concentration of the acid molecules. 


HA(aq) =^^H’^(aq) -I- A (aq) 

The pOH (and hence the pH) of the solution thus remains relatively constant 
regardless of whether an acid or a base is added. 

We can understand the stability of the pH under these conditions by examining 
the equilibrium equation for the ionization of a weak acid, HA(aq): 

_ [H+(aq)][A-(aq)] 

[HA(aq)] 

Rearranging this equation to isolate [H’''(aq)] on the left side, we get 


[H+(aq)] = K, 


[HA(aq)] 

[A-(aq)] 


This form of the equation tells us that the equihbrium concentration of hydrogen 
ions, H'^(aq), (and thus the pH) is determined by the ratio [HA(aq)]/[A“(aq)]. When 
OH“(aq) ions are added, HA(aq) is converted to A“(aq), and the [HA(aq)]/[A“(aq)] 
ratio decreases. However, if the amoimts of HA(aq) and A“ (aq) originally present are very 
large compared with the amount of OH“ (aq) added (as is the case in buffer solutions), the 
change in the [HA(aq)]/[A“(aq)] ratio, and thus the change in pH, will be small. 

The essence of buffering is that [HA(aq)] and [A“(aq)] are large compared with 
the amount of OH“(aq) added. Thus, when a small quantity of OH“(aq) is added, the 
concentrations of HA(aq) and A“(aq) change only slightly. Under these conditions, 
the [HA(aq)]/[A“(aq)] ratio stays almost the same within the buffering zone. Thus 
[H'''(aq)] (and pH) remain virtually constant. 

Similarly, when hydrogen ions are added to a buffer, they react with A“(aq) ions to 
form the weak acid, HA(aq). There will be a net change of A“(aq) to HA(aq). However, 
if [A“(aq)] and [HA(aq)] are large compared with the amount of H'''(aq) added, litfte 
change in the pH will occur. Figure 4 illustrates why a high initial concentration of the 
buffering entities is very important for them to function effectively. 


Concentrated Buffer Solution Dilute Buffer Solution 


Original solution 

New solution 

Original solution 

New solution 

[Affaq)] 5.00 mol/L 

[A+(aq)] 4.99 mol/L 

[A+(aq)] 0.050 mol/L 

[Affaq)] 0.040 mol/L 

[HA(aq)] “ 5.00 mol/L added* 

[HA(aq)] 5.01 mol/L 

[HA(aq)] 0.050 mol/L added 

[HA(aq)] 0.060 mol/L 

M.1.00 

= 0.996 

M = 1.00 

M = 0.67 

[HA(aq)] 

[HA(aq)] 

[HA(aq)] 

[HA(aq)] 


(a) (b) 


Figure 4 (a) When the initial concentrations of the buffering entities are high, the addition of a 
small amount of acid has little effect on their ratio, (b) When the initial concentrations are low, the 
addition of a small amount of acid has a much greater effect on their ratio. 


Instructions for mixing buffer solutions can be found in many chemistry resources, 
including The CRC Handbook of Chemistry and Physics. 


pH of Buffer Solutions 

Buffers are simply solutions of weak acids or bases and their respective soluble salts. 
The pH calculations for buffers require exactly the same procedures used in studying 
acids, bases, and acid-base titrations. The problem-solving strategy was introduced 
in Section 8.4. This is not a new type of problem. In Tutorial 1, you will learn how to 
use this strategy to calculate the pH of buffer solutions. 



Buffer Systems (page 572) 

This observational study compares 
how pH changes in a buffer solution 
and in a control solution. 
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Tutorial 1 The Initial pH of Buffer Solutions 


In this tutorial, you will learn how to calculate the pH of an acidic buffer and a 
basic buffer. 


Sample Problem 1: Calculating the pH of an Acidic Buffer 
A chemist in a leather-tanning facility is considering using a buffer containing 0.50 mol/L 
ethanoic acid, HCjHjOsfaq) (A; = 1.8 x 10“^), and 0.50 mol/L sodium ethanoate, 
NaCjHjOsfaq). Calculate the pH of this solution. 

Given: 0.50 mol/L ethanoic acid, K^ = 8 x 10“^; 0.50 mol/L sodium ethanoate 

Required; pH 
Solution: 


Step 1. Write the formulas of all the entities in solution. 

The entities in the solution are 
HCaHaOsfaq), Na+(aq), CsHaOs'faq), and HjOfl) 
t T t t 

Weak Neither Weak base Very weak 

acid acid nor (conjugate acid or 

base base of base 

HC2H3O2) 


Step 2. Write the reaction equation and the equilibrium constant equation for the 
equilibrium that determines the pH of the solution. 

To decide which equilibrium reaction determines the pH of the solution, examine 
the list of entities in solution. The ethanoic acid ionization equilibrium, which 
involves both HCjHjOjfaq) and C2H302“(aq), is the relevant reaction: 
HC 2 H 302 (aq)^^H+(aq) + C 2 H 302 “(aq) 

The equilibrium constant equation is 


K,= 

1.8 X 10“= = 


[HMaq)][C 2 H 302 -(aq)] 

[HC 2 H 302 (aq)] 

[H'^(aq)][C 2 H 302 ~(aq)] 

[HC 2 H 302 (aq)] 


Step 3. Determine initial and equilibrium concentrations. 


Table 1 shows the ICE table. Note that, before reaction, the initial concentration 
of HC2H302(aq) is 0.50 mol/L and the initial concentration of H+(aq) is essentially 
0 mol/L. Also, note that the initial concentration of C2H302“(aq) is equal to the 
concentration of NaC2H302(aq). 


Table 1 ICE Table for the Ethanoic Acid-Sodium Ethanoate Buffer Equilibrium (mol/L) 



HC2H302(aq) H+(aq) + C2H3O2 (aq) 

1 

0.50 «0 0.50 

c 

-X +x +x 

E 

0.50 - X X 0.50 + X 


Step 4. Substitute equilibrium concentrations from the ICE table into the equilibrium 
constant equation. 

[H^][C2H302 ] 

[HC2H3O2] 

(x)(0.50 -E x) 


1.8 X 10“= 


1.8 X 10“= 


0.50 - Jf 


cid-Base Equilibrium 












step 5 . Use the hundred rule to determine if any simplifying assumptions may be made. 
[HC2H302(aq)initiai] 0.50 

- K - 

2.8X10- 

Since the [^^2^302(aq)iniiiai] greater than 100, you may make an 

assumption about the equilibrium concentration of HC2H302(aq): 

0.50 - X « 0.50 

By a similar calculation you may make an assumption about the equilibrium 
concentration of C2H302“(aq): 

0.50 + X = 0.50 


1.8 X 10“= 


(^)(0-50) 

0.50 

1.8 X 10“= 


Step 6. 


Step 7. 


e to check your result: 


[HC2H302(aq)initia,] 0.5 

0 . 0036 % 


Since 0.0036 % < 5 %, the error in the result is acceptable. 
A similar calculation shows that the assumption that 
0.50 + X = 0.50 is valid. 

Determine [H"(aq)] at equilibrium and calculate pH: 


X- 1.8 X 10“= 
[H-o(aq)] - 1.8 X 10“= 

pH « -log(1.8 X 10“=) 
pH - 4.74 


Statement: The pH of the ethanolc acid/sodium ethanoate buffer is 4.74. 


Basic buffers are solutions of a weak base and a soluble salt of its conjugate acid in 
approximately equal concentrations. You can determine the pH of a basic buffer in much 
the same way as an acidic buffer. 


Sample Problem 2: Calculating the pH of a Basic Buffer 

Calculate the pH of a buffer made with 0.25 mol/L ammonia solution, NH3(aq) 

(/(■[, = 1.8 X 10“=), and 0.40 mol/L ammonium chloride solution, NH4CI(aq). 

Given: 0.25 mol/L ammonia solution, /C[, = 1.8 x 10“=; 0.40 mol/L ammonium chloride 

solution 

Required: pH 

Soiution: 

Step 1. Write the formulas of all the entities in solution. 

The entities in the solution are NH3(aq), NH4+(aq), Cr(aq), and H20(l). 

From the dissolved NHidlaq) 
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step 2. Write the reaction equation and the equiiibrium constant equation for the 
equilibrium that determines the pH of the soiution. 

Since the chloride ion is such a weak base and water is a weak acid or base, the 
important equilibrium is 

NH3(aq) + HjOO) ^^NH4+(aq) + OH-(aq) 

The equilibrium constant equation is 

[NH/(aq)][OH-(aq)] 

[NHaCaq)] 

1 n .. [NH/(aq)][OH-(aq)] 

-PSq)] 

Step 3. Determine initiai and equiiibrium concentrations (Table 2). 


Table 2 ICE Table for the Ionization of Ammonia, NH3(aq) (mol/L) 



NHjOq) + H20(I) NH4+(aq) + OH faq) 

1 

0.25 — 0.40 == 0 

c 

-X — +x +x 

E 

0.25 -X — 0.40 + x X 


Step 4. Substitute equilibrium concentrations from the ICE table into the equilibrium 
constant equation: 


1.8 X 10“= = 
1.8 X 10“= = 


[NH4+(aq)][0H~(aq)] 

[NHsCaq)] 

(0.40 + x)(x) 

0.25 - X 


Step 5. Use the hundred rule to determine if any simplifying assumptions may be made. 
Assume that 0.25 - x ~ 0.025 and that 0.40 + x = 0.40. 


1.8 X 10“= = 


(0.40) (x) 
0.25 


X- 1.1 X 10“^ 


Step 6. Use the 5 % rule to check your result. 

The approximation is valid by the 5 % rule. (Check for yourself.) 
Step 7. Determine [0H“(aq)] at equilibrium and calculate pH. 

1.1 X 10"= 

[OH-(aq)] « 1.1 X 10“= 

pOH«-log(1.1 X 10-5) 
pOH « 4.96 
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pH « 14.00 - pOH 
« 14.00 - 4.96 
pH « 9.04 

Statement: The pH of the buffer with 0.25 mol/L NHaiaq) and 0.40 mol/L NH4CI(aq) 
is 9.04. 

Practice 

1. A buffer solution contains 2.250 mol/L ethanoic acid, HCjHaOziaq) (/Q = 1.8 x 10“^), 
and 2.250 mol/L sodium ethanoate, NaCsHaOjiaq). Caicuiate the pH of this buffer 
solution. BID [ans:4.74] 

2. A buffer contains 0.10 moi/L hydrofiuoric acid, HF(aq) = 6.6 x 10“''), and 

0.10 moi/L fiuoride ions, F“(aq). Caicuiate the pH of this buffer solution, qq [ans: 3.18] 

3. Caicuiate the pH of a buffer soiution containing 0.15 mol/L ammonia NHjIaq) 

(/Lb = 1.8 X 10“% and 0.04 moi/L ammonium chioride, NH4Ci(aq). om [ans; 8.83] 


Buffers and Equilibria 


We can better understand buffers in action if we consider their Bronsted-Lowry 
equations. For example, when sodium hydroxide is added to a buffer solution of 
ethanoic acid-ethanoate ions, the following equilibrium occurs: 

HC 2 H 302 (aq) + OH“(aq) C 2 H 302 “(aq) + H20(l) 

The hydroxide ions from sodium hydroxide convert ethanoic acid to ethanoate ions. 
This reduces the ratio of ethanoic acid to ethanoate ions, which results in a slight 
increase in pH. If there were no buffer present, there would be a large increase in pH. 
This ethanoic acid-ethanoate buffer can also buffer a strong acid in a similar way, 
except that added hydrogen ions (from the strong acid) encourage the formation of 
ethanoic acid: 


The Effectiveness of an Antacid 
(page 573) 

This investigation invoives a back- 
titration procedure to determine 
how much acid is neutraiized by 
a crushed antacid tabiet. You may 
compare several brands of tablets. 


C 2 H 302 “(aq) + H+(aq) ^^HC 2 H 302 (aq) 

The ratio of ethanoic acid to ethanoate ions will increase and the pH will decrease slightly. 
The pH decrease would be much greater if there were no buffer present. ^ web link 

We can summarize the characteristics of buffers as follows: 

• Buffers contain relatively large concentrations of a weak acid and its conjugate 
base. They can involve a weak acid, HA(aq), and the conjugate base, A“(aq), 
or a weak base, B(aq), and the conjugate acid, BH’''(aq). 

• When an acid is added to a buffered solution (of either type), the hydrogen 
ions react essentially to completion with the weak base present: 

H'''(aq) + A“(aq) =^^HA(aq) or H+(aq) + B(aq) :^^BH'''(aq) 

• When a base is added to a buffer, the hydroxide ions react essentially to 
completion with the weak acid present: 

OH“(aq) + HA(aq)=^^A“(aq) + H20(l) or 

OH“(aq) + BH+(aq)^^B(aq) + H20(l) 

The pH of a buffer is determined by the ratio of the concentrations of the weak 
acid and weak base. 


[HA(aq)] [B(aq)] 

[A“(aq)] [BH^aq)] 
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buffering capacity the ability of a buffer 
to resist changes in pH by reacting with 
added hydrogen ions or hydroxide ions 


As long as this ratio remains virtually constant, the pH will remain virtually con¬ 
stant. This will be the case as long as the amounts of the buffering entities (HA(aq) 
and A“(aq) or B(aq) and BH’''(aq)) present are large compared with the amounts of 
H'^(aq) or OH"(aq) added. 

When solving problems involving the addition of a strong acid or base to a buffer, 
deal first with the stoichiometry of the resulting reaction. A strong acid will disso¬ 
ciate completely and react with the chemical entities present in solution. After the 
stoichiometric calculations are completed, then consider the equilibrium calculations 
(Figure 5). 



Figure 5 The procedure for solving calculations involving buffers 


The Capacity of a Buffer 

The buffering capacity of a buffer solution represents the amount of added hydrogen 
ions or hydroxide ions that the buffer can absorb without a significant change in 
pH (Figure 6). A buffer with a large capacity contains large concentrations of buff¬ 
ering components and so can absorb a relatively large amount of hydrogen ions or 
hydroxide ions and show little pH change. The pH of a buffered solution is deter¬ 
mined by the [HA(aq)]/[A“(aq)] ratio. The capacity of a buffered solution is determined 
by the magnitudes of [HA(aq)] and [A“(aq)]. 


Titration of Ethanoic Acid Buffer 
with Sodium Hydroxide Solution 



(a) Volume of NaOH(aq) 


Titration of Ethanoic Acid Buffer 
with Hydrochloric Acid 



Figure 6 (a) Ethanoic acid buffer wifh a strong base added (b) Ethanoic acid buffer with a strong 
acid added. The pH changes quickly once all of the available buffer is depleted. 
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Review 


Summary 

• Buffers contain a weak acid, HA(aq), and a salt of its conjugate base, A“(aq), 
or a weak base, B(aq), and a salt of its conjugate acid, BH’''(aq). 

• Buffers play an important role in many biological and industrial processes. 

• When an acid or a base is added to a buffer, the system resists change in 
pH by removing OH“(aq) or H’''(aq) ions from solution until its buffering 
capacity is exceeded. 

• The buffering capacity of a solution containing HA(aq) and A“(aq) depends 
on the ratio of [HA(aq)] to [A“(aq)] (Figure 7). Buffering is most efficient 
when the ratio is close to 1. 


Ratio [HA(aq)]/[A-(aq)] HA(aq) H+(aq) + A-(aq) Ratio [HA(aq)]/[A-(aq)] 

does not increase does not decrease 

very much. very much. 



H+(aq) reacts with A-(aq) OH-(aq) reacts with HA(aq) 


Figure 7 The effect of adding a strong acid or base to a buffer system 
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Questions 


1. Describe the function of a buffer. I3IS 

2. What compounds make up a buffer? QID 

3. Write the equilibrium reaction equation for each 
of the following weak acids or bases. Name the 
conjugate base or acid in each case. QQ 

(a) phosphoric acid, H 3 P 04 (aq) 

(b) carbonic acid, H 2 C 03 (aq) 

(c) hydrogen sulfite ion, HS 03 “(aq) 

(d) hypochlorite ion, C10“(aq) 

4. For each acid or base listed in Question 3, suggest 
a salt that could be added to form a buffer. QID 

5. How will the equilibrium shift if a small amount 
of strong acid is added to a basic buffer solution? 
Write an example of this reaction equation. QID 

6. Explain what occurs in the buffer zone, da 


7. A buffer contains 2.63 mol/L ethanoic acid, 
HC 2 H 302 (aq) (iC, = 1.8 X 10"^), and 0.50 mol/L 
sodium ethanoate, NaC 2 H 302 (aq). Calculate the pH 
of this solution. dD 

8. Calculate the pH of a buffer with 0.15 mol/L 
ammonia solution, NH 3 (aq) = 1.8 X 10“^), and 
0.04 mol/L ammonium chloride, NH 4 Cl(aq). dD 

9. Research two buffer systems in the human body. 
Present your findings in a format of your choice. 
Your report should 

• explain why these buffers are important 

• include the equilibrium reaction equations 

• describe how each buffer responds to the 


addition of hydrogen or hydroxide ions 
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Explore an Issue in Acids and Bases 


SKILLS MENU 

• Defining the 

• Analyzing 

Issue 

• Defending a 

• Researching 

Decision 

• Identifying 

• Communicating 

Alternatives 

• Evaluating 


Additives in the Food and Beverage Industry 

Adds, bases, and buffers are widely used in the food and beverage industry (Figure 1). 
Acids and bases are artificial flavouring agents, and buffers sfabilize the pH of food 
and beverage products. These substances may also be used to help thicken foods and 
beverages, maintain colour, and deter bacterial growth. 

Citric acid is the acid most commonly added to foods. Others include ethanoic 
acid, lactic acid, and malic acid. If a salt is also added, containing the conjugate base 
of the acid, we have a buffer sysfem that operates to keep the pH at a constant level. 
Typical salts used as food additives are sodium citrate and ammonium malate. 
Bases are less often added, but those that are used include ammonium hydroxide 
and calcium carbonate. 



Figure 1 Pop commonly includes several acids and buffers. 

The Issue 

The media have been reporting that chemical additives are not safe. Some are calling 
for stricter government regulations. The food industry argues that our food supply is 
highly regulated and safe. They also say that the inclusion of additives such as acids, 
bases, and buffers enhances taste and reduces spoilage. 

You will research and analyze this issue and then pick one of the following stake¬ 
holders: community member, journalist, chief financial officer of a food company, 
government minister, supermarket ordering manager, food scientist, dietitian, 
health-food advocate, allergist, or environmentalist. You will ultimately present your 
decision from this persons perspective. # career link 
AUDIENCE 

Your teacher and classmates will represent local citizens attending a public inquiry 
about the use of additives in prepared foods and beverages. 

Goal 

To promote your position on the use of a specific food additive to the citizens of your 
community so that they may make informed purchasing decisions. 

Research skills / , 

HANDBOOK 

You should research details related to the additive that you have chosen. Investigate 
the science behind the chemical: why it is added to food, how it works, possible 
health or environmental risks that it poses, and any claimed benefits. How widely 
used is the additive in other countries? Also think about ethical, cultural, and eco¬ 
nomic considerations with respect to the chemical’s use. What financial costs and 
benefits are associated with using this food additive? 
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You might also want to explore the following topics: 

• Some food ingredients decompose over time if not held at a constant pH. 

Why is this important? 

• Escherichia coli is a bacterium that grows in many different environments, 
including on the surface of foods. The optimal pH for E. coli growth is about 
6.0 to 7.0 but some strains can survive over a much wider range of pH. Using 
acidic additives to lower pH kills most of the bacteria. However, there are 
instances of E. coli becoming acid resistant and surviving at lower pHs. Other 
species of bacteria grow in different pH ranges. How might this affect the 
decision to use chemicals to modify the pH of a food? 

• Buffer systems are used in dry mixes where there will be some variation in the 
pH of the water used to make the food or beverage. This ensures that the final 
product is consistent. Read through the ingredients list on a variety of food 
and beverage packages. Are any of these buffers? What is the most common 
buffer in your refrigerator or pantry? # web link 

Possible Solutions 

The following questions might help you to develop a solution that would be appro¬ 
priate for your stakeholder: 

• What are the implications of banning the use of this additive? 

• What would happen if it could be used without any restrictions? 

• Should the food industry be allowed to self-regulate the use of this additive? 

• How might other stakeholders view this issue? What would their arguments be? 

• Should Canada adopt another country’s approach? If so, which country’s? 

Decision 

Decide what position your stakeholder would hold on the use of the chosen additive. 
Prepare to present this position, supported with facts and arguments. 

Communicate 

• Prepare a graphic organizer from the perspective of your role. Your graphic 
organizer should address both the advantages and disadvantages of your 
position. Graphic organizers can be t-charts, SWOT (strengths, weaknesses, 
opportunities, and threats) tables, flow charts, or any other suitable format. 

Your graphic organizer should be designed to convince local citizens to support 
your position. Use persuasive arguments and back them up with researched facts. Be 
prepared to defend your arguments and answer questions. 

• Post your graphic organizer for others to see. Review your classmates’ graphic 
organizers. How did their stated positions differ from yours? Did other people 
use positions, facts, or arguments that you had not considered? 

• Find a partner in your class who chose the opposite position to yours. Cross¬ 
question each other. After the discussion, write a one-page reflection focusing 
on which of you had better arguments. 


Plan for Action 


To help consumers make informed choices about foods 
containing additives, share your position with the public. You 
could write a letter to the editor of a food magazine, make a 
video to share online, create an information poster for a local 


farmers’ market, or compose a blog entry. If you think that 
government regulations need to be changed, plan a way to get 
people in your community to side with you and help your voice 
be heard. 
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Investigations 



CONTROLLED EXPERIMENT 


The Acidity of Salt Solutions 

Many ionic compounds dissolve in water, dissociating 
to produce ions. These compounds are often called salts. 
Some salts form neutral solutions when dissolved in water. 
Others form acidic or basic solutions. Salts dissociate in 
water and the ions from this dissociation determine the 
acid-base characteristics of the aqueous solution. This 
theory will be tested in this experiment. 

Testable Question 

Write a question, suggested by the introduction and the 
hypothesis, that this experiment will attempt to answer. 

Hypothesis 

For each salt listed in the Equipment and Materials 
section, use your current understanding of acids, bases, 
and ions to predict whether the aqueous solution of the 
salt is acidic, basic, or neutral. Provide reasons for your 
predictions in each case. 

Variables 

Identify all major variables that will be measured and/ 
or controlled in the experiment. Identify which are the 
manipulated and which are the responding variables. 

Experimental Design 

The pH of a variety of salt solutions is measured using pH 
paper and/or a pH meter. 

Equipment and Materials 

• lab apron 

• chemical safety goggles 

• pH paper, pH meter, and/or universal indicator 

• containers (small beakers, test tubes, or spot plates) 

• beakers for collecting waste solutions 

• distilled water 

• dropper bottles containing aqueous solutions 
( 0.10 mol/L) of 

- sodium carbonate, Na2C03(aq) 

- sodium phosphate, Na3P04(aq) 

- aluminum sulfate, Al2(S04)3(aq) 

- sodium chloride, NaCl(aq) 

- ammonium chloride, NH3Cl(aq) 

- ammonium ethanoate, NH4C2H302(aq) 

- ammonium carbonate, (NH4)2C03(aq) 


• Hypothesizing 

• Predicting 


• Planning 

• Controlling 
Variables 

• Performing 



- potassium sulfate, K2(S04)3(aq) 

- iron(III) chloride, FeCl3(aq) 

- sodium hydrogen carbonate, NaHC03(aq) 

- sodium hydrogen sulfate, NaHS04(aq) @ @ 

These chemicals may be corrosive, toxic, and/or irritants. 
Wear a iab apron and chemicai safety goggies. Do not touch 
your eyes. Wash any spiiis on the skin, in the eyes, or on 
clothing immediately with plenty of cold water. Report any 
spills to your teacher. 

Procedure skills I . 

HANDBOOK A1.A2-2. B6 

1 . Write your procedure for this investigation. If 
you intend to use a pH meter, include the setup 
instructions and safety precautions that should be 
followed. 

2 . Get approval from your teacher and continue with 
the procedure. 

Analyze and Evaluate 

(a) What variables were measured/recorded and/or 
manipulated in this investigation? Which were kept 
constant? What type of relationship was being 
tested? Ba 

(b) Analyze your observations and use them to answer 
the testable question. Write your answer in an 
observation table. Em B 

(c) Compare your answers for (b) to your predictions 
in your hypothesis. Does the evidence support 
your predictions? Suggest an explanation for any 
discrepancies. Em 

Apply and Extend 

(d) What conclusions can you make about the pH of salt 
solutions from your observations? Em 

(e) For each of the solutions tested write the dissociation 
equation and, if appropriate, the equation for any 
hydrolysis reaction with water. Em 

(f) How could you predict the pH of a solution with the 
help of your dissociation equations? QQ Em 
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OBSERVATIONAL STUDY 


Acid-Base Titration 

In this activity, you will standardize a strong base and 
determine the concentration of an unknown acid. You will 
use an acid-base indicator to detect the endpoints and 
then measure the pH with a pH meter. 

Equipment and Materials 

lab apron 

chemical safety goggles 
electronic balance 
two 125 mL Erlenmeyer flasks 
100 mL graduated cylinder 
10 mL graduated cylinder 
1 L glass or plastic bottle with stopper 
stirring rod 
burette 

utility stand with burette clamp 
small funnel 
sheet of white paper 
pH meter 
weighing paper 


• Hypothesizing 

• Predicting 


• Planning 

• Controlling 


• Performing 



4. Measure about 0.4 g potassium hydrogen phthalate 
crystals and record the mass to 2 significant digits. 

5. Place the potassium hydrogen phthalate crystals into 
a clean flask. Add about 50 mL of water and 2-3 
drops of phenolphthalein indicator. Swirl to mix. 

6. Using the funnel, rinse the inside of the burette with 
3-5 mL of the sodium hydroxide solution. Make sure 
that the solution reaches all of the interior. Open the 
valve to allow the solution to run out through the tip 
of the burette. Discard this solution as directed. 

7. Pill the rinsed burette with the sodium hydroxide 
solution. Dislodge any bubbles that might be stuck in 
the tip of the burette by letting a few drops of the solution 
run through. Record the burette reading in a table. 

8. Place the flask on white paper. Titrate the potassium 
hydrogen phthalate solution with the sodium hydroxide 
solution, swirhng the flask frequently, until you observe 
a faint colour change that persists for at least 30 s. This 
is the endpoint. Record the volume in the burette. 


• meniscus finder 

• 25 mL pipette with pipette pump 

• wash bottle with distilled water (previously boiled) 

• sodium hydroxide crystals, NaOH(s) @ 

• potassium hydrogen phthalate crystals, KHC 8 H 404 (s) 

• dropper bottle of 1 % phenolphthalein indicator ® 

• vinegar, lemon juice, or other acidic solution of 
unknown concentration @ 

Acids are corrosive and may also be toxic. Solid sodium 
hydroxide is extremeiy corrosive, and especially dangerous 
to eyes and skin. Wear a lab apron and chemical safety 
goggles. Do not touch your eyes. If sodium hydroxide enters 
your eye, flush continuously with cold water for 10 min and 
get immediate medical attention. 


9. Repeat Steps 4, 5, 7, and 8 at least two more times, 
recording your results each time. Rinse out the flask. 

Part B: Determining [H^(aq)] 

10. Refill the burette with standardized sodium hydroxide 
solution. 

11. Using the pipette, measure 25.00 mL of an unknown 
acid solution into a clean, dry flask. Add 2-3 drops of 
phenolphthalein and swirl gently. 

12. Place the flask on white paper. Titrate the acid 
solution with sodium hydroxide solution until the 
endpoint is reached. Record your readings. 

13. Repeat Steps 11 and 12 until you have three 
consistent results within 0.5 mL of each other. 


© Phenolphthalein indicator is flammable. Keep it away from 
open flames. 

Procedure handbook v At*2.3 ,a3 

Part A: Standardization of NaOH(aq) 

1. Put on your lab apron and safety goggles. 

2. Dissolve approximately 1 g of sodium hydroxide 
crystals in 50 mL of water in an Erlenmeyer flask. 

3. In a 1 L bottle, add 10 mL of the sodium hydroxide 
solution and dilute with 500 mL of distilled water. 
Stopper the bottle and swirl it but do not shake it. 


14. Using a calibrated pH meter, measure the pH of the 
solution in the Erlenmeyer flask and record this value. 

15. Dispose of all solutions as directed by your teacher. 
Return equipment and materials to their proper 
location. Wash your hands with soap and water. 

Analyze and Evaluate 

(a) Calculate [NaOH(aq)] for each trial in Part A. 

Average the results. 013 ESI 

(b) Calculate the average volume of sodium hydroxide 
solution used (Step 13) to reach the endpoint. Use this 
average to determine [H’''(aq)] in the acid. QQ HD ^ 
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(c) Use your answer in (b) to determine the pH of the 
unknown solution. I3I!I Ei 

(d) Compare your calculated pH to the pH value 
measured in Step 14. Account for any difference. BD 

(e) Evaluate the design, identifying any possible sources 
of error and suggesting improvements. Di 


Apply and Extend 

(f) Predict the shape of the pH curve for the titration of 
1.0 mol/L sulfuric acid with 1.0 mol/L sodium hydroxide. 

(g) Plan and conduct the titration described in 
question (f), using a pH meter. Have your teacher 
approve your design before starting. 


OBSERVATIONAL STUDY 


SKILLS MENU 


• Questioning 

• Planning 

• Observing 

Buffer Systems 

• Researching 

• Controlling 

• Analyzing 

• Hypothesizing 

Variables 

• Evaluating 

Phosphate buffers occur naturally in cell cytoplasm. 

• Predicting 

• Performing 

• Communicating 


where they maintain a neutral pH, which is ideal for 
cell functions. In this experiment you will measure the 
capacity of a buffer over a range of pH levels. The buffer 
you will investigate is the phosphate buffer, which contains 
the conjugate acid-base pair H 2 P 04 “(aq)-HP 04 ^“(aq). 

H 2 P 04 -(aq) + 0 H-(aq)^^HP 042 -(aq) + HjO® 

You will make this buffer by mixing solutions of sodium 
hydroxide and potassium phosphate. 


Procedure skills/ 

HANDBOOK *1- *2-3. 

1. Put on your lab apron and safety goggles. 

2. In separate graduated cylinders, measure 12.6 mL 
of potassium phosphate solution and 7.4 mL of 
sodium hydroxide solution. Pour both solutions 
into a 100 mL beaker. This mixture is the buffer. 

3. Label the small beakers 1 through 4. Pour about 
10 mL of the buffer into each of beakers 1 and 2. 


Purpose 

To observe change in pH when a strong acid and a strong 
base are slowly added to different samples of a buffer 


Equipment and Materials 

• lab apron 

• chemical safety goggles 

• 100 mL beaker 

• 4 small beakers 

• glass stirring rod 

• two 50 mL graduated cylinders 

• glass marking pen 

• stoppered bottles containing solutions (0.10 mol/L) of 

- potassium dihydrogen phosphate, KH 2 P 04 (aq) 

- 29 mL of sodium hydroxide, NaOH(aq) 

- sodium chloride, NaCl(aq) 

• dropper bottles containing 

- bromocresol green indicator 

- hydrochloric acid, HCl(aq) (0.10 mol/L) @ 

- phenolphthalein indicator ® 

- sodium hydroxide solution, NaOH(aq) (0.10 mol/L) 


@ 


Hydrochloric acid is corrosive. Bases and buffers may 
be corrosive, toxic, and/or irritants. Avoid spiashing 
these solutions on your skin, in your eyes, or on ciothing. 
immediateiy rinse any spiils with pienty of cold water and 
inform your teacher. 

Phenoiphthaiein indicator is fiammabie. Keep it away from 
open flames. 


4. As a control, add the same volume of sodium 
chloride solution to beakers 3 and 4. 

5. Add 2 drops of bromocresol green indicator to 
beakers 1 and 3. 

6. Add drops of hydrochloric acid to beakers 1 and 
3, counting each drop, until the colour changes. 
Between drops, stir the contents of each beaker 
with the stirring rod. Record the number of drops 
required in each case. 

7. Repeat Steps 5 and 6 in beakers 2 and 4 with pheno¬ 
lphthalein indicator and sodium hydroxide solution. 

8. Dispose of all solutions as directed by your teacher. 
Return equipment and materials to their proper 
location. Wash your hands with soap and water. 

Analyze and Evaluate 

(a) Compare the number of drops of acid or base 
required to cause a colour change in each beaker. 
Write a statement about the effect of a buffer. HU 

(b) Evaluate the design of this investigation. EZD 

Apply and Extend 

(c) Examine the ingredients lists of packaged foods to 
find products containing phosphate salts. Why do 
these foods contain phosphates? EZa D 

(d) Plan a procedure to make 30 mL of an ethanoic 
acid-ethanoate bufffer using 0.1 mol/L ethanoic 
acid, HC 2 H 302 (aq), and solid sodium ethanoate, 
NaC 2 H 302 (s). Include a test for your buffer. 

Proceed with your plan once it is approved by 
your teacher. EBl 
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The Effectiveness of an Antacid 

In this activity, you will use a technique known as “back 

• Questioning 

• Researching 

• Hypothesizing 

• Predicting 

• Planning 

• Controlling 
Variables 

• Performing 

• Observing 

• Analyzing 

• Evaluating 

• Communicating 


titration” to measure the quantity of hydrochloric acid, 
HCl(aq), neutralized by an antacid. This simulates the 
neutralization of stomach acid. 

Equipment and Materials 

lab apron 

chemical safety goggles 
mortar and pestle 
weighing paper 
electronic balance 
graduated cylinders 
two 125 mL Erlenmeyer flasks 
2 burettes, 25 mL or 50 mL 


6. Dislodge any bubbles that might be stuck in the tips 
of the burettes by letting a few drops of the solutions 
run through. Record the burette readings to 0.01 mL. 

7. Add about 10.0 mL of hydrochloric acid to the 
crushed antacid sample and record the final volume 
of acid in the burette to 0.01 mL. 

8. Gently swirl the flask with the antacid tablet to dissolve 
it as much as possible. Add 2-5 drops of bromophenol 
blue indicator. The solution should be yellow. If it is 
blue, continue to add acid slowly until the solution 
turns yellow and remains yellow after swirling. Again, 
record the volume of acid remaining in the burette. 


2 utility stands with clamps 
stirring rod 
2 small funnels 
pH paper (low range) 
stoppered bottles containing 

- standardized hydrochloric acid, HCl(aq) 
(0.1 mol/L) © 

- standardized sodium hydroxide solution, 
NaOH(aq) (0.1 mol/L) @ 

dropper bottle of bromophenol blue indicator 
various antacid tablets (white, unflavoured) 


© 

o 


Hydrochloric acid is corrosive. Sodium hydroxide is corrosive, 
toxic, and an irritant. Avoid spiashing solutions on your skin, 
in your eyes, or on clothing, immediately rinse any spiils with 
pienty of cooi water and inform your teacher. 

Never consume anything in the iaboratory or remove it for 
consuming outside of the laboratory. 

To unplug the balance, pull directly on the plug rather than 
the cord. 


9. Titrate the solution with sodium hydroxide solution 
until the solution in the flask turns blue. Watch 
carefully because the change may not be obvious. 
Record the volume of sodium hydroxide solution 
remaining in the burette. 

10. Refill the burettes if needed and repeat Steps 2-3 and 
6-9 two more times with other samples of the same 
type of antacid tablet. Record your results carefully. 

11. Repeat the procedure three times using a different 
brand of tablet. 

12. Dispose of waste properly. Clean and rinse all 
equipment as directed. Wash your hands with soap 
and water. 

Analyze and Evaluate 

(a) What was measured in this investigation? EZD 

(b) Calculate the amount of hydrochloric acid neutralized 
by each 1.00 g of antacid tablet. QID EZl 

(c) Why must burettes and flasks be clean and dry? Eli 


Procedure hanS Ll *1. *2-3. *3-2 

1 . Put on your lab apron and safety goggles. 

2. Crush an antacid tablet using a mortar and pestle. 

3. Tare the balance with the weighing paper. Add about 
0.4 g of the crushed tablet and measure its mass to 

2 decimal places. Transfer the crushed tablet into an 
Erlenmeyer flask. Record the brand of tablet and the 
mass of your sample. 


(d) In Step 8, why is it necessary to make sure the indicator 
stays yellow before titrating with the base? EH 

(e) Why did the procedure instruct you to first react the 
tablet with acid, and then back-titrate with the base, 
and not just titrate with the acid? What possible 
errors does this additional step introduce? Do you 
think it was a good idea? Why or why not? EH 

Apply and Extend 


4 . Label one burette “HCl(aq).” Rinse the burette with 
hydrochloric acid, clamp it to a utility stand, and 
then, using the funnel, fill it with the acid. 

5. Label the other burette “NaOH(aq).” Rinse this 
burette with sodium hydroxide solution, clamp it to a 
utility stand, and then fill it with the base. 


(f) 

(g) 

(h) 


Compare the effectiveness of different antacids. EH D 
Were you surprised by any of the results? Explain. EH D 


Research the cost per tablet of each type of antacid 
that you investigated. Compare the cost-effectiveness 
of the different tablets. # EH D 


Chapter 8 Investigations 573 













SUMMARY 


Summary Questions 


1. Create a study guide based on the Key Concepts listed 
on page 486. For each point, create three or four 
suh-points that provide further information, relevant 
examples, diagrams, or general equations. 

2. Look back at the Starting Points questions on page 
486. Answer these questions using what you have 
learned in this chapter. Compare your latest answers 

Vocabulary 


with those that you wrote at the beginning of the 
chapter. Note how your answers have changed. 

3. List the mathematical equations and concepts that 
you used to solve problems in this chapter. Create a 
concept map to illustrate the relationships between 
these equations and concepts. 


Arrhenius theory (p. 488) 
Brensted-Lowry theory (p. 488) 
hydronium ion (p. 489) 
conjugate acid (p. 490) 
conjugate base (p. 490) 
conjugate acid-base pair (p. 490) 
amphiprotic (amphoteric) (p. 491) 
acid ionization constant (IQ (p. 492) 
strong acid (p. 495) 


weak acid (p. 495) 
oxyacid (p. 496) 
organic acid (p. 497) 
strong base (p. 497) 
weak base (p. 498) 
base ionization constant (IQ (p. 498) 
organic base (p. 499) 
autoionization of water (p. 499) 
ion-product constant for water 
(Aw) (P. 500) 


pH (p. 502) 
pOH (p. 502) 
pH meter (p. 505) 
acid-base indicator (p. 506) 
percentage ionization (p. 514) 
monoprotic acid (p. 521) 
poiyprotic acid (p. 521) 
hydroiysis (p. 532) 
titration (p. 540) 
sampie (p. 540) 


titrant (p. 540) 
burette (p. 540) 
standard soiution (p. 540) 
primary standard (p. 540) 
equivaience point (p. 540) 
endpoint (p. 540) 
pH curve (p. 544) 
buffer (p. 558) 
buffering capacity (p. 566) 


Grade 12 Chemistry can lead to a wide range of careers. Some require a college diploma or a 
B.Sc. degree. Others require specialized or postgraduate degrees. This graphic organizer shows 
a few pathways to careers mentioned in this chapter. 

1. Select two careers related to Acid-Base Equilibrium that you find interesting. Research the 


educational pathways that you would need to follow to pursue these careers. What is involved 
in the required educational programs? Prepare a brief report of your findings. 
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SELF-QUIZ 


QID Knowledge/Understanding BIl Thinking/Investigation 


Communication D Application 


For each question, select the best answer from the four 
alternatives. 

1. According to the Arrhenius theory, when acids 
dissolve in water they 

(a) produce H'''(aq) 

(b) produce OH“(aq) 

(c) accept H'^(aq) 

(d) accept OH“(aq) (8.1) QID 

2. Which of the following is the conjugate base of 
phosphoric acid, H 3 P 04 (aq)? (8.1) BID 

(a) H 2 P 04 (aq) (c) H 2 P 04 “(aq) 

(b) H 3 P 03 (aq) (d) HP 042 -(aq) 

3. Which of the following is true of a strong acid? 

( 8 . 2 ) m 

(a) The value is small. 

(b) The acid exists primarily in the form of molecules 
in solution. 

(c) Its molecules ionize completely in aqueous 
solution. 

(d) The ionization equilibrium lies far to the left. 

4. Perchloric acid, HC 104 (aq), is a strong acid used in 
the preparation of ammonium perchlorate, a rocket 
propellant. Determine the pH of a 0.00450 mol/L 
perchloric acid solution. (8.2) BID 

(a) 0.45 (c) 3.00 

(b) 2.35 (d) 4.50 

5. Determine the value of a 0.100 mol/L weak acid 
solution that has a pH of 5.98. (8.3) BID 

(a) 1.10 X 10"^^ (c) 1.04 X 10“® 

(b) 1.10 X 10““ (d) -5.98 

6. Which of the following salts will form a basic solution 
when dissolved in water? (8.6) BID 

(a) potassium nitrate, KN 03 (s) 

(b) calcium chloride, CaCl 2 (s) 

(c) sodium carbonate, Na 2 C 03 (s) 

(d) ammonium chloride, NH 4 Cl(s) 

7. Which of the following acids would be most 
appropriate for preparing a buffer solution with 
a pH of 4.15? (8.8) BID 

(a) hydrofluoric acid, = 6.6 X 10“^ 

(b) methanoic acid, = 1.8 X 10“^ 

(c) ascorbic acid, = 7.9 X 10“^ 

(d) carbonic acid, = 4.3 X 10“^ 

8. The pH values of four different samples before and after 
the addition of a strong base are shown in Table 1. 
Which sample is a buffered solution? (8.8) BID 


Table 1 Sample pH Changes 



Initial pH before 
addition 

Final pH after 
addition 

(a) Sample A 

2.3 

9.8 

(b) Sample B 

4.5 

7.0 

(c) Sample C 

3.4 

7.0 

(d) Sample D 

1.2 

1.4 


9. Why does the food industry often add acids to 
foods? (8.9) BID 

(a) to remove unwanted flavours 

(b) to cause colour change 

(c) to deter bacterial growth 

(d) all of the above 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

10. A Bronsted-Lowry acid accepts protons. (8.1) B£ 

11. An amphoteric substance can behave as either an acid 
or abase. (8.1) m 

12. The acid ionization constant, K^, is the equilibrium 
constant for the reaction of an acid with water to 
form the conjugate base and hydroxide ions. (8.1) BID 

13. Oxyacids always contain carbon and oxygen. (8.2) BID 

14. A solution with pH 2 has a [H^(aq)] that is 1000 
times that of a solution with pH 3. (8.2) BID 

15. The production of sulfuric acid proceeds best at low 
temperatures because the reaction is endothermic. 
(8.3) m 

16. A strong acid reacts with a strong base to produce an 
acidic salt and water. (8.4) BID 

17. Hydrolysis is the splitting of a water molecule. (8.6) BID 

18. The transition point in a titration is the point at 
which chemically equivalent amounts of titrant and 
sample have reacted. (8.7) ISD 

19. A buffer solution contains a mixture of a weak acid 
and a weak base. (8.8) BID 

20. Using buffers destabilizes pH, which can help 
preserve food and beverages. (8.8) BID 

21. Adding acid to food products to lower the pH helps 
deter bacterial growth. (8.9) BID 

I Go to Nelson Science for an online self-quiz. 

WEB LINK 
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•W REVIEW 


QIS Knowledge/Understanding ESI Thinking/Investigation 


Communication D Appiication 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. Which of the following is a characteristic of a base? 

(8.1) m 

(a) tastes sour 

(b) feels slippery 

(c) turns blue litmus pink 

(d) all of the above 

2. According to the Arrhenius theory, bases in aqueous 
solution 

(a) produce H'^(aq) 

(b) produce OH“(aq) 

(c) accept H'^(aq) 

(d) accept OH“(aq) (8.1) QQ 

3. Which of the following is a base according to the 
Bronsted-Lowry theory, but not according to the 
Arrhenius theory? (8.1) □□ 

(a) ammonia, NH 3 (aq) 

(b) sodium hydroxide, NaOH(aq) 

(c) phenol, HC 6 H 50 (aq) 

(d) hydrochloric acid, HCl(aq) 

4. A conjugate acid-base pair consists of two entities that 

(a) differ by one oxygen atom 

(b) differ by one hydrogen ion 

(c) neutralize each other in aqueous solution 

(d) produce hydroxide ions in solution (8.1) □□ 

5. Which of the following is the conjugate acid of 
water? (8.1) QQ 

(a) H, 02 (aq) 

(b) OH-(aq) 

(c) HCH 02 (aq) 

(d) H 30 +(aq) 

6. Which of the following is a property of a strong 
acid? (8.2) QID 

(a) is small. 

(b) It exists primarily in the form of molecules in 
solution. 

(c) It ionizes completely in aqueous solution. 

(d) Its ionization equilibrium lies far to the left. 

7. Determine the pH of a 0.032 mol/L solution of 
NaOH(aq), a strong base. (8.2) QID 

(a) 2.49 

(b) 3.20 

(c) 11.51 

(d) 14.00 


8. Which of the following substances is the first to be 
produced in the sulfuric acid manufacturing 
process? (8.3) QID 

(a) oleum, H 2 S 207 (aq) 

(b) water, H 20 (l) 

(c) sulfur trioxide, S 03 (g) 

(d) sulfur dioxide, S 02 (g) 

9. Which of the following salts forms a basic solution 
when dissolved in water? (8.6) QZ!] 

(a) potassium chloride, KCl(s) 

(b) sodium nitrate, NaN 03 (s) 

(c) potassium cyanide, KCN(s) 

(d) lithium sulfate, Li 2 S 04 (s) 

10. Which of the following terms describes substances 
that have different colours in solutions of different 
pH? (8.2, 8.7) m 

(a) amphiprotic 

(b) indicators 

(c) polyprotic 

(d) electrolytes 

11. Which of the following statements correctly describes 
the process of titration? (8.7) QID 

(a) The titrant is added slowly from a burette into 
the sample until the equivalence point is 
observed. 

(b) The sample is added slowly from a burette 
into the titrant until the equivalence point is 
observed. 

(c) The sample is added slowly from a burette into 
the titrant until the endpoint is observed. 

(d) The titrant is added slowly from a burette into the 
sample until the endpoint is observed. 

12. Which of the following best describes the components 
of a buffer solution? (8.8) QQ 

(a) a weak acid and a strong base in water 

(b) a weak acid and its conjugate base in water 

(c) a strong acid and a weak base in water 

(d) a neutral salt in water 

13. Which of the following statements correctly explains 
why weak acids, rather than strong acids, are used as 
food additives? (8.8) QQ 

(a) Weak acids can only be used in low 
concentrations. 

(b) Weak acids have a buffering effect. 

(c) Weak acids have a lower pH. 

(d) Weak acids react to produce basic salts. 
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Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

14. A weak acid completely ionizes in solution. (8.2) QQ 

15. The autoionization of water involves the transfer of 
a proton from one water molecule to another to 
produce a hydroxide ion and a hydronium ion. (8.2) QID 

16. The hydrogen ion concentration of a solution with a 
pH of 3.0 is 3.33 X 10"^ mol/L. (8.2) m 

17. A strong acid exists primarily in the form of 
molecules in solution. (8.2) QIS 

18. A diprotic acid has 2 ionizable hydrogen 
atoms. (8.4) QID 

19. The reaction of a weak acid with a strong base 
produces a neutral salt. (8.6) QID 

20. The endpoint in a titration is the point at which an 
indicator starts to change colour permanently. (8.7) 013 

21. The endpoint of a strong acid-strong base titration 
occurs at a pH near 5. (8.7) QQ 

22. The colour of an acid-base indicator depends on the 
pH of the solution. (8.7) QID 

23. A buffer solution can absorb any amount of acid or 
base without a significant change in pH. (8.8) QQ 

24. The sour taste of citric acid enhances fruit flavours. 
(8.9) m 

Match each term in the first list ((a) to (k)) with the most 
appropriate definition in the second list ((i) to (xi)). 

25. (a) conjugate acid 

(b) sample 

(c) weak 

(d) concentrated 

(e) fCa 

(f) polyprotic 

(g) strong acid 

(h) organic acid 

(i) dilute 

(j) acid titrant 

(k) monoprotic 

(i) containing relatively few entities per unit volume 

(ii) used to titrate a base 

(iii) only partially ionized in water 

(iv) acid ionization constant 

(v) having only one ionizable hydrogen atom 

(vi) entity formed when a base gains a hydrogen ion 

(vii) the solution in the flask during a titration 
(viii) an acid based on the elements C, H, and O 

(ix) having 2 or more ionizable hydrogen atoms 

(x) an acid that ionizes almost completely in water 

(xi) containing many entities per unit volume 
(8.1, 8.2, 8.4, 8.7) m 


Write a short answer to each question. 

26. How did Arrhenius describe acids and bases? (8.1) BQ 

27. Identify whether water behaves as an acid or a base in 
each of the following reactions: (8.1) BID 

(a) H 3 P 04 (aq) + H 20 (l) 

H 2 P 04 -(aq) + H 30 +(aq) 

(b) NH 3 (aq) + H 20 (l) ^^NH 4 +(aq) + OH“(aq) 

(c) HBr(aq) + H 20 (l) Br“(aq) + H 30 +(aq) 

(d) CN“(aq) + H 20 (l) HCN(aq) + OH“(aq) 

28. Identify the conjugate acid-base pairs in each of the 
reactions shown in question 27. (8.1) BB 

29. Write the name and formula for 

(a) the conjugate base of HF 

(b) the conjugate acid of H 2 O 

(c) the conjugate base of H 2 O 

(d) the conjugate acid of NH 3 (8.1) BB 

30. Write equations to show how the hydrogen sulfate 
ion, HS 04 “(aq), is amphiprotic. (8.1) BB 

31. Calculate the pH of each of the following strong acid 
or base solutions: ( 8 . 2 ) EZa 

(a) 0.004 mol/L hydrochloric acid 

(b) a 3.5 X 10“* mol/L solution of potassium 
hydroxide 

(c) 7.3 X 10“® mol/L nitric acid, HN 03 (aq) 

(d) 0.25 mol/L hydrobromic acid, HBr(aq) 

(e) a 0.45 mol/L solution of sodium hydroxide 

(f) a 6.1 X 10“^ mol/L solution of barium hydroxide, 
Ba(OH) 2 (aq) 

(g) a 0.006 mol/L solution of potassium hydroxide, 
KOH(aq) 

32. Write the equation used to calculate pOH from pH. 
(8.2) BB 

33. Write the chemical equation that represents the 
autoionization of water. (8.2) BB 

34. What is the hydroxide ion concentration of a solution 
with a pH of 8.0? (8.2) BB 

35. What is the difference between a strong acid and a 
weak acid? (8.2) BB 

36. Would you expect hydrochloric acid to have a large or 
small KJ Explain. (8.2) BB 

37. Calculate the value of a 0.1000 mol/L solution of 
an acid that is only partially ionized: 

[H+(aq)] = 1.34 X 10“^ mol/L. (8.2) mm 
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38. Copy Table 1 into your notebook and fill in the 
missing information. (8.2) lazs Di 


Table 1 Characteristics of Four Solutions 


Solution 

pH 

pOH 

[H (aq)] 

[OH-(aq)] 

Acidic, 
basic, or 
neutral? 

A 

6.88 





B 




8.4 X lO-"'' 
mol/L 


C 


3.11 




D 



1.0X10-' 

mol/L 




39. What is the pH of a substance with a pOH of 7.6? 
( 8 . 2 ) QQDll 

40. Calculate the hydroxide ion concentration of each 
of the following solutions at 25 °C. Identify each 
solution as neutral, acidic, or basic. ( 8 . 2 ) QQ EO 

(a) [H+(aq)] = 1.0 X 10“"mol/L 

(b) [H'^(aq)] = 8.3 X 10"® mol/L 

(c) [H'^(aq)] = 1.0 X 10“^^ mol/L 

(d) [H'^(aq)] = 5.4 X 10“^ mol/L 

41. What is the hydroxide ion concentration of a solution 
with a pH of 4.0? (8.2) QQ Bi 

42. State whether the ionization of each of the following 
favours the reactants or the products: (8.2) EZI 

(a) H 2 SO 4 

(b) HCO 3 - 

(c) HF 

43. Use the information in Table 2 to answer the 
following questions. (8.2) QZD EZD 


Table 2 K„ Values at Various Temperatures 


Temperature (°C) 

K. 

0 

1.14 X 10-^5 

25 

1.00 X 10-^“ 

35 

2.09 X 10-^' 

40 

2.92 X lO-^'' 

50 

5.47 X lO-^' 


(a) Is the autoionization of water exothermic or 
endothermic? Explain your answer. 

(b) Calculate [H’^(aq)] and [OH"(aq)] in a neutral 
solution at 50 °C. 


44. Describe a solution for which each of the following 

mathematical expressions would be true. Give an 
example in each case. [HA(aq)ij,itiai] [A” (aq) initial] 

represent the initial concentrations of an acid and its 
conjugate base. (8.2, 8.4) QEl EH 

(a) [OH-(aq)] = [A-(aq)i^,J 

(b) [H+(aq)] = 2 [HA(aq)i„,J 

45. Calculate the percentage ionization of 0.050 mol/L 
hydrofluoric acid, HF(aq). {K^ = 6.6 X 10“^) 

(8.4) mEBE 

46. Determine the concentrations of the ions present in 
a beverage that contains 0.050 mol/L carbonic acid, 
H 2 C 03 (aq). (Use information from Table 4 in 
Section 8.4.) (8.4) m EH 

47. Methanoic acid (formic acid) is a colourless solution 
used in making textiles. Calculate the value of 

for a 0.100 mol/L methanoic acid solution in which 
[H+(aq)] = 1.34 X 10“l (8.4) m 

48. Calculate the pH of 0.10 mol/L ethanoic acid, 
HC2H302(aq). (X, = 1.8 X 10“=) (8.4) EH 

49. Will an aqueous solution of each of the following salts 
will be acidic, basic, or neutral? (8.6) EH 

(a) sodium nitrate, NaN 03 (s) 

(b) ammonium bromide, NH 4 Br(s) 

(c) sodium fluoride, NaF(s) 

50. An acid-base titration starts at pH 3.4 and reaches an 
endpoint at pH 8.5. Describe the type of sample and 
titrant being used in the titration. (8.7) QID EH 

51. Consider the titration that gives the titration curve 
shown in Figure 1. 


Titration of a Weak Acid with a Strong Base 



Copy the titration curve into your notebook. On 
your curve, indicate the points that correspond to the 
following: (8.7) EH 

(a) the stoichiometric (equivalence) point 

(b) the region corresponding to the buffering action 
of the weak acid 

(c) the endpoint of the titration 
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52. If the pH of a solution is 4.8, what is the colour 
of each of the following indicators in this 
solution? (8.7) BD 

(a) phenolphthalein 
(h) bromocresol green 
(c) phenol red 

53. Sodium lactate is the sodium salt of lactic acid. What 
is the pH of a solution that contains 0.75 mol/L lactic 
acid, HC 3 H 503 (aq) {K^ = 1.4 X 10“^), and 0.25 mol/L 
sodium lactate, NaC 3 H 503 (aq)? ( 8 . 8 ) EBI 

54. Calculate the volume of 0.10 mol/L sodium methanoate 
solution that must be added to 1.00 L of 0.1 mol/L 
methanoic acid to give a buffer solution with a pH of 3.5. 
(The pLQ value for methanoic acid is 3.75.) ( 8 . 8 ) BQ 

55. A buffer solufion contains aqueous ammonia and 
ammonium chloride. QIS 

(a) Write an equation for the equilibrium system. 

(b) In which direction does the equilibrium shift if 
hydrochloric acid is added? Why? 

56. What is the conjugate base of citric acid? (8.9) BO 

57. Summarize the use of citric acid as an additive in the 
food industry. (8.9) QQ 

Understanding 

58. Explain why nitric acid, HN 03 (aq), is an Arrhenius 
acid. ( 8 . 1 ) Qa 

59. Explain why ammonia, NH 3 , is a base according to 
the Bronsted-Lowry theory, but not according to the 
Arrhenius theory. (8.1) QID 

60. Explain why water, H 20 (l), is not included in the 
equilibrium constant equation for an acid ionizing in 
water. ( 8 . 1 ) Qd 

61. Two monoprotic acids have values of 1.0 X 10“^ 
and 1.0 X 10“®, respectively. Which acid produces a 
1.0 mol/L solution with the highest pH? Why? (8.1) 013 

62. Why does doubling the concentration of a 
hydrochloric acid solution not cause the pH of the 
solution to decrease by a factor of two? ( 8 . 2 ) Qd 

63. Show that the pH of pure water at 25 °C is 7. (8.2) Qd 

64. Explain how a sample of an acid can be both weak 
and concentrated. ( 8 . 2 ) Bd 

65. In the production of sulfuric acid, increased pressure 
favours the forward reaction, forming more products. 
Use Le Chatelier’s principle to explain why. (8.3) Bd 

66 . Which acid has the larger percentage ionization: 
hydrofluoric acid or efhanoic acid. Explain. (8.4) Bd 

67. Rank iC^ 2 > ^^^d for a friprofic acid, H 3 A(aq), 
in order of decreasing magnitude. Justify your order. 
(8.4) Bd 

68 . Does water act as a diprotic acid? Explain. (8.4) ESI 


69. An acid, HA(aq), is a very weak acid. (8.4) Bd 

(a) How does the strength of the conjugate base, 
A“(aq), compare to that of water? 

(b) How do the relative concentrations of H'''(aq) 
and HA(aq) compare at equilibrium? 

70. Explain why aqueous solutions of salts may be either 
acidic, basic, or neutral. (8.6) Bd 

71. Create a flow chart or concept map that can be used 
to determine the type of solution (acidic, basic, or 
neutral) that will form when different types of salts 
are dissolved in water. (8.6) Bd O 

72. Consider the titration of 100.0 mL of 0.200 mol/L 
ethanoic acid, HC 2 H 302 (aq) {K^ = 1.8 X 10“^), by 
0.100 mol/L potassium hydroxide solution, KOH(aq). 
Calculate the pH of the resulting solution after each 
of the following volumes of potassium hydroxide 
solution has been added: (8.7) ESI 

(a) 0.0 mL (d) 150.0 mL 

(b) 50.0 mL (e) 200.0 mL 

(c) 100.0 mL (f) 250.0 mL 

73. Describe how you would choose an indicator for the 
titration of a strong acid with a strong base. (8.7) Em 

74. Which is the better indicator for the titration of a 
weak acid with a strong base: methyl yellow or thymol 
blue? Why? (Use Figure 10 in Section 8.7.) (8.7) Em 

75. Use equations to show how a buffer sysfem 
works. (8.8) Bd Em B 

76. Would a solufion made from combining hydrochloric 
acid and sodium chloride make a good buffer? 

Explain your answer. (8.8) Em 

77. A solution is 0.40 mol/L hydrazine, H 2 NNH 2 (aq) 

(ICj, = 1.7 X 10“®), and 0.80 mol/L hydrazinium 
nitrate, H 2 NNH 3 N 03 (aq). (8.8) ESI 

(a) Calculate the pH of the solution. 

(b) Describe, using words or chemical equilibrium 
equations, what happens when hydrochloric acid 
and sodium hydroxide are added to two different 
samples of the original solution. 

Analysis and Application 

78. Hemoglobin (abbreviated to Hb) is a protein that is 

responsible for transporting oxygen in the blood of 
mammals. The binding of oxygen to hemoglobin is 
pH dependent. The relevant equilibrium reaction is 
HbH/+(aq) + 4 02 (g) Hb(02)4(aq) + 4H+(aq) 

Use Le Chatelier s principle to answer the following 
questions: (8.2) BID Em 

(a) What form of hemoglobin, HbH/'''(aq) or 
Hb(02)4(aq), is favoured in the lungs? What 
form is favoured in the cells? 
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(b) When a person hyperventilates, the concentration 
of carhon dioxide in the blood falls. How does 
this affect the oxygen-binding equilibrium? How 
does breathing into a paper hag help? 

(c) When a person has suffered a cardiac arrest, 
injection of a sodium hydrogen carbonate solution 
is given. Why is this necessary? {Hint: [C02(aq)] 
in hlood increases during cardiac arrest.) 

79. Vitamin C (ascorbic acid) is a weak diprotic acid with 
the molecular formula CgHgOg {K^i = 7.9 X 10“^; 

K^2 = 1-6 X 10“^^). (8.4) ESID 

(a) Determine [H^(aq)] and the pH of a solution 
made hy dissolving a 0.500 g tablet of vitamin C 
in 250 mL of water. 

(b) Stomach fluids have a pH —1.0 due to the 
presence of hydrochloric acid. What fraction of 
the vitamin in a 0.500 g tablet will ionize if the 
volume of fluid in the stomach is 200 mL? 

80. Fossil fuels contain trace amounts of nitrogen 
and sulfur. Burning fossil fuels therefore produces 
nitrogen dioxide and sulfur dioxide, which may be 
released into the atmosphere. (8.6) m D 

(a) Write the chemical reactions showing how these 
oxides react with water in the atmosphere. Will 
acidic or basic solutions be produced? 

(b) The solutions formed may fall as precipitation and 
be washed into rivers and lakes. Lakes on lime, 
stone bedrock are less affected by these solutions 
than are many other lakes. Explain why this may be 
the case. 

81. When a diprotic acid, H 2 A(aq), is titrated with 
sodium hydroxide, NaOH(aq), the resulting graph is 


Titration of a Diprotic Acid 
with Sodium Hydroxide Solution 



Figure 2 

essentially two titration curves (Figure 2). (8.7) DD 
(a) If the first equivalence point occurs at 100 mL 
NaOH(aq) added, approximately what volume of 
sodium hydroxide solution has been added at the 
second equivalence point? 


(b) For the following volumes of sodium hydroxide 
solution added, list the major entities present 
after the hydroxide ions react completely: 

(i) 0 mL NaOH(aq) added 

(ii) between 0 and 100 mL NaOH(aq) added 
(hi) 100 mL NaOH(aq) added 

(iv) between 100 and 200 mL NaOH(aq) added 

(v) 200 mL NaOH(aq) added 

(vi) more than 200 mL NaOH(aq) added 

(c) When 50.0 mL of sodium hydroxide solution 
has been added, the pH is 4.0. When 150 mL of 
sodium hydroxide solution has been added, the 
pH is 8.0. Determine the values of and K ^2 for 
the diprotic acid. 

82. A natural indicator is an indicator that is either a 
naturally occurring substance or produced from 
a naturally occurring substance. Summarize the 
procedure for an investigation designed to determine 
the pH range of a homemade indicator. The indicator 
may be made from cabbage juice, turmeric, or 
hydrangea flowers. (8.7) EBl D D 

83. Write a procedure for a colour change trick using 
acids, bases, and indicators. (8.7) E2i B D 

84. Write a procedure for preparing an acidic buffer 
solution. (8.8) B B D 

85. Design an investigation to determine the buffering 
capacify of a buffer solution. (8.8) B B B 

86. Table 3 lists four solids and four solutions that are 
available to you. What combinations of reactants 
would you use to prepare buffers with each of the 
following pH values? (8.8) B 

(a) 3.0 (c) 5.0 

(b) 4.0 (d) 7.0 

Table 3 Available Reactants 


Solids 

Solutions 

Aa of acid 

potassium 

fluoride 

5.0 mol/L 
hydrofluoric acid 

6.6 X 10-“ 

sodium 

ethanoate 

1.0 mol/L ethanoic 
acid 

1.8 X 10-= 

sodium 

benzoate 

2.6 mol/L benzoic 
acid 

6.3 X 10-= 

potassium 

dihydrogen 

phosphate 

1.0 mol/L phosphoric 
acid, HgPOdaq) 

7.1 X 10-= 


87. Create a concept map linking the main ideas in this 
chapter. Use “acid-base equilibria” as the central 
concept. Include the key terms introduced in this 
chapter. (8.1, 8.2, 8.4, 8.5, 8.6, 8.7, 8.8) mma 
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Evaluation 

88. Evaluate the cost-efFectiveness of the active ingredient 
in four different antacids. Locate four brands at a 
drugstore and record the cost of each package and the 
quantity of antacid per package. Calculate the cost of a 
single dose from each package. Prepare a spreadsheet 
to summarize the information. (8.1) EZD B D 

89. A chemistry student is selecting an appropriate 
indicator to use for the titration of 0.10 mol/L sodium 
borate, NaB 407 (aq), with 0.10 mol/L hydrochloric 
acid, HCl(aq). The pH at the equivalence point for 
this titration is 5.22. Is phenolphthalein an appropriate 
choice? Explain your answer and, if appropriate, 
recommend a better choice. (8.7) B D 

90. Is a titration of a weak acid with a weak base feasible? 
Give your reasons. If you feel that the titration could 
be done, what type of titration curve would you 
expect to see? (8.7) EBl D 


Reflect on Your Learning 

91. Think about the various examples of acids and bases 
that were discussed in this chapter. Do you think 
there may be more examples of acids and bases in the 
substances you use every day? How could you explore 
this possibility? What equipment would you use to 
search for examples of acids and bases? OQ B D 

92. How did your study of pH indicators change how 
you think about substances that change colour? for 
example, if you observe an item that loses its colour 
(becomes colourless), how could you explain this 
change? How does this relate to your thinking about 
how stain removers might work? bq B B 

93. How has your understanding of the role of acids, 
bases, and buffers in food changed since you began 
studying this chapter? BID B D 

Research web link 

94. Many recently published books and documents 
are printed on paper that has a high acid content. 

This paper deteriorates quite quickly. Research the 
methods used to save existing books and prevent 
them from deteriorating. Present your research in a 
poster. BI9BB 

95. Use Internet research to collect information about 
the Arabic discovery of the alkali hydroxides. Use an 
innovative way to communicate what you learn to 
other chemistry students. B B 

96. The Richter scale is used to measure the strength of 
earthquakes. Construct a Venn diagram comparing 
and contrasting the Richter scale with the pH 


97. Research factors that are responsible for acid rain. 
Present your findings in the form of a mystery story 
or investigative report. Begin with the observed 
results of acid rain and then use detective work to 
determine the culprits responsible. B B B 

98. How does the concept of pH apply to the process 
of home canning of foods? Prepare a brochure that 
could be used to educate the general public about safe 
canning methods and why they are used. B B B 

99. How is limestone used to moderate the effects of 
acid precipitation on lakes and streams? Prepare 

a slideshow that could be used at a visitors’ centre 
in a natural area for educating the public about 
environmental issues. B B B 


100. Use Internet resources to research Svante Arrhenius’s 
role in the history of chemistry. Make a poster that 
presents your information in a creative, visual 


101. Research the topic of acid indigestion or acid 
reflux, and the medicines manufactured to reduce 
the symptoms. What are the properties of these 
medicines, and how to they work? Present your 
findings in a format that a doctor could share with 

102. Research medicines that include a buffer. Why 
are buffers added? Present your answer as though 
you were a chemist working for a pharmaceutical 
company and you must convince company officials 
of the benefits of adding a buffer to a new medication 
under development. B B B 

103. Use your knowledge of acid-base chemistry to evaluate 
the effectiveness of the ingredients in toothpastes 

in preventing tooth decay. Start by researching the 
ingredients and identify which ones are intended to 
prevent tooth decay. Share your findings in the form 
of a pamphlet or electronic communication aimed at 
consumers choosing a toothpaste. B B B 

104. List at least four occupations in which people need to 
measure pH on a regular basis, for each occupation, 
describe the techniques used to measure pH and how 
the pH measurements are used. B B 

105. Sodium hydroxide is a strong base that is used to 
clear clogged drains. Hydrochloric acid is a strong 
acid used to clean stone and metal surfaces. Conduct 
research to identify two more bases and two more 
acids used for household purposes or hobbies. 

Prepare an informational pamphlet that can be 
distributed to homeowners explaining the safe use 
and disposal of the four substances you find. B B 

106. Conduct research to determine the minerals used by 
farmers to maintain soil pH within an acceptable range 
and how these substances function. Present the results of 
your findings in either a poster or pamphlet. B B B 
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UNIT 4 UNIT TASK 


r 


Testing Consumer Product Claims 


Many of the foods, beverages, and other products we 
use in everyday life contain acids or bases. In many 
cases, these products contain weak acids or bases that 
form equilibrium systems in aqueous solution. The pH 
of these solutions gives these products many of their 
desirable properties. Analytical chemists use quantitative 
measurements to monitor the quality of the products, and 
one of the many factors monitored is the concentration 
of hydrogen ions and pH. As we have learned in this unit, 
this is one of the purposes of an acid-base titration. 

Companies’ ad campaigns often make claims 
concerning the properties of their products. A company 
may claim that its antacid “consumes twice its weight 
in stomach acid.” A painkiller may be “buffered” to be 
“gentle on your stomach.” Shampoo may be “pH balanced” 
and a “no-name” product may claim to be as effective 
as a national brand (Figure 1). Are these claims true? 
Analytical chemists can test these claims. 

Your task is to choose a consumer product that is acidic 
or basic, and to ask and explore a question related to that 
product’s acidic or basic characteristics. Your teacher may 
give you a list of products to choose from, and will supply 
the necessary substances for you to test. 



Figure 1 Is there really a big difference between products? 


Part 1 : Research and Preparation 

1. Working in a small group, brainstorm a list of 
consumer products that are acids or bases, or that 
have acids or bases as a major active ingredient. 

2. Research the reasons why the products are acidic or 
basic. Find the connection between the product’s use 
and its pH. 

3. Choose one of these products and, when your 
teacher has approved your choice, research in detail 
the role that pH plays in its function. Determine 
the acid or base in your substance, its formula, and 
its or K^, value. 

4. Use your research to develop a testable question 
about your product that can be answered through 
laboratory investigation. You may wish to compare 
two different versions of your chosen product, or two 
different brands, or the product before and after use. 
You may also wish to test a consumer claim that a 
company has made about the product. 

5. Write a hypothesis (including both a prediction and 
an explanation) for your investigation. 

6. Using your researched information, write a background 
section for your investigation. Make sure to include 
the product and its use, information about the acid or 
base, the question you are trying to answer, and any 
other relevant information. # web link 

Part 2 : Laboratory Investigation 
Purpose 

To explore a consumer product and, using an acid-base 
titration, answer a question relating to its acidic or basic 
properties 

Equipment and Materials 

• chemical safety goggles 

• lab apron 

• 10 mL pipette 

• pipette bulb 

• Erlenmeyer flasks 

• beakers (various sizes) 

• graduated cylinders (various sizes) 

• mortar and pestle 

• burette 

• retort stand with burette clamp 

• small funnel 

• meniscus finder 

• washer bottle of distilled water 
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• stoppered bottle containing a standardized dilute 
solution of sodium hydroxide or hydrochloric acid 

• various other materials as determined hy your procedure 


o 


Do not bring your chosen consumer product(s) to school. 
Do not do any preliminary tests at home. A sample of your 
chosen product(s) will be supplied to you by your teacher. 


Procedure handmok *3, b6 

Design and write a procedure to test your hypothesis and 
answer your testable question. 

Consider the following questions as you go: 


• What variables are involved? What variables do you 
need to control? What variables will you manipulate 
and measure? 

• What will be the approximate pH of your solution at 
the equivalence point? 

• What would he an appropriate indicator for the 
titration? 

• Is your solution highly coloured? If so, how will this 
affect your experiment? How could you compensate 
for this? 

• Do you need to dissolve your product first? What 
would be an effective way to do this? 

• What do you expect your products acid 
concentration to be? Do you need to dilute the 
product you are investigating before the titration? 

• What is a back titration? Do you need to employ this 
technique? 

• What safety precautions must be taken? 

Once you have written your procedure and have had 
it approved hy your teacher, assemble the provided 
equipment and materials and perform the steps. Record 
any changes that you make as you proceed, and record all 
observations. 


Analyze and Evaluate 

(a) Using your evidence, evaluate your hypothesis from 
Step 5 in Part 1. fm 

(b) Using your evidence, answer your testable question 
from Step 4 in Part 1. Show calculations to support 
your answer. ESI 

(c) Describe sources of experimental error and suggest 
improvements that would help reduce error. ESI 

(d) What challenges did you encounter as you followed 
your procedure? How did you overcome these 
challenges? ESI 


(e) Explain and justify your acid-base indicator 
choice. ESI 

(f) Discuss the impact of your results. Did you confirm 
or refufe a producf claim? What was the result of your 
product comparison? ESI O 

Apply and Extend 

(g) Comment on how your discoveries, made during this 
investigation, might affect your purchasing decisions 
in the future. O 

(h) Suggest a follow-up study to your investigation. Write 
a testable question and hypothesis for this 
proposal. ESID 


Your completed Unit Task will be assessed according to 

these criteria; 

Knowledge/Understanding 

/ Identify the manipulated and controlled variables. 

/ Identify a chemical reaction, related to the product under 
investigation, that reaches equilibrium. 

Thinking/Investigation 

/ Plan a safe and effective procedure for your investigation. 

/ Conduct the procedure safely and effectively. 

/ Record all changes to the procedure and all observations 
carefully and in an organized manner. 

/ Analyze the results. 

/ Evaluate the procedure. 

Communication 

/ Use units and significant digits appropriately in 
calculations. 

/ Prepare a suitable lab report that includes the background 
section, list of equipment and materials, complete 
procedures, summary of the observations, any necessary 
analysis, and evaluation. 

Application 

/ Analyze the acid-base characteristics of an everyday 
product. 

/ Apply the information gathered to future purchasing 
decisions. 
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UNIT 4 SELF-QUIZ 


D Knowledge/Understanding DU Thinking/Investigation 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. Which of the following statements correctly describes 
a characteristic of a reaction that has reached 
equilibrium? (7.1) BEl 

(a) Product entities are continually being formed 
from reactant entities. 

(b) Reactant concentrations are continually 
decreasing and product concentrations are 
continually increasing. 

(c) The forward reaction has gone to completion. 

(d) none of the above 

2. For a chemical reaction system in equilibrium, how 
do the rates of the forward and reverse reactions 
compare? (7.1) QQ 

(a) The rate of the forward reaction is less than the 
rate of the reverse reaction. 

(b) The rate of the forward reaction is equal to the 
rate of the reverse reaction. 

(c) The rate of the forward reaction is greater than 
the rate of the reverse reaction. 

(d) Insufficient information is provided to answer the 
question. 

3. What information is provided by the magnitude of 
the equilibrium constant, (7.2) QQ 

(a) the temperature at which the reaction is carried out 

(b) the initial concentrations of the reactants and 
products 

(c) whether products or reactants are favoured 

(d) an indication of how rapidly equilibrium will be 
achieved 

4. Which of the following is true when the equilibrium 
constant, K, is equal to 1? (7.2) QC] 

(a) The reaction proceeds to completion. 

(b) The concentrations of the products are much 
greater than the concentrations of the reactants. 

(c) The concentrations of the products and the 
concentrations of the reactants are approximately 
equal. 

(d) The concentrations of the reactants are much 
greater than the concentrations of the products. 

5. Complete the following sentence: A heterogeneous 

equilibrium involves more than one_. (7.2) QIS 

(a) phase (c) product 

(b) reactant (d) catalyst 


6. For a chemical system involving a gas, which of the 
following sets of conditions affects the equilibrium 
position? (7.4) QQ] 

(a) temperature, pressure, and particle size 

(b) pressure, temperature, and concentration 

(c) concentration, temperature, and particle size 

(d) particle size, pressure, and concentration 

7. For a chemical system at equilibrium, which of the 
following changes causes the equilibrium to shift to 
the left? (7.4) QQ 

(a) increasing the concentration of the reactants of 
an exothermic reaction 

(b) increasing the temperature of an endothermic 
reaction 

(c) increasing the concentration of the reactants of 
an endothermic reaction 

(d) increasing the temperature of an exothermic 
reaction 

8. For the equilibrium reaction represented by the 
equation 

2S02(g) +02(g)^2S03(g) 

which of the following statements is true at 
equilibrium? (7.4) QID 

(a) Decreasing the concentration of S 03 (g) will cause 
the equilibrium to shift to the left. 

(b) Increasing the concentration of 02 (g) will cause 
the equilibrium to shift to the right. 

(c) Decreasing the concentration of S02(g) will cause 
the equilibrium to shift to the right. 

(d) Increasing the pressure will cause the equilibrium 
to shift to the left. 

9. Which of the following compounds is a base 
according to the Br 0 nsted-Lowry theory, but not 
according to the Arrhenius theory? (8.1) QQ 

(a) NH 3 (aq) 

(b) NaOH(aq) 

(c) H20(1) 

(d) HCl(aq) 

10. In the equilibrium reaction equation represented 
byHA(aq) + H20(l) ^^H 30 ’^(aq) + A“(aq) the 
water behaves as a(n): 

(a) Br 0 nsted-Lowry acid 

(b) Br 0 nsted-Lowry base 

(c) Arrhenius acid 

(d) Arrhenius base (8.1) QID 
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1. Which of the following characteristics applies to a 
weak acid? (8.2) QQ 

(a) has a small value 

(b) partially ionizes in solution 

(c) consists of mostly non-ionized molecules in water 

(d) all of the above 

2. Which of the following solutions is the most acidic? 

(8.2) QQiai 


(a) 

pOH = 10 


(b) 

[H+(aq)] = 3.33 X 10“* 

mol/T 

(c) 

[OH"(aq)] = 4.93 X 10 

mol/T 

(d) 

pH = 3 


Which of the following is an 

example of an organic 

acid? (8.2) Bd 


(a) 

HC 103 (aq) 


(b) 

HN02(aq) 


(c) 

HC 2 H 302 (aq) 


(d) 

H 2 C 03 (aq) 



What is the value of the ion-product constant for 
water, K^, at 25 °C? (8.2) QID 

(a) 1.00 X 10“'^ 

(b) 1.00 X 10“^ 

(c) 0 

(d) 1 

Which of the following compounds is an example of a 
polyprotic acid? (8.4) □□ 

(a) HCl(aq) (c) H 2 S 03 (aq) 

(b) HF(aq) (d) HClO(aq) 

The goal of a titration is to determine the exact amount 
of base required to neutralize a known amount of acid. 
What term is used to designate this? (8.7) Qd 

(a) endpoint 

(b) transition point 

(c) equivalence point 

(d) all of the above 

A solution of potassium cyanide, KCN(aq), is likely 
to be 

(a) acidic 

(b) basic 

(c) neutral 

(d) Insufficient information is provided to make a 
prediction. (8.8) BID 

What components are present in a buffer that enable 
it to resist pH changes? (8.8) Bd 

(a) a strong acid and a weak base 

(b) a strong acid and a weak acid 

(c) a weak acid and its conjugate base 

(d) a weak acid only 


Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

19. The double arrow in a chemical equation indicates 
that the reaction is reversible. (7.1) Bd 

20. In a system at equilibrium, both forward and reverse 
reactions are taking place at the same time. (7.1) Bd 

21. Once a reaction reaches equilibrium, the forward and 
reverse reactions stop. (7.1) Bd 

22. Chemical reactions reach equilibrium when the 
forward reaction and reverse reaction occur at the 
same rate. (7.1) Bd 

23. The coefficients in a balanced chemical equation are used 
as coefficients in the equihbrium equation. (7.2) Bd 

24. The concentrations in the equilibrium equation are 
the concentrations of the reactants and products 
before reaction begins. (7.2) Bd 

25. When an exothermic reaction system at equilibrium 
is heated, the equilibrium shifts to the right. (7.4) Bd 

26. A change in pressure causes a shift in the equilibrium 
position in reversible reactions that involve gaseous 
reactants and/or products. (7.4) Bd 

27. A Br 0 nsted-Lowry acid always contains one more 
hydrogen ion than its conjugate base. (8.1) Bd 

28. A Br 0 nsted-Lowry acid will accept protons. (8.1) Bd 

29. The conjugate base of NH 3 (aq) is NH 4 +(aq). (8.1) Bd 

30. In the Arrhenius theory, a base is a substance that 
dissociates to produce hydroxide ions in aqueous 
solution. (8.1) Bd 

31. Ca(OH) 2 (aq) is an Arrhenius acid because it dissociates 
to produce hydroxide ions in aqueous solution. (8.1) Bd 

32. According to the Arrhenius theory, an acid is a 
proton donor. (8.1) Bd 

33. An organic acid is an acid that contains carbon, 
hydrogen, and oxygen. (8.2) Bd 

34. A strong acid is assumed to ionize completely in 
aqueous solution. (8.2) Bd 

35. Using a pH meter is a less accurate way of measuring 
the pH of a solution than using pH paper. (8.2) Bd 

36. Sulfuric acid, H 2 S 04 (aq), is an oxyacid. (8.2) Bd 

37. A solution of NH 4 N 03 (aq) is basic. (8.6) Bd 

38. Primary standards are pure and stable chemicals 
used to accurately determine the concentration of a 
titrant. (8.7) Bd 

39. The solution of unknown concentration being 
analyzed during a titration is always in the receiving 
flask. (8.7) Bd 

40. Buffers keep the pH of body fluids within the optimal 
range. (8.8) Bd 


Unit 4 Self-Quiz 585 




UNIT 4 REVIEW 


f 

f QQ Knowledge/Understanding 


D Thinking/Investigation 


D Application 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. Which of the following statements correctly describes 
a chemical reaction that has achieved equilibrium? 
(7.1) m 

(a) The concentrations of the reactants are equal to 
the concentrations of the products. 

(b) The concentrations of the products are equal to 
the initial concentrations of the reactants. 

(c) The products and reactants have stopped 
reacting. 

(d) There are no changes in the concentrations of 
reactants or products. 

2. A gas, A(g), decomposes according to the following 
equation: 

A(g)^ 2B(g) 

A sample of 0.200 mol A(g) is placed in a 1.00 L 
closed flask and allowed to come to equilibrium. What 
values should be entered in the second row of Table 1 
to begin solving for the concentrations of A and B at 
equilibrium? (7.1) QID 

Table 1 ICE Table for Calculating Equilibrium Concentrations 



A(g) ^ 2 B(g) 

1 

0.200 0.000 

c 


E 



(a) +x and —x 

(b) +x and -2x 

(c) —X and +2x 

(d) —X and —x 

3. Which of the following factors may affect the value of 
K for an equilibrium reaction? (7.2) QID 

(a) reaction temperature 

(b) whether the reaction is endothermic or 
exothermic 

(c) initial concentration of reactants 

(d) all of the above 

4. The value of the equilibrium constant for a reaction 
allows us to predict 

(a) the speed of the reaction 

(b) the tendency for the reaction to produce products 

(c) the temperature at which the reaction will take place 

(d) the concentrations of the reactants and products 
(7.2) QZg 


5. To which of the following types of reaction do we 
apply Le Chatelier s principle? (7.4) QZg 

(a) reversible reactions 

(b) all reactions at equilibrium 

(c) precipitation reactions 

(d) all chemical reactions 

6. Le Chatelier s principle predicts the effects of certain 
changes to a chemical reaction system at equilibrium. 
For a reaction system involving gases, which of the 
following conditions are addressed by Le Chatelier s 
principle? (7.4) QQ 

(a) the temperature of the reaction 

(b) the pressure and volume of the reaction 

(c) the concentrations of reactants and products 

(d) all of the above 

7. According to Le Chatelier s principle, when a system 
is in chemical equilibrium 

(a) an increase in concentration of reactants causes 
the equilibrium to shift to the left 

(b) a decrease in pressure causes the equilibrium to 
shift to the side that produces a greater amount of 
gas 

(c) catalysts cause the equilibrium to shift to the left 

(d) an increase in temperature causes the equilibrium 
to shift in the direction that releases thermal 
energy (7.4) QID 

8. Adding energy to an exothermic reaction at 
equilibrium 

(a) causes a decrease in the concentration of the 
reactants 

(b) causes a decrease in the concentration of the 
products 

(c) does not affect the system 

(d) causes an increase in the concentration of the 
products (7.4) QID 

9. Which of the following quantities is calculated to 
predict in which direction an equilibrium will shift? 
(7.5) m 

(a) 

(b) K„ 

(c) Q 

(d) K 

10. Which of the following is a base? (8.1) QID 

(a) NaOH(aq) 

(b) NH3(aq) 

(c) sodium hypochlorite, NaClO(aq) 

(d) all of the above 
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11. According to the Bronsted-Lowry theory, an acid is a 
substance that 

(a) can donate one or more hydrogen ions 

(b) can accept one or more hydrogen ions 

(c) produces hydroxide in aqueous solution 

(d) none of the above (8.1) QQ 

12. Which of the following statements is true for acids? 

( 8 . 1 , 8 . 2 ) m 

(a) They taste bitter. 

(b) They feel slippery. 

(c) They turn blue litmus pink. 

(d) all of the above 

13. Which of the following terms describes substances 
that are capable of behaving as either an acid or a 
base? (8.2) QQ 

(a) diprotic (c) amphiprotic 

(b) electrolytic (d) conjugate 

14. What is the concentration of H^(aq) in a neutral 
aqueous solution? (8.2) 

(a) 1.0 X 10“'^ mol/L 

(b) 0 mol/L 

(c) equal to [OH“(aq)] 

(d) 1.0 X 10+^ mol/L 

15. Which of the following compounds is an example of 
an oxyacid? (8.2) QQ 

(a) HF(aq) (c) HC 103 (aq) 

(b) HCl(aq) (d) HCN(aq) 

16. Which of the following statements correctly describes 
strong bases? (8.2) QQ 

(a) They completely dissociate in water to produce 
hydrogen ions. 

(b) They completely dissociate in water to produce 
hydroxide ions. 

(c) They only partially dissociate in water to produce 
hydroxide ions. 

(d) They only partially dissociate in water to produce 
hydrogen ions. 

17. Which of the following could be true for a solution of 
a strong acid? (8.4) 130 

(a) [H'^(aq)] = 1.0 X 10“^ mol/L 

(b) [OH"(aq)] = 1.0 X 10"^ mol/L 

(c) pH = 7 

(d) pH = 13 

18. Which of the following substances would make the 
best electrolyte? (8.6) ISO 

(a) a strong acid 

(b) a weak acid 

(c) a weak base 

(d) an organic acid 


19. A solution of the salt produced by the reaction of a 
strong acid and a strong base 

(a) is acidic 

(b) is basic 

(c) may be basic or acidic 

(d) is neutral (8.6) QO 

20. The pH at the equivalence point of a strong 
acid-strong base titration is 

(a) below 7.0 

(b) at 7.0 

(c) above 7.0 

(d) variable depending on the acid (8.7) 1313 

21. Which of the following should be combined with 
sodium acetate to make a buffer? (8.8) I3Q 

(a) acetic acid 

(b) hydrochloric acid 

(c) sodium hydroxide 

(d) sodium phosphate 

22. Citric acid added to foods can help increase their 

(a) caloric content 

(b) digestibility 

(c) cooking temperature 

(d) safe storage period (8.9) 1313 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

23. In a closed system, reactants and products are 
separated from each other by a physical boundary. 
(7.1) 013 

24. Any chemical reaction carried out in a closed vessel 
will reach equilibrium. (7.1) 1313 

25. When a chemical reaction reaches equilibrium, the 
concentrations of the reactants and products are 
constantly changing. (7.1) I3Q 

26. Chemical reactions achieve equilibrium when the 
forward reaction and reverse reaction occur at the 
same rate. (7.2) QI3 

27. The rate of a chemical reaction is proportional to the 
volumes of the reacting substances. (7.2) 1313 

28. The value of the equilibrium constant, K, remains 
constant when the temperature of a reaction is 
changed. (7.2) 1313 

29. The equilibrium constant for a reaction provides a 
measure of the equilibrium position of the 
reaction. (7.2) I3i3 

30. Heterogeneous equilibria involve more than one 
phase of matter. (7.2) 013 

31. Fritz Haber devised a method for the large-scale 
production of nitrogen gas. (7.3) 1313 
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32. Catalysts can be used to increase the rate of a 
chemical reaction. (7.4) Qd 

33. A shift toward a new equilibrium will occur 
whenever forward and reverse reaction rates become 
balanced. (7.4) Qd 

34. Given a balanced chemical equation, a set of 
instantaneous concentrations for reactants, and a 
value for K, you can calculate whether the system is at 
equilibrium. (7.5) Bd 

35. At equilibrium, the reaction quotient, Q, of a reaction 
has the same value as the equilibrium constant, K. 
(7.5) Bd 

36. Conjugate acid-base pairs are two substances that 
differ only by a single hydrogen ion. (8.1) Bd 

37. Hydrogen chloride is classified as an Arrhenius 
base because it ionizes to produce hydrogen ions in 
aqueous solution. (8.1) iOl 

38. According to the Arrhenius theory, a base is a 
hydrogen ion acceptor. (8.1) Bd 

39. The Bronsted-Lowry theory is an improvement over 
the Arrhenius theory because it explains the basic 
nature of substances such as ammonia in aqueous 
solution. (8.1) Em 

40. The concentration of H’''(aq) in pure water at 25 °C is 
1.0 X 10“^^mol/L. (8.2) m 

41. A solution with a [H’''(aq)] of 1.0 X 10“'^ mol/L is 
neutral. (8.2) Bd 

42. The conjugate base of a weak acid is a much weaker 
base than H20(l). (8.2) Bd 

43. The base ionization constant, K^, is the equilibrium 
constant for the reaction of a base to produce its 
conjugate acid. (8.2) Bd 

44. For any aqueous solution at 25 °C, pH and pOH add 
up to 14.00. (8.2) Bd 

45. The industrial process for manufacturing sulfuric acid 
uses a catalyst so that the pressure may be kept low. 
(8.3) Bd 

46. A weak acid is one for which the equilibrium lies far 
to the right. (8.4) Bd 

47. When a salt is added to water, the resulting solution 
may be acidic or basic, but never neutral. (8.6) Bd 

48. A strong acid reacts with a weak base to produce a 
basic salt. (8.6) Bd 

49. Acid-base indicators are substances that change 
colour when they react with acids or bases. 

(8.2, 8.7) Bd 

50. A titration is a laboratory technique used to 
determine the concentration of a solute in a solution. 
(8.7) Bd 


51. The concentrations of buffer components in a solution 
should be slightly greater than the concentrations of 
acid or base added. (8.8) Bd 

52. Buffering capacity indicates the ability of a buffer to 
change its pH. (8.8) Bd 

53. The food industry uses acids as additives in foods. 
(8.9) Bd 


Match each term on the left with the most appropriate 
description on the right. 

54. (a) reversible reaction (i) a reaction in which 

(b) chemical equilibrium the products can 

(c) forward reaction regenerate the 

(d) reverse reaction original reactants 


(ii) the regeneration 
of reactants from 
products 


(hi) the formation of 
products from 
reactants 


(iv) the stage at which 
the forward reaction 
and the reverse 
reaction occur at the 
same rate (7.1) Bd 


Write a short answer to each question. 

55. What is the significance of the double arrow in a 
chemical equation? (7.1) Bd 

56. What is happening in a reversible reaction at 
equilibrium? (7.1) Bd 

57. Describe the reaction rates in a system in dynamic 
equilibrium. (7.1) Bd 

58. Must the amounts of reactants and products be equal 
at equilibrium? Explain. (7.1) Bd 

59. Write the equilibrium equation for the chemical 
reaction represented by the equation 

aA + bB \ cC + dD 
where a, b, c, and d are the coefficients of the 
chemical substances A, B, C, and D. A, B, C, and D 
are all in the gas phase. (7.2) Bd 

60. Write the equation for the equilibrium constant, K, 
for the gas-phase reaction represented by each of 
these equations: (7.2) Bd 

(a) N^Cg) + 02 (g) ^2 NO(g) 

(b) N204(g)^^2N02(g) 

(c) SiH 4 (g) + 2 Cl 2 (g) SiCl 4 (g) + 2 H 2 (g) 

(d) 2PBr3(g) + 3Cl2(g)^^2PCl3(g) + 3 Br2(g) 
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Consider the following reaction at room temperature: 
H^Oig) + CO(g) ^ H^Cg) + C02(g) K = 2.0 
Some molecules of water and carbon monoxide are 
placed in a 1.0 L container as shown in Figure 1. 




^ water molecule 

carbon dioxide molecule 


Figure 1 Numbers of reactant molecules in a container 


When equilibrium is reached, how many molecules 
of each reactant and product are present? (Solve this 
problem by trial and error—that is, if 2 molecules of 
CO react, is this equilibrium; if 3 molecules of CO 
react, is this equilibrium; and so on?) (7.2) EZa 
Sodium hydrogen carbonate (baking soda) 
decomposes when heated according to the equation 
2 NaHC 03 (s) + energy 

Na 2 C 03 (s) + C02(g) +U,0{g)- 
In which direction will equilibrium shift when each of 
the following changes occurs? (7.4) BID 

(a) Water vapour is added. 

(b) The temperature is lowered. 

(c) The pressure is decreased. 

(d) A catalyst is added. 

How are an enzyme and a catalyst similar? (7.4) QID 
For the following system, a set of reactant and product 
concentrations is provided. Determine whether the 
system has reached equilibrium or not. If not, state in 
which direction the equilibrium will shift. (7.5) BQ 
CO(g) + 3 ^ CH4(g) + H,0(g) 

K = 0.039 at 927 °C 

[CO(g)] = 0.85 mol/L; [H 2 (g)] = 2.2 mol/L; 

[CH 4 (g)] = 0.25 mol/L; [H20(g)] = 0.31 mol/L 
In the reaction represented by the equation 
H 2 S 04 (aq) + H20(aq) ^^HS 04 -(aq) + H 30 + (aq), 
identify the 

(a) acid (c) conjugate acid 

(b) base (d) conjugate base (8.1) QQ 


66. Write the equation (omitting water) for the ionization 
reaction for each of the following acids: (8.1) BID 

(a) hydrobromic acid, HBr(aq) 

(b) ethanoic acid, HC 2 H 302 (aq) 

(c) methanoic acid, HCH 02 (aq) 

67. Use the Bronsted-Lowry definitions to identify the 
conjugate acid-base pairs in each of the following 
acid-base reactions: (8.1) m 

(a) CH 3 NH 2 (aq) + HClO(aq) 

C10“(aq) + CH 3 NH 3 +(aq) 

(b) HS 04 “(aq) + C20i“(aq) SOi“(aq)+HC 204 “(aq) 

68. Aniline, C 6 H 5 NH 2 (aq), is an organic compound that 
is used in the processing of dyes and pigments. Write 
the chemical formula for the conjugate acid of aniline. 
(8.1) BIDB 

69. Write the equation to represent the ionization of 
ammonia in water. (8.2) BID 

70. What is the mathematical relationship between the 
pH and the pOH of a solution at SATP? (8.2) BID 

71. What is the difference between the hydrogen ion 
concentrations in two solutions with pH values of 
3 and 5? (8.2) BID 

72. Calculate the pH of the following solutions: (8.2) EZD 

(a) [H+(aq)] = 2.4 X 10“® mol/L 

(b) [H'^(aq)] = 1.0 X 10“® mol/L 

(c) [OH“(aq)] = 4.33 X 10“** mol/L 

(d) [H'''(aq)] = 9.1 X 10“® mol/L 

73. Determine the hydrogen and hydroxide ion 
concentrations in the following products: (8.2) DD 

(a) soap with a pH of 6.10 

(b) borax with a pH of 10.01 

74. Use the information given to calculate the unknown 
OH“(aq) or H^(aq) concentration for each solution. 

State whether each solution is acidic or basic. (8.2) BID ESI 

(a) 1.0 X 10“^ mol/L OH“(aq) 

(b) 6.6 X 10“® mol/L OH“(aq) 

(c) 8.5 X 10“^^ mol/L H’''(aq) 

75. Calculate the pH of each of the following solutions at 
SATP: (8.2) mm 

(a) [H'''(aq)] = 5.6 X 10“*^ mol/L 

(b) [OH“(aq)] = 3.9 X 10“^^ mol/L 

(c) pOH = 10.00 

76. What is the [OH“(aq)] of a solution that has a 
[H 30 +(aq)] of 2.0 X 10“^ mol/L at 25 °C? (8.2) mm 

77. What is the pH of a 0.25 mol/L solution of ammonia 
(fCb = 1.8 X 10“=)? (8.2) ESI 

78. (a) What is the [H'''(aq)] of a solution if 

[OH“(aq)] = 4.0 X 10“i2 mol/L? 

(b) Is the solution an acid or a base? (8.2) ESI 
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79. What is the concentration of H^(aq) in pure water at 
25 °C? (8.2) m 

80. Write two equations to represent the stepwise 
ionization of sulfuric acid. (8.4) QQ 

81. Predict whether potassium oxide, K20(s), will 
produce an acidic, basic, or neutral solution when 
dissolved in water. Write a balanced equation to 
support your answer. (8.6) dg 

82. Predict whether the following salt solutions are acidic, 
basic, or neutral: (8.6) QCl 

(a) NaN02(aq) (c) KCl(aq) 

(b) NaHS 04 (aq) (d) NH4Cl(aq) 

83. What does it mean when companies that specialize in 
beauty and hygiene supplies advertise their products 
as “pH balanced”? (8.2, 8.8) Qd 

84. Write a paragraph describing how buffers maintain 
the pH of a solution. (8.8) Qd 

Understanding 

85. Construct a Veim diagram comparing and contrasting 
chemical equihbrium with the dynamic equilibrium that 
occurs inside a closed half-full botde of water. (7.1) dd B 

86. Give an example of a system in static equilibrium 
and another of a system in dynamic equilibrium. 

Your examples should be from outside the field of 
chemistry. (7.1) BdD 

87. The decomposition reaction of magnesium carbonate 
is represented by the following equation: (7.2) Bd B 
MgC 03 (s)^C 02 (g) + MgO(s) 

(a) What is the equilibrium equation for this reaction? 

(b) Explain why the reactant and one product are not 
included in your answer to (a). 

88. (a) Write the chemical equation for the Haber process, 
(b) Use your answer in (a) to explain why the 

reaction is carried out at high pressure. (7.3) Bd 

89. Explain whether each of the following changes in 
conditions would affect the value of the equilibrium 
constant for the system: (7.4) Qd EiB 
2C02(g)^2C0(g) + 02 (g) 

(a) increase in temperature 

(b) decrease in pressure 

(c) increase in volume 

(d) addition of neon gas 

90. Chromium(VI) forms two different oxyanions: the 
orange dichromate ion, Cr 207 ^“, and the yellow 
chromate ion, Cr 04 ^“. The equilibrium reaction 
between the two ions is 

Cr 2072 “(aq) -f H20(l) ^^2 Cr 042 “(aq) -f 2 H + (aq) 
Explain why orange dichromate solutions turn yellow 
when sodium hydroxide is added. (7.4) dd 


91. What effect, if any, does a catalyst have on a chemical 
equihbrium system? Explain your answer. (7.4) dd 

92. Explain why sodium hydroxide, NaOH(aq), is an 
Arrhenius base. (8.1) dd 

93. (a) Is it possible that an Arrhenius acid is not a 

Bronsted-Lowry acid? Is it possible that a Bronsted- 
Lowry acid is not an Arrhenius acid? Explain. 

(b) What advantage does the Bronsted-Lowry theory 
of a base have over the Arrhenius theory? (8.1) dd 

94. Organic acids, such as ethanoic (acetic) acid, contain 
hydroxyl groups, which can be represented as -OH. 
ActuaUy, aU oxyacids contain hydroxyl groups. Sulfuric 
acid, usually written as H 2 S 04 (aq), could be represented 
as S02(0H)2(aq), where S is the central atom. (8.2) dd 

(a) Name the following acids and write the familiar 
chemical formula for each one: 

(i) SO(OH) 2 (aq) 

(ii) C 103 ( 0 H)(aq) 

(hi) HP02(0H)2(aq) 

(b) Explain why these compounds behave as acids, 
while NaOH(aq) and KOH(aq) are bases. 

95. Does the ionization of a strong acid in water favour 
the reactants or the products? Explain. (8.2) dd 

96. Explain why the hydrogen carbonate ion, HC 03 “(aq), 
is classified as an amphiprotic ion. Provide two 
balanced equations to support your explanation. 

(8.2) m 

97. Suggest why some economists use the annual 
production of sulfuric acid as an indicator of the 
“health” of an economy. (8.3) dd 

98. Use the ammonia, NH 3 (aq)/ammonium, NH 4 ^(aq) 
buffer to explain how a buffer solution resists changes 
in pH. (8.8) dd 

99. Explain the factors that determine 

(a) the pH of a buffer solution and 

(b) the capacity of a buffer solution. (8.8) 

Analysis and Application 

100 . Homeostasis is a term used to describe the 
maintenance of balance among substances 
and processes in the body. Regulation of body 
temperature is one type of homeostasis. (7.1) BB B 

(a) What information can be inferred by examining 
the parts of the word “homeostasis”? 

(b) What role does the skin play in the maintenance 
of body temperature? 

(c) In cold conditions, the body releases a hormone 
called epinephrine. Epinephrine causes an 
increase in the metabolic rate. How does this 
assist with the regulation of body temperature? 
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101. The following chemical equation represents the 
reaction that takes place during the manufacture of 
lime: 

CaC 03 (s) CaO(s) + COjCg) AH = +178 kj/mol 
limestone lime (7.4) Eao 

(a) Modern manufacturers have replaced older 
stationary reaction chambers with rotating 
reaction chambers that constantly feed in 
limestone and draw off lime. Use Le Chatelier s 
principle to explain why this increases lime 
production. 

(b) Would you expect this process to be run at high 
temperatures or at low temperatures? Explain. 

102. Your breathing and blood pH participate in your 
body’s biochemical equilibrium. During cellular 
respiration, your cells produce carbon dioxide, which 
diffuses into your blood. There it participates in a 
series of equilibria: 

C02(aq) + HjOCO^^HjCOjCaq)^^ 

HC 03 -(aq) + H+(aq)^^ 

C 03 ""(aq) + 2H+(aq) (7.4) DID 

(a) Explain how this equilibrium would be affected 
by someone who is hyperventilating (breathing 
rapidly to expel more carbon dioxide than 
normal). Will their blood pH increase, decrease, 
or remain constant? 

(b) Explain why this person might be instructed to 
breathe into a paper bag. 

103. For the following system, determine the equilibrium 
concentrations of reactants and product if 0.340 mol 
H 2 (g) is combined with 0.220 mol Br 2 (g) in a 1.00 L 
closed container and heated to 430 °C. (7.5) EZa 
H 2 (g) + Br 2 (g) 2 HBr(g) K = 56.7 at 430 °C 

104. Devise a plan for an efficient way to remediate an area 
of heavy metal contamination. (7.6) ED D 

105. A sample of a solution has a hydrogen ion 
concentration of 5.9 X 10“^ mol/L at 25 °C. Is this 
solution human blood or acid rain? (8.2) BDD 

106. Calculate the pH of a solution prepared by dissolving 
3.42 g of barium hydroxide, Ba(OH) 2 (s), in water to 
produce 125 mL of solution. (8.2) ED 

107. What is the pH of a 0.25 mol/L HF(aq) solution 
(K^ = 6.6 X 10“^)? (8.2) BU 

108. Calculate the pH of a 0.050 mol/L solution of 
hydrofluoric acid, HF(aq) {K^ = 6.6 X 10“^). (8.2) ED 


109. Strontium hydroxide is used in the refining of beet sugar. 
Only 4.2 g of strontium hydroxide can be dissolved in 

1 L of water at 273 K. Given that its solubility is so low, 
explain how it is possible that strontium hydroxide is 
considered a strong base. (8.2) D 

110. Lactic acid occurs naturally in milk products. It 
is also a preservative that is added to foods to 
keep the pH down. Low pH inhibits the growth of 
bacteria such as Clostridium hotulinum, the bacteria 
responsible for botulism. (8.4) ESI D 

(a) Lactic acid {K^ = 7.94 X 10“^) is found in yogurt 
at a concentration of 0.85 mol/L. Determine the 
pH of the yogurt. 

(b) Clostridium hotulinum will grow in foods with a 
pH of 4.8 to 7. Is this yogurt safe to eat? 

111. Calculate the pH of each of the following strong acid 
or base solutions: (8.4, 8.5) ESI 

(a) 0.004 mol/L hydrochloric acid 

(b) 3.5 X 10~* mol/L potassium hydroxide 
solution, KOH(aq) 

(c) 6.1 X 10“^ mol/L barium hydroxide solution, 
Ba(OH) 2 (aq) 

(d) 7.3 X 10"® mol/L nitric acid, HN 03 (aq) 

(e) 0.25 mol/L hydrobromic acid, HBr(aq) 

(f) 0.45 mol/L sodium hydroxide solution, NaOH(aq) 

112. Chloroquinine is used in the treatment and 
prevention of malaria. The for quinine is 
1 X 10“®. Determine the pH of a 0.20 mol/L 
solution of chloroquinine. (8.5) ESI 

113. The hydrangea is an unusual plant: its blooms change 
colour depending on the pH of the soil. If the pH is 
above 6, the flowers will be pink; below 5.5 they will 
be blue. 

A landscape gardener planned a garden for a client. 
The soil in the garden had a pH of 6.5. The gardener 
planted a hydrangea bush, fertilized it well, and 
watered it regularly with water collected in a rain 
barrel. The bush bloomed, but instead of the expected 
pink colour, the flowers were blue. (8.6) QID ESI D 

(a) Suggest an explanation for this unexpected 
observation. 

(b) What type of salt could the gardener safely add 
to the soil to make the blooms blue? Give at least 
two examples of suitable salts. 

114. Gonstruct a graphic organizer that includes three 
examples for each type of solution (acidic, basic, and 
neutral) that will form when salts dissolve in water. 

115. Galculate the pH of a solution made by dissolving 
1.00 g sodium ethanoate, NaG 2 H 302 (s), in water to 
make a final volume of 1.00 L. (See Appendix B5, 
Table 1.) (8.6) E2D 
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116. Figure 2 shows two titration curves on a single 
graph for two different acids titrated with sodium 
hydroxide. (8.7) QIDEia 

(a) Interpret the shapes of the curves and predict the 
difference befween the two acids. 

(h) Would it be reasonable to use methyl red as an 
indicator for both titrations if its colour change 
occurs between pH 6.8 and 8.4? Explain. 


Titration with a Strong Base 



Volume of NaOH(aq) (ml) 

Figure 2 

117. Four indicator solutions (as shown in Table 2) were 

dripped separately into a Petri dish containing a 1.0 mol/L 
solution of a weak acid, HA(aq). The observations are 
recorded in the last column of the table. (8.7) BID EHI 

(a) What is the approximate pH of the solution 
containing HA(aq)? (Use Figure 10 in 
Section 8.7.) 

(b) Calculate the approximate value of for HA(aq). 


Table 2 Addition of Indicators to 1.0 mol/L HA(aq) 


Indicator 

Colour of 
Hln(aq) 

Colour of 
In-(aq) 

pXa 

ofHIn 

Colour of 
indicator 

bromophenol 

blue 

yellow 

blue 

4.0 

blue 

bromocresol 

purple 

yellow 

purple 

6.0 

yellow 

bromocresol 

green 

yellow 

blue 

4.8 

green 

alizarin 

yellow 

red 

6.5 

yellow 


118. A buffer contains 1.0 mol/L ethanoic acid, 

HC 2 H 302 (aq), and 1.0 mol/L sodium ethanoate, 
NaC 2 H 302 (aq). Calculate the pH of this solution. 
( 8 . 8 ) m 


119. Tris(hydroxymethyl)aminomethane, commonly 
called TRIS or Trizma, is often used as a buffer in 
biochemical studies. Its buffering range is pH 7 to 9, 
and Kb is 1.19 X 10“® for the aqueous reaction 
(HOCH2)3CNH2(aq) + H20(l) 

TRIS , 

(H0CH2)3CNH3 (aq) + OH-(aq) (8.8) Dia 

TRIS+ 

(a) What pH do TRIS buffers maintain? 

(b) Calculate the [TRIS]/[TRISH+] ratio at pH 7.00 
and at pH 9.00. 

(c) A buffer is prepared by diluting 50.0 g TRIS 
base and 65.0 g TRIS hydrochloride (written as 
TRISHCl) to a total volume of 2.00 L. What is the 
pH of this buffer? What is the pH after 0.500 mL 
of 12 mol/L HCl is added to a 200.0 mL portion 
of the buffer? 

120. A student makes a buffer by combining 0.100 mol 
ammonia, 0.100 mol ammonium chloride, and water 
to make a final volume of 1.00 L. K^, for ammonia is 
1.8 X 10“^ (8.8) m 

(a) Calculate the pH of the buffer. 

(b) Calculate the buffer pH if 0.010 mol hydrochloric 
acid is added. (Assume no change in volume.) 

(c) What change in pH would occur if the same 
amount of hydrochloric acid had been added to 
1.00 L of water instead of to the buffer? 

Evaluation 

121. Compare the following K values for various equilibrium 
systems at various temperatures. Assume that all are 

at equihbrium at the temperature indicated for that 
system. Which of these systems will produce the highest 
percentage of products? Which will produce the lowest 
percentage of products? Explain. (7.2) E2B 

(a) N 2 (g) + 02 (g) ^ 2NO(g) 

K= 4.1 X 10"^ at 2000 °C 

(b) Br 2 (g) + Cl 2 (g) 2 BrCl(g) K = 7.0 at 130°C 

(c) Br 2 (g) 2 Br(g) K= 1.04 X 10"^ atl285°C 

(d) 2 IBr(g) 12 (g) + Br 2 (g) 

K = 3.57 X 10“^ at 150 °C 

122. Is the Bronsted-Lowry theory of acids and bases an 
improvement over the Arrhenius theory? Explain. 

( 8 . 1 ) m 

123. Suppose you have two unlabelled samples of ethanoic 
acid at two different concentrations: 0.1 mol/L and 
0.5 mol/L. Your teacher directs you to use phenol- 
phthalein solution to determine which is which. Is this 
possible? Explain, providing an alternative suggestion if 
necessary. (8.7) EDI 
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Research 


124. Figure 3 shows a titration curve for an acid titrated 
with a base. A student wants to use hromocresol 
green as the indicator for future titrations of this acid. 
Evaluate whether the student should go ahead with 
this titration plan. (8.7) Bi 


Titration of a Weak Acid with a Strong Base 



Volume of NaOH(aq) (ml) 

Figure 3 

125. You are presented with two solutions: one has 0.1 mol 
KOH(aq) in 1.00 L of solution; the other has 0.1 mol 
Ba(OH )2 in 1.00 L of solution. (8.5, 8.7, 8.8) m 

(a) You are planning a titration procedure to 
determine the concentration of a weak acid. 
Which solution would be the better choice to use 
as the titrant? Explain your answer. 

(b) Your classmate predicts that the solution in the 
flask after the titration will be a buffer. Do you 
think this prediction is valid? Explain. 

126. A student performing a biology experiment places 
some living frog muscle cells in a buffer. The pH of 
the system stays constant for an hour, but then starts 
to decline. What was most likely the problem with the 
buffer solution? How could the student increase the 
length of time that the buffer maintains a constant pH 
in her system? Explain your reasoning. (8.8) ESI D 

Reflect on Your Learning 

127. Construct a flow chart or concept map using the key 
terms in Chapter 7 with chemical equilibrium as the 
central concept. EBl D 

128. Choose four specific examples of acid-base reactions. 
Create a graphic organizer relating these four 
examples to the concept of equilibrium. Include the 
complete chemical equation for each reaction as well 
as its social and economic implications. EZID n 


129. Thousands of biochemical processes taking place in 
your body right now are being catalyzed by proteins 
called enzymes. Inhibitors are molecules that bind 
to enzymes and decrease their activity. Research 
the role of enzymes and inhibitors in living things. 
Include applications of manufactured compounds 
that function as enzymes or inhibitors. Share your 
findings with other high-school science students in an 
appropriate format. B D 

130. Research the effects of increasing atmospheric carbon 
dioxide levels on the acidity of the oceans. Prepare 
an illustrated poster that explains the shifts in 
equilibrium and the effects on organisms living in the 
oceans. BD 

131. Heavy metals such as copper, lead, and zinc can cause 
serious illness if consumed in even small quantities. 
What treatments are used to remove these metals 
from the body to prevent permanent organ damage 
from occurring? D 

132. Research the structure of salicylic acid, used in the 
manufacture of acetylsalicylic acid (commonly known 
as ASA or Aspirin). Evaluate the hydrogen atoms in 
the salicylic acid molecule based on your knowledge 
about ionizable hydrogen in the acetic acid molecule, 
CHjCOOH. Predict which of salicylic acid’s 
hydrogen atoms is likely to be ionizable. Summarize 
your findings as a poster, digital illustration, or 
animation. BD 

133. The ingredients in a topical treatment for insect bites 
include 3.5 % ammonia. ESI D 

(a) Write the formula for the reaction of ammonia 
with the stinging compound produced by ants 
when they bite. Identify the acids and bases. 

(b) Suggest why the topical treatment reduces the 
sting of an ant bite. 

134. Research how oven cleaners work. Design a hang tag 
that could be attached to a container of oven cleaner. 
Your tag should communicate your findings, along 
with the necessary safety precautions, to the user of 
the product. B D 

135. Many cleaning products contain basic or acidic 
substances. Research this topic and create a table 
listing at least four acids or bases that are used in 
cleaning products and what they are used for. B D 

136. Use Internet resources to prepare a paper outlining 
factors that are responsible for acid precipitation and 
how it affects a body of water. B D 

137. Create an illustration showing how the substances 
dissolved in human blood help maintain a blood pH 
level between 7.2 and 7.4. E2i B D 
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Electrochemistry 



OVERALL 

EXPECTATIONS 


• analyze technologies and processes 
relating to electrochemistry, and 
their implications for society, health 
and safety, and the environment 

• investigate oxidation-reduction 
reactions using a galvanic cell, and 
analyze electrochemical reactions in 
qualitative and quantitative terms 

• demonstrate an understanding of 
the principles of oxidation-reduction 
reactions and the many practical 
applications of electrochemistry 

BIG IDEAS 

• Oxidation and reduction are paired 
chemical reactions in which 
electrons are transferred from 
one substance to another in a 
predictable way. 

• The control and applications of 
oxidation and reduction reactions 
have significant implications for 
industry, health and safety, and the 
environment. 



I UNIT TASK PREVIEWX 


In this Unit Task, you wili use materials readiiy avaiiabie at home 
or at school to construct a battery that can activate a small 
device. You will then describe how your battery works and how 
its design features compare to commercial batteries. Finally, you 
will evaluate its effectiveness as a source of electrical energy 
and suggest steps to make your battery more functional. The Unit 
Task is described in detail on page 684. As you work through the 
unit, look for Unit Task Bookmarks to see how information in the 
section relates to the Unit Task. 
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WHAT COMES AFTER GASOLINE? 


Many car manufacturers are currently producing fully electric vehicles. These electric 
vehicles, such as the Tesla Roadster, rely on lithium-based batteries as their energy source. 
These vehicles convert the chemical energy in a rechargeable lithium battery into the elec¬ 
trical energy that makes the car move. Lithium batteries can store more energy than other 
types of batteries, so lithium battery-powered vehicles can accelerate faster and travel 
longer distances than electric vehicles that use other types of batteries. 

Since electric vehicles do not burn hydrocarbon fuel, they do not emit pollutants, such 
as the greenhouse gas carbon dioxide. Electric vehicles are also much more efficient than 
gasoline-powered vehicles. An internal combustion engine converts only about 20-22 % 
of gasoline’s available chemical energy into the mechanical energy that moves the 
vehicle. The rest is lost as thermal energy, both in the hot exhaust gases and through the 
cooling system. By using electric current and magnets instead of exothermic chemical 
reactions, electric motors produce far less thermal energy. As a result, electric motors 
convert from 75-96 % of the battery’s stored energy into useful mechanical energy. The 
Tesla Roadster, for example, converts 88 % of its battery’s stored energy into mechanical 
energy. Additionally, electric motors are quieter and are generally more reliable since they 
have far fewer moving parts compared to an internal combustion engine. 

Electric vehicles have always been burdened by heavy batteries and frequent and 
inconveniently long recharging times. However, new electric vehicles have higher- 
efficiency batteries that boast a range of nearly 400 km with a recharging time of about 
6 hours. With improved infrastructure for recharging, these vehicles may become viable 
alternatives in the future. 

How environmentally friendly an electric vehicle is depends on how the electrical 
energy used to charge the battery is generated. Electrical energy is generated through 
either renewable or non-renewable sources. Running water (hydroelectric), wind, and 
solar are renewable and non-polluting energy sources. Non-renewable sources, such as 
coal, oil, gas, and nuclear power, are less environmentally friendly. Coal-fired electrical 
generators, for example, release significant amounts of greenhouse gases and other pol¬ 
lutants. An increased demand for electrical energy by more electric vehicles may increase 
our reliance on less environmentally friendly electrical generation options. 

Clearly, many factors will affect the future of electric vehicles in Ontario. They may 
have a major impact on the auto industry as technology advances and fossil-fuel use 
changes in the next five to ten years. 

Questions 

1. How does a lithium battery provide energy to power an electric vehicle? 

2. How can temperature affect the performance of an electric vehicle? 

3. Why may electric vehicles be less “green” than they may first appear? 


4. Using an appropriate graphic organizer, compare the advantages and 
disadvantages of gasoline-powered vehicles to those of electric vehicles. 


5. Imagine that five years from now you will be purchasing a new vehicle. What 
criteria do you think will be most important for you when selecting a vehicle? 
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UNIT 5 ARE YOU READY? 


CONCEPTS 

• differences between atoms and ions 

• how ions are formed 

• the difference between ionic and covalent compounds 

• characteristics of a chemicai system at equiiibrium 

• types of chemicai reactions 

• potential energy difference 


SKILLS 

• represent chemical reactions with balanced chemical 
equations 

• write net ionic equations 

• select and communicate appropriate vocabuiary describing 
chemical reactions 

• carry out an investigation regarding chemical reactions 

• follow proper laboratory protocols for handling chemicals 
and operating electrical equipment 


Concepts Review 

1. Is each of the following entities an atom or an ion? QQ 

(a) oxygen with 6 valence electrons 

(b) chlorine with 8 valence electrons 

(c) sodium with 0 valence electrons 

(d) magnesium with 2 valence electrons 

(e) helium with 2 valence electrons 

2. What needs to occur to form each of the following ions 
from their atoms? 013 

(a) Li^ (c) O^- 

(b) P- (d) Ca2+ 


3. Distinguish between a cation and an anion. QQ 


4. (a) Describe what happens when a metal atom forms 
an ion and then state the sign of the charge of the 
ion that forms. BI9 

(b) Describe what happens when a non-metal atom 
forms an ion and then state the sign of the charge 
of the non-metal ion that forms. QID 


5. (a) Complete the following chemical reactions using 
Lewis symbols or structures for the products. 


(i) 


(ii) .S: + .F: —> 

(hi) .F: -f .F: —> 

(b) Compare the types of bonding occurring in the 
products of these reactions. 

(c) According to bonding theory, what determines 
whether electrons are shared or transferred during 
chemical bond formation? QID Em 


6. A scientist combines two aqueous solutions. One 
solution had an initial pH of 10.0 and the final pH of 
the combined solutions is 6.5. QIS Em 

(a) What do you know about the properties of the 
second solution? 

(b) What type of reaction occurred? 


7. Identify the type of chemical reaction represented by 
each of the following equations: ISIS 

(a) HBr(aq) + NaOH(aq) ^ NaBr(aq) + H20(l) 

(b) Mg(s) + 2 H^OCl) ^ Mg(OH)2(s) + U,{g) 

(c) CH^Cg) + 2 02(g) ^ C02(g) + 2 H20(g) 

(d) Pb(N03)2(aq) + 2 Kl(aq) ^ Pbl2(s) + 2 KN03(aq) 

8. In the battery of a car, chemical energy is converted 
to electrical energy by a chemical reaction 
(Figure 1). QQEm 



Figure 1 A jump-start pushes electrons through the wire. 


(a) What factors can affect the rate of the reaction in 
the battery? 

(b) In a dead battery, the chemical reaction has 
reached equilibrium. What factors could affect the 
equilibrium conditions of the battery? 

(c) Most car batteries are 12 V, and a volt is the SI unit 
of electrical potential difference. Define electrical 
potential difference. 

(d) Compare the amount of work that can be done by a 
12 V battery and a 6 V battery. {Hint: 1 V = 1 J/C.) 
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9. Complete and balance the following unbalanced 
chemical equations. Dl 

(a) K(s) + 02(g) ^ 

(b) Al(s) + HCl(aq) ^ 

(c) C2H4(g) + 02(g) ^ 

(d) Fe(N03)3(aq) + K2C03(aq) ^ 

Skills Review 

10. (a) Describe the reactants and products in the 

neutralization of an aqueous solution of an acid 
with an aqueous solution of a base. 

(h) Write and balance an equation to represent the 
reaction of sulfuric acid with potassium hydroxide 
solution. 

(c) If 2 mol of sulfuric acid reacts with excess 

potassium hydroxide solution, what amount of 
water will be produced? EZa 

11. In a single displacement reaction, zinc metal reacts 
with hydrochloric acid to produce a solution of zinc 
chloride and hydrogen gas. 131!] DU 

(a) Write the balanced chemical equation for this 
reaction. 

(b) Suggest two observations that would indicate that 
a chemical reaction had occurred in the above 
reaction. 

(c) Write the net ionic equation for this reaction. 

12. The reaction of solutions of lead(II) nitrate, Pb(N03)2, 
and potassium iodide produce solid lead(II) iodide and 
a solution of potassium nitrate (Figure 2): E? 

Pb(N03)2(aq) + 2 Kl(aq) ^ Pbl2(s) + 2 KN03(aq) 



Figure 2 Products of the reaction of lead(ll) nitrate and 
potassium iodide 

(a) What evidence would you observe that a chemical 
reaction has occurred? 

(b) Write the net ionic equation for this reaction. 


13. You have a solution that is either 1.0 mol/L lithium 
nitrate, LiN03(aq), or 1.0 mol/L silver nitrate, 
AgN03(aq). When you add potassium carbonate, 
K2C03(aq), to the solution, a white precipitate 
forms. Bn 

(a) What is most likely the starting solution? 

(b) Write the balanced chemical equation for this 
reaction. 

(c) Write the net ionic equation for this reaction. 

14. Suppose you will be performing an investigation 
that requires mixing aqueous solutions and using 
electrical equipment. List at least three safety 
precautions that you would need to follow during 
your investigation. EZD 

15. When designing an experiment, list two advantages of 

(a) reducing the quantity of the reactants used 

(b) decreasing the concentration of the reactants D 

16. The test tube in Figure 3 contains a solution of 
hydrogen peroxide and black manganese(IV) 
oxide, Mn02. Manganese(IV) oxide catalyzes the 
decomposition of hydrogen peroxide. One of the 
products of this reaction is water. A glowing wooden 
splint inserted into the test tube bursts into flames, 
providing evidence of the other reaction product. Bn 




I 



Figure 3 The reaction of a solution of hydrogen peroxide and biack 
manganese(iV) oxide, MnOj, produces two products. 

(a) Write a balanced chemical equation for this 
reaction. 

(b) Describe an experiment that could be done to 
support the theory that manganese(IV) oxide is not 
changed during this reaction. 



Throughout this unit you will see Career Links. Go to the Nelson 
Science website to find information about careers related to 


Electrochemistry. On the Chapter Summary page at the end of each 
chapter you will find a Career Pathways feature that shows you 
the educational requirements of the careers. There are also some 
career-related questions for you to research. 
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Oxidation-Reduction Reactions 


KEY CONCEPTS 

After completing this chapter you will 
be able to 

• understand the terms 
“reduction” and “oxidation” 

• determine the oxidation number 
of an atom in a compound or ion 

• identify and manipulate 
reduction and oxidation 
reactions 

• identify reducing and oxidizing 
agents 

• baiance redox equations using 
oxidation numbers and 
haif-reaction equations 

• predict spontaneity of redox 
reactions using tables of 
oxidizing and reducing agents 

• analyze the health and safety 
issues of processes that involve 
redox reactions 


What Is the Role of Electron Transfer 
in Chemical Reactions? 

The European Space Agency uses the Ariane 5 rocket to deliver satellites into 
space. Ariane 5 is fuelled by the highly exothermic reaction of a solid mixture of 
aluminum, Al(s), and ammonium perchlorate, NH4C104(s). The energy released 
causes the rapid expansion of gases produced in the reaction. The force exerted 
by these expanding gases pushes the rocket into the sky. The white “smoke” 
beneath the rocket is another reaction product: aluminum oxide, Al203(s). 

Aluminum also undergoes an exothermic reaction with chlorine gas, Cl2(g), 
creating a white powder: aluminum chloride, AlCl3(s). Aluminum chloride 
was the active ingredient in the first antiperspirants developed in the early 
twentieth century. Modern antiperspirants now contain a related aluminum 
compound that is less irritating to the skin. 

In both reactions discussed above, aluminum undergoes an exothermic reac¬ 
tion to produce a white, powdery sohd. These reactions also have similarities at 
the atomic level. During most reactions, the aluminum atom tends to lose the 
3 electrons in its third energy level. The result is the aluminum ion, Al^T A chlo¬ 
rine atom typically gains 1 electron to fill its third energy level to form the chloride 
ion, Cl“. During the aluminum chloride reaction, the electrons lost by aluminum 
atoms are transferred to the chlorine atoms. A similar electron transfer occurs 
when aluminum reacts with ammonium perchlorate during a rocket launch. 

After the discovery of the electron in the late nineteenth century, chemists 
soon realized that electron transfer is a characteristic of many important reac¬ 
tions. These reactions, no matter how complex, all share three characteristics: 

• One entity loses electrons. 

• One entity gains electrons. 

• The total numbers of electrons gained and lost are equal. 




Answer the following questions using your current 
knowledge. You will have a chance to revisit these questions 
later, applying concepts and skills from the chapter. 

1. The surface of a freshly cleaned sheet of aluminum 
metal reacts almost instantly with oxygen to form a hard 
coating of aluminum oxide, Al203(s). This oxide coating 
adheres tightly to the underlying metal. 

(a) Which element loses electrons in the reaction? 

Which element gains electrons? 

(b) Make a general prediction about the movement of 
electrons when a non-metal and a metal react. 

(c) How might this property affect the use of aluminum 
as a building material? 

2. Steel, which is a mixture of iron, carbon, and other 
metals, also forms an oxide layer or “rust” when 
exposed to air and moisture. This oxide layer is 

porous and does not adhere well to the underlying metal. 


(a) How might this property affect the use of steel as a 
building material? 

(b) Identify two rust-prevention strategies with which 
you may be familiar. How do they work? 

3. Cars of the future may perhaps be fuelled by hydrogen 
gas. Hydrogen undergoes an exothermic reaction with 
oxygen to produce water. 

(a) Compare the bonding in the water molecule with the 
bonding in aluminum oxide. 

(b) Use the concept of polar covalent bonding to explain 
why the formation of the water molecule involves the 
partial transfer of electrons. 

(c) Why do you think using a gas such as hydrogen as 
a fuel might be less convenient than using a liquid 
such as gasoline? 
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Mini Investigation 


Copper Cleanup 
Skills: Performing, Observing, Analyzing 

Copper(ll) ions are toxic, so must always be removed from 
solutions before they are disposed of. In this investigation, 
you will test the ability of three different metals to remove 
copper ions from solution. 

Equipment and Materials: chemical safety goggles; lab 
apron; 24-well plate; small pieces of aluminum, magnesium, 
and zinc; dropper bottle containing copper(ll) sulfate solution, 
CuS04(aq) (0.1 mol/L) © @ 

Copper(ll) sulfate is toxic and an irritant. Avoid skin and eye 
contact. In the case of contact, wash the affected area with 
lots of cool water and inform your teacher. 

1. Predict, using your knowledge of the activity series of 
metals (Appendix B8), what you will observe when each 
of the three metals is placed in copper(ll) sulfate solution. 

2. Put on your safety goggles and apron. 

3. Place the three pieces of metal into three separate wells 
of the plate. 


4. Half-fill each well with copper(ll) sulfate solution. 

5. After about 5 min, compare each well to each other. 
Record your observations. 

6. Dispose of the contents of the wells according to your 
teacher’s instructions. 

A. In which well(s) does a solid form? What could this solid 
be? Explain. Di 

B. What evidence suggests that the copper(ll) ion is a 
reactant? EOi 

C. Compare your prediction with your observations. Try to 
explain any discrepancies, oa 

D. Which metal would be the best choice for removing 
toxic copper(ll) ions from solution on an industrial scale? 
Justify your selection. D 

E. Are there any drawbacks to using this method for 
removing toxic ions from solution? Explain. Di d 
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Figure 1 Copper wire placed in a 
solution of silver nitrate. Over time, 
copper atoms in the wire are displaced 
by silver ions in solution. The blue tint of 
the solution is due to copper ions, and 
the fuzzy coating on the wire is silver 
metal. 


oxidation the process in which one or 
more electrons is lost by a chemical entity 

reduction the process in which one or 
more electrons is gained by a chemical 
entity 

oxidation-reduction (redox) 
reaction the reaction in which one or 
more electrons are transferred between 
chemical entities 


Electron Transfer Reactions 

Copper wire is shiny and slightly pinkish. Figure 1(a) shows a piece of copper wire 
when it is first placed in a solution of silver nitrate, AgNOjfaq). Over time, a fuzz of 
silver metal, Ag(s), forms on the copper wire (Figure 1(b)). The solution turns blue 
as copper(II) ions are released. 

Cu(s) + 2 AgN03(aq) —>■ 2 Ag(s) + Cu(N03)2(aq) 

Remember that the copper(II) nitrate produced is completely dissociated into ions 
in the solution: Cu^'''(aq) and N03“(aq). The equation above may also be written with 
its ionic compounds dissociated: 

Cu(s) + 2Ag'^(aq) + 2NO^(aq) —> 2 Ag(s) + Cu^’^(aq) + 2NO^(aq) 

This form of the equation is sometimes called the total ionic equation. Notice 
that nitrate ions appear on both sides of the equation. This means that they remain 
unchanged. Ions that do not participate in a chemical reaction are called spectator 
ions. These ions can be eliminated from the total ionic equation to give the net ionic 
equation: # web link 

Cu(s) + 2Ag'''(aq) ^2Ag(s) + Cu^^(aq) 

During this reaction, copper atoms, Cu(s), each lose 2 electrons to form Cu^'^(aq) 
ions. Each Ag^(aq) ion gains 1 of these electrons to become a neutral silver atom, 
Ag(s). Since there are 2 silver ions in the equation, a total of 2 electrons are trans¬ 
ferred for each atom of copper that reacts. 

In chemistry, the loss of electrons is called oxidation, and the gain of electrons is 
called reduction. Thus, a reaction in which electrons are transferred from one entity to 
another is called an oxidation-reduction reaction, or redox reaction. We can summarize 
the oxidation and reduction occurring in the copper-silver reaction as follows: 

2 e" lost (oxidation) 

I I 

Cu(s) + 2Ag+(aq) —> 2Ag(s) + Cu2+(aq) 

I_I 

2 e gained (reduction) 


half-reaction equation the part of an 
oxidation-reduction reaction equation 
representing either the oxidation reaction 
or the reduction reaction 



A Redox Mnemonic 

Use the mnemonic “LEO says GER” 
to help remember the difference 
between reduction and oxidation. 
LEO: Losing Electrons is Oxidation 
GER: Gaining Electrons is Reduction 


Half-Reaction Equations 

You have seen that a redox reaction involves the transfer of electrons. One ele¬ 
ment in the reaction gains electrons and another element loses electrons. Not all 
reactions are redox reactions. To clarify the behaviour of the electrons, we can break 
the chemical equation for this reaction into two separate parts called half-reaction 
equations. A half-reaction equation is a chemical equation that represents one of the 
two parts of a redox reaction. For the reaction in Figure 1, copper atoms lose 2 elec¬ 
trons to form Cu^’''(aq) ions. The half-reaction equation for this oxidation is 

Cu°(s) —> Cu^'^(aq) -f 2 e" 

The oxidation of copper supplies the electrons needed for the reduction of silver 
ions. The half-reaction equation for this reduction is 

Ag’"(aq) -f e“ ^ Ag“(s) 

Note that when the silver ion, with a charge of -fl, gains an electron, the atom 
of silver metal that forms has a charge of 0. Since the silver ion gains electrons, 
it becomes reduced in the chemical reaction. It may seem odd to say that the silver is 
reduced, when in fact it gained an electron. However, its charge is reduced by going 
from-fltoO. # WEB LINK 
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If we compare the number of electrons in the two half-reaction equations, we 
see that the number of electrons is not the same. In a redox reaction, the number of 
electrons lost by oxidation must always be equal to the number of electrons gained by 
reduction. To make the number of electrons equal in our example, we must multiply 
all of the entities in the reduction half-reaction equation by 2 (Figure 2). 

2 Ag+(aq) -f 2 e" ^ 2 Ag(s) 

The overall balanced redox reaction equation can be shown as 

Cu(s) -f 2Ag+(aq) ^2Ag(s) -f Cu^'^(aq) 


Tutorial 1 Writing Half-Reaction Equations for Redox Reactions 


In this tutorial, you will write the oxidation and reduction half-reaction equations from the 
net ionic equation of a redox reaction. 

Sample Problem 1: Writing a Half-Reaction Equation 

Write the oxidation and reduction half-reaction equations for the reaction of aluminum 

metal in an aqueous solution containing silver ions: 

Al(s) -I- 3Ag+(aq) ^ Al^'"(aq) -i- 3Ag(s) 

Solution 

step 1. Separate the equation into two half-reactions one for each element. 

Al(s) ^ Al^'^(aq) 

3 Ag+(aq) ^ 3 Ag(s) 

Step 2. If necessary, divide each equation by a whole number so that the coefficients in 
the equation are in the simplest whole-number ratio. 

In this case, simplify the silver half-reaction by dividing both sides by 3: 

Al(s) ^ Al^'^(aq) 

Ag-'Caq) ^ Ag(s) 

Step 3. Add electrons to both equations so that the net charge on both sides of each 
equation is equal. If you add electrons on one side of the arrow in one half¬ 
reaction equation, then you will add electrons on the opposite side of the arrow 
in the other half-reaction equation. Note, though, that the number electrons 
added may not be the same in both half-reaction equations. 

Al(s) ^ A|2+(aq) +3 0 “ 

Ag+(aq) -H e“ ^ Ag(s) 

Step 4. Determine whether each half-reaction equation represents an oxidation or 
a reduction. 

The first equation represents an oxidation half-reaction since the aluminum atom 
loses electrons. The second equation represents a reduction half-reaction since 
the silver ion gains an electron. 

Oxidation: Al(s) ^ Al^+(aq) -h 3 e“ 

Reduction: Ag'^(aq) -H e“ ^ Ag(s) 

Practice 

1. Write the oxidation and reduction half-reaction equations for the following redox 
reactions: Di 

(a) Sn^'^(aq) Co(s) ^ Sn(s) -h Co^'^(aq) 

(b) 2Ag+(aq) + Pb(s) ^2Ag(s) + Pb^+Caq) 

(c) 2 Fe^'^(aq) -P 12 ( 5 ) ^ 2 l“(aq) - 1 - 2 Fe^'^(aq) 



Cu'+ 

Figure 2 In the reaction of copper 
metal with silver ions, the copper atom 
transfers 2 electrons to 2 silver ions. 

The added electrons reduce the silver 
ions to uncharged silver atoms, while 
the electron loss oxidizes the uncharged 
copper atom to a copper ion. 
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2. Identify the reactant oxidized and the reactant reduced in Question 1. m 

3. Write the oxidation and reduction half-reaction equations for each of the following 
redox reactions. Identify the spectator ion(s) in each reaction. Ezn 

(a) Ni(s) CuCljCaq) ^ NiCljCaq) Cu(s) 

(b) A solution of tin(ll) nitrate reacts with a solution of chromium(ll) nitrate to produce 
tin metal and a solution of chromium(lll) nitrate. 

4. Chlorine gas reacts with potassium iodide solution to produce solid iodine in a 
solution of potassium chloride, bd 

(a) Write the balanced chemical equation for this reaction. 

(b) Write the net ionic equation for the reaction. 

(c) Write the oxidation and reduction half-reaction equations for the reaction. 

(d) Identify the reactant oxidized and the reactant reduced. 


Oxidation Numbers 


oxidation number a number used 
to keep track of electrons in oxidation- 
reduction reactions according to certain 
rules; also known as oxidation state 


H:0: 

H 

Figure 3 In a molecule of water, 
oxygen and hydrogen atoms share 
electrons. The oxygen atom is more 
electronegative, so it has a greater 
attraction for the electrons than the 
hydrogen atoms do. 


Chemists use a type of “electron bookkeeping” to keep track of which atoms are 
losing electrons and which atoms are gaining electrons in a redox reaction. In this 
system, an atom’s oxidation number, also known as its oxidation state, is defined as 
the apparent net electric charge that the atom would have if electron pairs in covalent 
bonds belonged entirely to the more electronegative atom. The oxidation number 
system is a useful way to keep track of electrons, but it does not usually represent 
an actual charge on an atom. An oxidation number can be a positive or a negative 
number. 

Consider the oxidation numbers for atoms in a covalently bonded molecule. 
Recall that atoms share electrons in covalent bonds. You can determine the oxida¬ 
tion numbers of atoms in covalent compounds by assigning the shared electrons to 
particular atoms. In covalent bonds between two identical atoms, the electrons are 
shared equally between the two atoms. However, in cases where a covalent bond 
exists between two different atoms, the atoms share the electrons unequally. For the 
purposes of assigning oxidation numbers, the shared electrons go to the atom that 
has the stronger attraction for electrons (the more electronegative atom). 

For example, in a molecule of water, oxygen is more electronegative than hydrogen 
(Figure 3). When you assign oxidation numbers to oxygen and hydrogen in water, 
you assume that the oxygen atom actually possesses all of the electrons, even the 
electrons it shares with hydrogen. Recall that a hydrogen atom has 1 electron. 
Therefore, in water, you assume that the oxygen atom has “taken” the electrons from 
the 2 hydrogen atoms. This gives the oxygen atom an excess of 2 electrons. Thus, the 
oxidation number of oxygen is —2. Each hydrogen atom has no electrons and is given 
an oxidation number of -f 1. 

Therefore, we define the oxidation numbers of the atoms in a covalent compound 
as the imaginary charges the atoms would have if (a) the shared electrons were 
divided equally between identical atoms bonded to each other, and (b) the shared 
electrons were assigned to the atom that has the greater attraction for electrons if the 
atoms are different, career link 

Table 1 (next page) provides a set of rules for assigning oxidation numbers to 
atoms. Applying these rules allows you to assign oxidation numbers to the atoms or 
ions of most compounds. 

There are two additional rules for assigning oxidation numbers: 

1. The sum of the oxidation numbers of all atoms in an electrically neutral 
compound must equal zero. This rule is often referred to as the zero-sum rule. 

2. The sum of the oxidation numbers of all atoms in ions containing 2 or more 
atoms must equal the overall charge of the ion. 
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Table 1 Rules for Assigning Oxidation Numbers 


The oxidation number of... 

Summary 

Examples 

an atom in an element is 0. 

element: 0 

Na(s), 02(g), 03(g), Hg(l) 

a monatomic ion is the same as its charge. 

monatomic ion: charge of ion 

Na+, cr 

fluorine is -1 in ifs compounds. 

fluorine: -1 

HE, PF3 

oxygen is usually -2 in its compounds. 

(Exception: peroxides, containing in which oxygen is -1) 

oxygen: -2 

H2O, CO2 
(Exception: HgOj) 

hydrogen is -1-I in its covalent compounds. 

(Exception: metal hydrides, in which hydrogen is -1) 

hydrogen: -1-I 

H2O, HCI, NH3 
(Exception: CaHj) 


The convention is to write actual charges on ions as or placing the number 
before the plus or minus sign as a superscript. However, you write oxidation numbers 
(not actual charges) as +n or — n, placing the number after the plus or minus sign. 
Thus, you would write a magnesium ion as Mg^’*', but the oxidation number of the 
magnesium ion as +2. 


Tutorial 2 Assigning Oxidation Numbers 


In this tutorial, you will learn how to correctly assign an oxidation number to an element within 
a compound or an ion. The following steps are a useful guide: 

1. Assign oxidation numbers to elements as listed in Table 1. 

2. Identify any elements not mentioned in Table 1, and use the zero-sum rule or ion-charge 
rule to assign their oxidation numbers. 


3. Check that the sum of the oxidation numbers is equal to zero 
the charge (for a polyatomic ion). 

Sample Problem 1: Assigning Oxidation Numbers for a 
Assign the oxidation numbers to all atoms in a molecule of 
carbon dioxide. 

Solution 

step 1 . Assign oxidation numbers to elements as listed in Table 1. 

The oxidation number of oxygen is usually -2. 

Step 2. Identify any elements not mentioned in Table 1, and 

use the zero-sum rule to assign their oxidation numbers. 
There is no specific oxidation number for carbon atoms. 
Since COj is an electrically neutral compound, the sum 
of the oxidation numbers of oxygen and carbon must be 
zero. Since each oxygen atom has an oxidation number 
of -2, and there are 2 oxygen atoms in carbon dioxide, 
the carbon atom in a molecule of carbon dioxide must 


(for a neutral compound) or 

Molecular Compound 

have an oxidation number of +A to balance the -4 of 
the oxygen atoms. 

step 3. Check that the sum of the oxidation numbers is equal 
to zero. Make sure that you account for the number of 
each atom in the carbon dioxide molecule. 

1(+ 4) + 2(- 2) = 0 
t t 

number of C number of 0 
atoms atoms 

In a CO2 molecule, the oxidation number of the carbon 
atom is -i-4 and the oxidation number of each oxygen 
atom is -2. 
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Sample Problem 2: Assigning Oxidation Numbers for a 

Assign oxidation numbers to aii atoms in the nitrate ion, NOj". 

Solution 

step 1 . Assign oxidation numbers to eiements as iisted in Table 1. 
The oxidation number of oxygen is -2. 

Step 2. identify any elements not mentioned in Table 1, and use 
the ion-charge rule to assign their oxidation numbers. 
Nitrogen is not mentioned in Table 1. The nitrate ion 
has a net charge of -1. Therefore, the sum of the 
oxidation numbers of all the atoms in the nitrate ion 
must equal -1. Each nitrate ion contains 3 oxygen 
atoms, each of which has an oxidation number of 
-2. Therefore, the total charge due to oxygen is -6. 


Polyatomic Ion 

Since the net charge of the ion is -1, the oxidation 
number of the nitrogen atom must be -i-5. 

+5-2 for each atom 

NO3- 

Step 3. Check that the sum of the oxidation numbers is equal to 
the charge on the polyatomic ion. 

^{+5) + 3(-2) = -1 

t t 

number of N number of 0 
atoms atoms 

In the nitrate ion, NOj", the oxidation number of the 
nitrogen atom is -i-5 and the oxidation number of each 
oxygen atom is -2. 


Sample Problem 3: Assigning Oxidation Numbers for an 

Assign the oxidation numbers to all atoms or ions in sodium 

thiosulfate, NajSjOj. 

Solution 

step 1 . Assign oxidation numbers to elements as listed in Table 1. 
The oxidation number of the sodium ion, a monatomic 
ion, is -1-1. The oxidation number of oxygen is -2. 

Step 2. Identify any elements not mentioned in Table 1, and use 
the zero-sum rule to assign their oxidation numbers. 

The sum of the oxidation numbers of the atoms in a 
compound must equal zero. Since each sodium ion has 
an oxidation number of -t-1 and there are 2 sodium ions, 
the total contribution of sodium is -i-2. The polyatomic 
thiosulfate ion must therefore have an overall charge of -2. 
Since each oxygen atom has an oxidation number of -2, 
and there are 3 oxygen atoms, the total contribution from 

Practice 

1. Determine the oxidation number of nitrogen in each of the 

following substances: d 

(a) Nj (d) NaNOs 

(b) NO2 (e) NH3 

(c) N2O 

2. Determine the oxidation number of carbon in each of the 

following compounds: Di 

(a) CO (c) Na2C03 

(b) CH4 (d) C6Hi20e 


Ionic Compound 

oxygen is -6. Since the total charge of the ion is -2, the 
total contribution from the 2 sulfur atoms is -i-4. Therefore, 
the oxidation number for each sulfur atom is -i-2. 

NBjSjda 

Step 3. Check that the sum of the oxidation numbers is equal to 
zero. 

2{+^) + 2{+2) + 3(-2) = 0 
t t t 

number of Na number of S number of 0 

atoms atoms atoms 

In sodium thiosulfate, Na2S203, the oxidation number of 
each sodium ion is -i-l; the oxidation number of each 
sulfur atom is -i-2; and the oxidation number of each 
oxygen atom is -2. 


3. Determine the oxidation number of sulfur in each of the 
following substances: bo 

(a) SO2 (c) SO/- 

(b) SO3'- (d) S2O8'- 

4. Assign the oxidation number to each element in each of the 
following compounds: Di 

(a) Na2C03 (c) HCIO4 

(b) K2Cr20, (d) CU3(P04)2 


Oxidation Numbers in Redox Reactions 

We can use oxidation numbers to identify the reactant that is oxidized and the 
reactant that is reduced in a redox reaction. The reaction of nickel(II) oxide with 
carbon is a useful example. The mining industry uses this reaction during the extrac¬ 
tion of nickel from its ore. # career link 
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reduction 


Assigning oxidation numbers to each atom/ion in the chemical equation gives 

^NiO(s) + C(s) ^ Ni(s) +^C0(g) 

Note that the oxidation number of carbon changes from 0 to +2. This means that 
the carhon atom loses 2 electrons and becomes oxidized. The oxidation number of 
nickel changes from +2 to 0. This means that the Ni^’*' ion in NiO gains 2 electrons 
and is reduced to nickel metal, Ni (Figure 4). 

The reaction of nickel(II) oxide with carbon involves the direct transfer of electrons 
from one reactant to another. However, many redox reactions involve the partial 
transfer of electrons from one reactant to another. This occurs in the redox reactions 
involving molecular substances. Consider the synthesis of water from its elements: 

2 U,{g) + 02(g) ^ 2 H20(g) 

Using the rules from Table 1, we can assign the following oxidation numbers: 


I 2e gained ^ 

+2-2 0 0 +2 -2 

NiO(s) + C(s) ^ Ni(s) + C0(g) 

I_ 2e~lost _J' 

oxidation 

Figure 4 Note how the oxidation 
numbers change during the reaction of 
nickel oxide with carbon. 


oxidizing agent the reactant that is 
reduced (gains eiectrons from another 
substance) during an oxidation-reduction 
reaction 


2H2(g) + 02 (g) ^ 2H20(g) 

Note that the oxidation number of each atom in H2 and O2 is 0 because both 
hydrogen and oxygen are in their elemental form. Also, the oxidation number of 
hydrogen changes from 0 in H2 to +1 in H2O. This change indicates that each hydrogen 
atom effectively loses 1 electron in the reaction. However, the oxidation number of 
each oxygen atom changes from 0 in O2 to —2 in H2O. This means that each oxygen 
atom effectively gains 2 electrons. Since water is a molecular compound rather than 
an ionic compound, we know that the electrons are not completely transferred from 
the hydrogen atoms to the oxygen atom. Instead, the electrons in the covalent bond 
between oxygen and hydrogen shift toward the more electronegative element: oxygen. 
Hence, only a partial transfer of electrons occurs during the synthesis of water. 

Oxidizing Agents and Reducing Agents 

Oxidation-reduction reactions involve the transfer of electrons (Figure 5). The sub¬ 
stance that gains electrons is referred to as an oxidizing agent. The oxidizing agent is 
reduced in a redox reaction. In the previous example, the oxidizing agent is oxygen 
gas, since it gained electrons from hydrogen. The corresponding substance that loses 
electrons is called the reducing agent. The reducing agent in the example above is 
hydrogen, since it lost electrons to oxygen. The reducing agent is oxidized in a redox 
reaction. In all oxidation-reduction reactions, electrons transfer from the reducing 
agent to the oxidizing agent (Table 2). 

As an example, consider the synthesis of water: 

2H2(g) + 4(g) ^ 2H20(g) 

For this reaction, we can say the following: 

• Hydrogen is oxidized because its oxidation number increases. Each hydrogen 
atom has partially lost its electron. 

• Oxygen is reduced because its oxidation number decreases. The oxygen atom 
has partially gained electrons. 

• H2 is the reducing agent. 

• O2 is the oxidizing agent. 

Note that when you name the reducing or oxidizing agent, you specify the whole 
substance and not just the element that undergoes the change in oxidation number. 
This becomes more relevant when we consider redox reactions involving compounds: 
the compound is the oxidizing (or reducing) agent. 


reducing agent the reactant that is 
oxidized (ioses eiectrons to another 
substance) during an oxidation-reduction 
reaction 

Oxidized Reduced 


M X 



M+ X“ 


Figure 5 A summary of the oxidation- 
reduction process in which M is oxidized 
and X is reduced. 

Table 2 Characteristics of Oxidizing 
and Reducing Agents 


Oxidizing agent 

Reducing agent 

causes oxidation 

causes reduction 

gains eiectrons 

loses electrons 

is reduced 

is oxidized 



Singie Dispiacement Reactions 
(page 624) 

In this investigation, you wiii design 
and perform tests on metais and 
metal ions, and then rank the 
strength of the ions as oxidizing 
agents. 
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Tutorial 3 Analyzing Redox Reactions 


In this tutorial, you will identify atoms that become oxidized and reduced during an oxidation- 
reduction reaction. It will also help you identify the oxidizing and reducing agents in a redox 
reaction. Note that you always start by assigning an oxidation number to each element, just as 
you did in Tutorial 2. 


Sample Problem 1: Analyzing a Redox Reaction 
Metallurgy, the process of producing a metal from its ore, always 
involves oxidation-reduction reactions. The valuable component 
of lead ore is the compound lead(ll) sulfide, PbS(s), also called 
galena. The first step in extracting lead from its ore is the conversion 
of lead(ll) sulfide to its oxide by a process called roasting: 

(a) 2 PbS(s) + 3 02(g) ^ 2 PbO(s) + 2 SOjlg) 

The oxide then reacts with carbon monoxide to produce 
the metallic element: 

(b) PbO(s) + CO(g) ^ Pb(s) + COjCg) 

For each reaction, identify the entities that are oxidized and 
reduced, and specify the oxidizing and reducing agents. 


Solution (a) 


step 1. 


Step 2. 


Assign oxidation numbers to elements as listed in Table 1. 
Lead(ll) sulfide and lead(ll) oxide are simple Ionic 
compounds, so the oxidation numbers of their elements 
are the same as the charges on those elements. 

+2 -2 0 +2 -2 +4-2 (each 0) 

2 PbS(s) + 3 02(g) ^ 2 PbO(s) + 2 S02(g) 
Determine how the oxidation number on each element 
changes, and identify these changes as either oxidation 
or reduction. 



+ 2-2 0 + 2-2 +4 -2 (each 0) 

2PbS(s) + 302(g) —> 2PbO(s) + 2S02(g) 


The oxidation number for sulfur increases from -2 to 
+4. Sulfur is oxidized (Figure 6). The oxidation number 
for oxygen decreases from 0 to -2 (in both products). 
Oxygen is reduced. The oxidation number for lead 


does not change. The oxidizing agent (the substance 
that gains electrons) is O2. The reducing agent (the 
substance that loses electrons) is PbS. 

Oxidation 

S ^ 


-2 -1 0 +1 +2 +3 +4 

0 

Reduction 

Figure 6 This number line shows the changes in oxidation number 
of sulfur and oxygen. 

Solution (b) 

step 1 . Assign oxidation numbers to elements as listed in Table 1. 
+2 -2 +2 -2 0 +4 -2 (each 0) 

PbO(s) + CO(g) ^ Pb(s) + C02(g) 

Step 2. Determine how the oxidation number on each element 
changes, and identify these changes as either oxidation 
or reduction. 


2 e7C lost 



+2 -2 +2 -2 0 +4 -2 (each 0) 

PbO(s) + C0(g) —> Pb(s) + C02(g) 



The oxidation number for lead decreases from +2 to 
0. Lead is reduced. The oxidation number for carbon 
increases from +2 to +4. Carbon is oxidized. The 
oxidation number for oxygen does not change (in both 
products). The oxidizing agent (the substance that gains 
electrons) is PbO. The reducing agent (the substance 
that loses electrons) is CO. 


Practice 

1. Identify the entities that are oxidized and reduced in the following reactions: ebi 

(a) Cu(s) + 2 Ag'^(aq) ^ 2 Ag(s) + Cu^'^(aq) (b) 4 Fe(s) + 3 02(g) ^ 2 Fe203(s) 

2. Identify the oxidizing agent and the reducing agent in the following reactions: Di 

(a) Zn(s) + 2 HCI(aq) ^ ZnCl2(aq) + H2(g) (b) Sn02(s) + C(s) ^ Sn(s) + C02(g) 

3. For the following reactions, assign the oxidation numbers to each atom, then indicate the 
oxidizing and reducing agents: Di 

(a) 2 H2S(g) + 3 02(g) ^ S02(g) + H20(g) (b) CH4(g) + 2 02(g) ^ C02(g) + 2 H20(g) 
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Summary 

• Many reactions involve the transfer of electrons. 

• Oxidation-reduction reactions, or redox reactions, are reactions in which 
electrons transfer from one entity to another. Neither oxidation nor reduction 
can occur without the other. 

• Chemists assign oxidation numbers to atoms or ions to keep track of the 
electrons in an oxidation-reduction reaction. 

• The rules in Table 1 (page 603) allow oxidation numbers to be assigned for 
common entities. Oxidation numbers can then be assigned to remaining 
atoms or ions. 

• In an oxidation-reduction reaction, one element is oxidized (loses electrons). 
Another element is reduced (gains electrons). 

• An oxidizing agent causes oxidation to occur (and is reduced in the process). 
A reducing agent causes reduction to occur (and is oxidized in the process). 



You can apply what you learned 
about redox reactions to the Unit Task 
described on page 684. 


Questions 


1. Explain, in your own words, the process that occurs 
in a redox reaction. QEl 

2. Write the oxidation and reduction half-reaction 
equations for the reactions represented by each of 
the following equations: EZD 

(a) Mg(s) + 2 H+(aq) ^ Mg2+(aq) + H 2 (g) 

(b) 2 Al(s) + Fe 203 (s) ^ 2 Fe(l) + Al 203 (s) 

3. Identify the oxidation number of the specified 
element in each of the following entities: ED 


(a) 

Sin Sg 

(f) 

N in NH 3 

(b) 

Cr in Cr 207 ^“ 

(g) 

P in P 4 O 6 

(c) 

N in N 2 H 4 

(h) 

Mn in Mn 04 “ 

(d) 

I in Mgl 2 

(i) 

C in C 2 H 5 OH 

(e) 

C in CO 

(j) 

S in Al 2 (S 03)3 


4. Identify the entity that is oxidized and the 
entity that is reduced in the chemical reactions 
represented by the following equations: BQ 

(a) CH 4 (g) + H 20 (g) ^ CO(g) + 3 H 2 (g) 

(b) 8 H+(aq) + Mn 04 (aq) + Fe 2 +(aq) ^ 

Mn2+(aq) + Fe^+(aq) + 4 H 20 ( 1 ) 

(c) a single displacement reaction in which copper 
metal reacts with silver nitrate 

5. (a) Describe the change in the oxidation number of 

an entity when it becomes oxidized. 

(b) Describe the change in the oxidation number of 
an entity when it is reduced. 

(c) Why do oxidation and reduction half-reactions 
both have to occur in the same reaction? QID 


6. Use oxidation numbers to determine which of the 
following chemical equations represent a redox 
reaction. For all that ARE redox reactions, indicate 
the oxidizing agent, the reducing agent, the element 
being oxidized, and the element being reduced. Rj’ 

(a) HCl(g) + NH 3 (g) ^ NH^CKs) 

(b) SiCl 4 (l) + 2 Mg(s) ^ 2 MgCl 2 (s) + Si(s) 

(c) CO(g) + H20(g) ^ C02(g) + H 2 (g) 

7. Assign oxidation numbers to each element in the 
following equations: EQ 

(a) 4 PH 3 (g) + 8 02 (g) ^ P 40 io(s) + 6 H20(l) 

(b) 2 KC 103 (s) ^ 2 KCl(s) + 3 02 (g) 

(c) Pb(s) + Pb02(s) + 2 H 2 S 04 (aq) ^ 

2 PbS 04 (s) + 2 H20(g) 

8. Describe each of the reactions in Question 7 using 
the terms “oxidation,” “reduction,” “oxidizing agent,” 
and “reducing agent.” OID 

9. In the process of photosynthesis, carbon dioxide and 
water form glucose and oxygen: M )!; 

6 C02(g) + 6 H20(1) ^ QHi206(aq) + 6 02 (g) 

(a) What is the oxidation number of carbon in 
CO 2 and C 6 H 12 O 6 ? 

(b) Describe the process of photosynthesis using 
the terms “oxidation,” "reduction,” “oxidizing 
agent,” and “reducing agent.” 

10. Carbon dioxide can be progressively reduced to 
methane through a series of reactions. What is the 
oxidation number of carbon in each 
of the following compounds? E!1 
CO 2 ^ CH 2 O 2 ^ CH 2 O ^ CH 4 O ^ CH 4 
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Balancing Redox Reaction 
Equations 



Figure 1 Potassium permanganate 
is wideiy used to analyze chemicais 
that undergo redox reactions, including 
determining the concentration of iron(ii) 
ions in a sampie. When all the iron(ll) 
ions are used up, the soiution in the 
fiask turns purpie. 


Geologists sometimes use potassium permanganate, KMn 04 (aq), to analyze the iron 
content in a mineral ore sample. It is a common oxidizing agent used in quantitative 
analysis. A typical analysis involves titrating a prepared ore sample with a potassium 
permanganate solution of known concentration imtil an endpoint is reached (Figure 1). 
The analyst must know the balanced chemical equation for the titration reaction 
before analyzing the titration data. Most simple redox reactions can be balanced 
by inspection. For more complex reactions, we can use either of two strategies: the 
oxidation numbers method or the half-reactions method. # career link 


The Oxidation Numbers Method 


As shown in Section 9.1, the oxidation numbers of atoms or ions change during a 
redox reaction. One way to determine if a reaction is a redox reaction is to assign 
oxidation numbers to each element in the reaction and then see if oxidation numbers 
have changed between the reactant side and product side of the equation. A change 
in the oxidation number of an element indicates that electron transfer and, therefore, 
a redox reaction has occurred. 

Redox reactions often take place in aqueous solutions. In these cases, water 
molecules, H20(l), may participate in the redox reaction. An aqueous solution 
may be acidic, basic, or neutral. If a redox reaction occurs in an acidic solution, 
hydrogen ions, H^(aq), may be participants in the reaction. If a redox reaction 
occurs in a basic solution, hydroxide ions, OH“(aq), may be participants. In these 
cases, the redox reactions are balanced in the same way as other redox reactions. 
However, when you balance redox reactions that occur in acidic or basic solutions, 
you will need to include H20(l), H^(aq), and/or OH“(aq) during the balancing 
procedure. # career link 



Figure 2 Nitrogen dioxide is a toxic 
reddish-brown gas produced when 
concentrated nitric acid oxidizes copper 
metal. 


Tutorial 1 Balancing Equations Using Oxidation Numbers 


In this tutorial, you will balance redox reaction equations using the oxidation numbers 
method. For Sample Problem 1, you will use the oxidation numbers method to balance a 
straightforward equation for a single displacement reaction. In Sample Problems 2 and 3, 
this procedure is adjusted to balance equations for reactions that occur in acidic and 
basic solutions. 

The following steps are an effective problem-solving approach: 

1. Write the unbalanced chemical equation from the given information. Determine the 
oxidation numbers for each element in the equation and identify the elements for 
which the oxidation numbers change. 

2. Adjust the vaiues of the coefficients to balance the electrons transferred. 

3. Balance the rest of the equation by inspection. If necessary, balance oxygen by 
adding water. 

4. If necessary, balance hydrogen by adding H'^(aq) and/or 0H“(aq). 

5. Check your answer. 

6 . Write the balanced equation. 

Sample Problem 1: A Redox Reaction Involving Compounds 
Concentrated nitric acid, HNOjIaq), is very reactive: it oxidizes copper metal to produce 
toxic nitrogen dioxide gas, dissolved copper(ll) nitrate, and water (Figure 2). Use the 
oxidation numbers method to write a balanced chemical equation for this reaction. 
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Solution 


step 1. Write the unbalanced chemical equation. Determine the oxidation numbers for 
each element in the equation and identify the elements for which the oxidation 
numbers change. 

2 e7Cu lost 

. 1 .. 

HN03(aq) + Cu(s) —> NOjig) + Cu(N03)2(aq) + H20(l) 

I_T 

1 e /N gained 

The oxidation number of Cu increases from 0 to +2. Cu is oxidized by losing 
2 electrons (Figure 3). The oxidation number of N decreases from +5 to +4. 

N is reduced by gaining 1 electron. Note that the oxidation number of nitrogen 
in Cu(N03)2(aq) is unchanged. 

Step 2. Adjust the values of the coefficients to balance the electrons transferred. 

During a redox reaction, electrons are transferred from one element to another. 
Therefore, the total number of electrons transferred must be equal. To balance 
the electrons, determine the simplest whole numbers that will equalize the 
electrons gained or lost in the reaction. Then, use those numbers as coefficients. 

2 e"/Cu lost 

I 1 

+ 1 + 5-2 0 +4-2 +2+5-2 +1-2 

2HN03(aq) + Cu(s) —> 2 N02(g) + Cu(N03)2(aq) + H20(l) 

I_I 

2 (1 e /N gained) = 2 e gained 

Since you multiplied the number of electrons gained by 2, the coefficients for 
HN03(aq) and N02(g) must be 2. The coefficient of copper remains unchanged. 
Step 3. Balance the rest of the equation by inspection, assigning coefficients for the 
reactants and products as necessary. 

Since there are 2 nitrate ions in Cu(N03)2(aq), we need 2 more nitrate ions on the 
left side of the equation. Therefore, the coefficient of HNOjIaq) changes to 4. 

4 HN03(aq) + Cu(s) ^ 2 N02(g) + Cu(N03)2(aq) + 2 H20(l) 

Step 4. Since hydrogen is balanced, proceed to Step 5. 

Step 5. Check your answer. Check the number of atoms (Table 1). 

The equation is balanced if 

(a) the total number of atoms of each element is equal on each side of the 
equation, and 

(b) the sums of the charges on each side of the equation are equal. 

Table 1 Number of Atoms of All Elements 


Oxidation 

Cu 


0 +1 +2 +3 + 4^ +5 

N 

Reduction 

Figure 3 A redox number line shows 
the oxidation number of the copper 
atom increasing and the oxidation 
number of the nitrogen atom decreasing. 


4 HNOsCaq) + Cu(s) ^ 2 NOjCg) + Cu(N03)2(aq) + 2 H20(l) 

Element 

Number of atoms in 
reactants 

Number of atoms 
in products 

N 

4 from 4 HNO3 

2 from 2 NO2 + 2 from Cu(N03)2 = 4 

H 

4 from 4 HNO3 

4 from 2 HgO 

0 

12from4HN03 

4 from 2 NO2 + 6 from Cu(N03)2 + 
2from2H20 = 12 

Cu 

1 from 1 Cu 

1 from 1 Cu(N 03)2 


The numbers of entities of each element are equal on both sides of the equation. ^ 
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The reactants and products consist of only molecules. Since any molecule has 
a charge of 0, the sum of the charges of the reactants and products equals 0. 
This confirms that the number of eiectrons iost equais the number of eiectrons 
gained. 

Step 6. Write the balanced equation: 

4 HNOsCaq) + Cu(s) ^ 2 N02(g) + Cu(N03)2(aq) + 2 H20(l) 

Sample Problem 2: A Redox Reaction in an Acidic Solution 
To determine the iron content of an ore sampie, you can perform a titration using an 
acidified soiution of potassium permanganate, KMn04(aq). Before the titration begins, ail 
of the iron in the sample is converted to Fe^^(aq) ions. The net ionic equation that occurs 
during the titration is 

Mn04“(aq) + Fe^'^(aq) ^ Mn^'^Caq) + Fe^'^(aq) (# web link 
Baiance the equation for this reaction. 

Solution 

step 1. Write the unbaianced chemicai equation. Determine the oxidation numbers for 
each element in the equation and identify the eiements for which the oxidation 
numbers change. 


1 e7Fe lost 

Mn04“(aq) + Fe^+(aq) —> Mn^+laq) + Fe^^(aq) 

I_T 

5 e /Mn gained 

The oxidation number of Fe increases from +2 to +3. Fe is oxidized by iosing 
1 electron. The oxidation number of Mn decreases from +7 to +2. Mn is 
reduced by gaining 5 eiectrons. 

Step 2. Adjust the values of the coefficients to balance the electrons transferred. 

To do this, determine the simplest whole numbers that will equalize the electrons 
gained or lost in the reaction. Then, use those numbers as coefficients in the 
equation. 

5(1 e7Felost) = 5e"lost 

^ i 

MnOrlaq) + 5W7aq) ^ Mn"*(aq) + 5Fe’*(aq) 

I_T 

5 e /Mn gained 

Since you multiplied the number of electrons lost by 5, the coefficient of Fe^^(aq) 
is 5. The coefficient of Mn04“(aq) remains unchanged. The equation now 
becomes 

1 Mn04“(aq) + 5 Fe^'^(aq) ^ Mn^+(aq) + 5 Fe^'^(aq) 

There are 5 Fe^"^ ions on the left and 5 Fe^"^ ions on the right. Therefore, the 
elements involved in the electron transfer are balanced. Note that this equation 
represents only the elements for which oxidation numbers change during the 
chemical reaction. However, since the reaction occurs in acidic solution, H20(l) 
and H'^(aq) also participate in the redox reaction. 
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step 3. Balance the rest of the equation by inspection. If necessary, balance oxygen by 
adding water. 

Although manganese and iron are now balanced, oxygen is not: there are 4 
oxygen atoms on the left and none on the right. Since this reaction occurs in 
an aqueous solution, we may add 4 oxygen atoms (from 4 HjOII)) to equal the 
4 oxygen atoms on the product side. 

1 Mn04“(aq) + 5 Fe^'^(aq) ^ Mn^'^(aq) + 5 Fe^'^(aq) + 4 HjO® 

Step 4. If necessary, balance hydrogen by adding H+(aq). 

Since this reaction occurred in an acidic solution, we may add H'^(aq) to balance 
the hydrogen atoms in the 4 water molecules. The water molecules in this 
exampie are products, so add 8 H+(aq) ions to the reactant side of the equation 
to balance the 8 hydrogen atoms on the product side: 

1 Mn04“(aq) + 5 Fe^'^(aq) + 8 H'^(aq) ^ Mn^'^Caq) + 5 Fe^+(aq) + 4 HjOO) 
Step 5. Check your answer. 

(a) Check the number of entities of each eiement in the balanced equation (Table 2). 


Table 2 Number of Entities of All Elements 


Mn04^(aq) + 5 Fe2+(aq) + 8 H"'(aq) ^ Mn'+(aq) + 5 Fe'"-(aq) + 4 HjOO) 

Element 

Number in reactants 

Number in products 

Mn 

1 from Mn04” 

1 from Mn^+ 

Fe 

5 from 5 Fe^^ 

5 from 5 Fe^^ 

0 

4 from Mn04” 

4 from 4 HjO 

H 

8 from 8 H+ 

8 from 4 HjO 


Therefore, all elements are balanced. 

(b) To confirm that all the electrons involved in the reaction are accounted 
for, check that the sums of the charges on both sides of the equation are 
equal. 

Mn04“(aq) + 5 Fe2+(aq) + 8 H^(aq) ^ + 5 Fe'+(aq) + 4H20(I) 


1/r 5X2+ 8X1+ 1X2+ 5X3+ 4X0 



The blue numbers are the charges for each side of the equation and not 
oxidation numbers. Since the sums of the charges on both sides are the same, 
the electrons transferred during the reaction are accounted for. Therefore, the 
equation is balanced. 

Step 6. Write the balanced equation. 

Mn04-(aq) + 5 fe^^iaq) + 8 H+(aq) ^ Mn2+(aq) + 5 Fe^+(aq) + 4 H20(l) 

Sample Problem 3: A Redox Reaction in a Basic Soiution 
The process for balancing equations in basic solutions is similar to balancing equations in 
acidic solutions. The only difference is that you add hydroxide ions at the end to account 
for the reaction taking place in a basic solution. For example, iodate ions, I03“(aq), react 
with oxalate ions, C204^“(aq), in a basic solution to produce carbon dioxide gas and 
aqueous iodide ions. 
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Solution 


Oxidation 

C 


-1 0 +1 +2 +3 +4 +5 

i 

Reduction 

Figure 4 A redox number line shows 
the change in oxidation numbers of 
iodine and carbon. 


Step 1. Write the unbalanced chemical equation. Identify the elements for which the 
oxidation numbers change. 

1 e7C lost 

2 070204^-1031 

I I 

+5-2 +3-2 -1 +4-2 

I03“(aq) -I- C20/“(aq) —> r(aq) -F 2C02(g) 

I_T 

6 e /I gained 

The oxidation number of iodine decreases from +5 to -1 (Figure 4). Iodine is 
reduced by gaining 6 electrons. The oxidation number of C Increases from +3 
to +4. C Is oxidized by losing 1 electron. However, there are 2 carbon atoms 
In 6204^“. Therefore, 2 electrons in total are lost. Note that a coefficient 2 Is 
included on the right side to account for the second carbon atom. 

Step 2. Adjust the values of the coefficients to balance the electrons transferred. 

Determine the simplest whole numbers that will equalize the electrons gained or 
lost In the reaction. Then, use those numbers as coefficients in the equation. 

1 e7C lost 

3(2 e7C204^-|ost) = 6e- lost 

I 1 

+5-2 +3-2 -1 +4-2 

lOa'jaq) -I- 3C204^“(aq) —> |■(aq) 6C02(g) 

I_I 

6 e /I gained 

Since you multiplied the number of electrons lost by 3, the coefficient of C204^“(aq) 
is 3. As a result, the coefficient of CO2 increases from 2 to 6. The coefficient of 
lOj'iaq) remains unchanged. The equation now becomes 
I03“(aq) + 3C204^“(aq)^ r(aq) + 6C02(g) 

The entities involved in the electron transfer are now balanced. Note that this 
equation represents only the entities for which oxidation numbers change during 
the chemical reaction. However, since the reaction occurs in a basic solution, 
HjOjl) and OH“(aq) may also participate in the redox reaction. 

Step 3. Balance the rest of the equation by inspection. If necessary, balance oxygen by 
adding water. 

Notice that oxygen is not balanced: there are 15 oxygen atoms on the left and 
12 on the right. Since this reaction occurs in an aqueous solution, we may add 
HjO molecules on the product side to balance the oxygen atoms on the reactant 
side. The product side now requires 3 oxygen atoms (from 3 H20(l)) to balance. 
l03-(aq) + 3 C2042-(aq) ^ r(aq) + 6 COjCg) + 3 HjOCi) 

Step 4. If necessary, balance hydrogen by adding H'^(aq) and OH“(aq). 

Although the reaction occurs in a basic solution, it is simpler to add H'^(aq) to 
balance the hydrogen atoms rather than adding hydroxide. We will correct for 
this H'^(aq) in the next step. Since the water molecules In this example are 
products, add 6 H+(aq) ions to the reactant side of the equation: 
l03-(aq) + 3 C2042-(aq) + 6 H+(aq) ^ r(aq) + 6 C02(g) + 3 H20(l) 

Since the reaction occurred in basic solution, the solution contains OH“(aq) 
ions. Therefore, it is not likely that H+(aq) ions took part in the reaction. You can 
eliminate H'^(aq) ions by adding OH“(aq) ions to both sides of the equation. By 
adding OH“(aq) ions to both sides, you are not changing the equation. 
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I03“(aq) + 3 C20/-(aq) + 6 H+(aq) + 6 OH-(aq) ^ 

r(aq) + 6 C02(g) + 3 H20(l) + 6 OH-(aq) 

Since 6 H'^(aq) + 6 OH“(aq) ^ 6 H20(l), the and OH“ ions on the reactant 
side are equivalent to 6 water molecules. Subtracting 3 water molecules from 
each side eliminates the redundant water molecules from the equation: 

I03“(aq) + 3 C20/-(aq) + 03 H20(l) ^ 

|-(aq) + 6 C02(g) + + 6 OH-(aq) 

Step 5. Check your answer. 

(a) Check the number of entities of each element in the balanced equation (Table 3). 


Table 3 Number of Entities of All Elements 


I03~(aq) + 3 C2042"(aq) + SHjOO) ^ l’(aq) -e 6C02(g) + 6 0H-(aq) 

Element 

Number in reactants 

Number in products 

I 

1 from 103^ 

1 from r 

C 

6 from 3 0304^“ 

6 from 6 CO2 

0 

3 from IO3 ^ + 12 from 0304^“ + 
3from3H30 = 18 

12from6C02 + 6 from 

6 OH- = 18 

H 

6 from 3 H3O 

6 from 6 OH^ 


Therefore, all elements are balanced. 

(b) Check that the sums of the charges on both sides of the equation are equal. 
l03-(aq) + 3C2042-(aq) + 3 H20(l) —> |-(aq) + 6C02(g) + 6 0H-(aq) 

X1“ + 3X2" + 3X0 1X1" + 6X0 + 6X1" 


Since the sums of the charges on both sides are the same, the electrons 
transferred during the reaction are accounted for. Therefore, the equation is 
balanced. 

Step 6. Write the balanced equation. 

l03-(aq) + 3 C2042-(aq) + 3 H20(l) ^ |-(aq) + 6C02(g) + 6 0H-(aq) 

Practice 

1. Use the oxidation numbers method to write a balanced chemical equation for the 
reaction between lead(ll) oxide, Pb02(s), and ammonia, NHjIg), to produce nitrogen 
gas, liquid water, and solid lead, m 

2. Hydrogen sulfide, H2S(g), is a poisonous gas with an odour like rotten eggs. Natural 
gas in well water can be removed by reacting it with pressurized oxygen. The 
unbalanced equation for this reaction is 

H2S(g) + 02 (g) ^S(s) + H20(I) 

Write a balanced chemical equation for this reaction using the oxidation numbers 
method, m 

3. Balance the following chemical equations representing reactions that take place in 
acidic solutions: m 

(a) Mn04“(aq) + Br“(aq) ^ Mn02(s) + BrOj^Caq) 

(b) l2(s) + 0C|-(aq) ^ l03-(aq) + C|-(aq) 
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4. Balance the following chemical equations representing reactions that take place in 
basic solutions: Bn 

(a) Mn04-(aq) + SOg^-faq) ^ S042-(aq) + Mn02(s) 

(b) S^“(aq) + 12(5) ^ S04^“(aq) + l“(aq) 

5. lodate ions react in solution with hydrogen sulfite ions to produce sulfate ions 
and a precipitate of solid iodine. The unbalanced equation for this reaction is 
l03-(aq) + HS03-(aq) ^ SO,^-{a(\) + 12(3). m 

(a) Determine the entities that change oxidation number, and indicate the numbers 
of electrons that are lost or gained. 

(b) Balance the equation, assuming that the reaction takes place in an acidic solution. 

6. Chromium hydroxide is a solid compound that reacts in a basic solution with chlorate 
ions. The products are aqueous chromate ions and chloride ions. The unbalanced 
chemical equation for this reaction is 

Cr(OH)3(s) + CI03-(aq) ^ Cr042-(aq) + C|-(aq). m 

(a) Determine the entities that change oxidation number and indicate the numbers 
of electrons that are lost or gained. 

(b) Balance the equation. Assume that the reaction takes place in a basic solution. 


The Half-Reactions Method 

The second strategy to balance redox equations is to separate the reaction into two 
half-reaction equations: one involving oxidation and the other involving reduction. 
These equations are balanced separately, then added together to give the balanced 
chemical equation for the complete redox reaction. Although the half-reactions 
method differs from the oxidation numbers method in approach, the result is the 
same: a balanced redox reaction. 


Tutorial 2 Balancing Equations Using Half-Reactions 


To balance the equation of a redox reaction by this method, you will first identify and 
write the half-reaction equations for redox reactions. Then, you will balance the equations 
for the half-reactions separately. Finally, you will add the half-reaction equations to 
arrive at the balanced redox reaction equation. The following steps are an effective 
problem-solving approach: 

1. Write the unbalanced equation and assign oxidation numbers to all entities. 

2. Write unbalanced equations for the oxidation and reduction half-reactions. 

3. Balance each half-reaction equation. 

4. Use electrons to balance the charge in each half-reaction equation. 

5. Equalize the electron transfer in the two half-reaction equations. 

6. Add the half-reaction equations. 

7. Check your answer. 

8. Write the balanced equation. 

Sample Problem 1: A Redox Reaction in an Acidic Solution 

Consider again the permanganate reaction from Tutorial 1, Sample Problem 2. The net 

ionic equation for the reaction is 

I\/In04“(aq) -F Fe^'"(aq) ^ Mn^+taq) -F Fe^'"(aq) 

Using the half-reactions method, balance the equation for this reaction in an acidic 
solution. (Note that this will be a different way of solving the same problem as in Tutorial 1, 
Sample Problem 2.) 
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Solution 


step 1. Write the unbalanced equation and assign oxidation numbers to all entities. 

+7 -2 +2 

l\/ln04“(aq) + Fe^'^Caq) ^ Mn2+(aq) + Fe^+(aq) 

Step 2. Write unbalanced equations for the oxidation and reduction half-reactions. 

Look at the change in oxidation number of the manganese atom in the 
permanganate ion during the redox reaction. Since the oxidation number of 
Mn decreases, we know that Mn is reduced. The equation for the half-reaction 
involving the permanganate ion is 

-7 -2 +2 

I\/In04“(aq) ^ Mn^+(aq) (reduction) 

The other half-reaction involves the oxidation of iron(ll) to iron(lll): 

Fe^^(aq) ^ Fe^+(aq) (oxidation) 

Step 3. Balance each half-reaction equation. As you did in the oxidation numbers 
method, use HjOil) to balance oxygen and H'^(aq) ions to balance hydrogen. 
Consider the reduction half-reaction: 

I\/In04“(aq) ^ Mn^+(aq) 

Balancing the oxygen and hydrogen gives 
8 H^(aq) + Mn04-(aq) ^ Mn2+(aq) + 4 HjO® 

Iron in the oxidation half-reaction is already balanced: 

Fe^+(aq) ^ Fe^+(aq) 

Step 4. Use electrons to balance the charge in each half-reaction equation. 

All the elements have been balanced, but you now need to balance the charge 
using electrons. At this point we have the following overall charges for reactions 
and products in the reduction half-reaction: 

8 H+(aq) + Mn04-(aq) ^ Mn2+(aq) + 4H20(I) 


You may now equalize the charges by adding 5 electrons to the left side of the 
equation. Remember that electrons have a negative charge, so you are effectively adding 
a negative number to the total charge. 

5e-+ SH^aq) + Mn04-(aq) ^ Mn2+(aq) + 4H20(I) 


Now, both the elements and charges for the reduction half-reaction are balanced. 
The fact that 5 electrons appear on the reactant side of the equation makes sense when 
you consider the change in oxidation numbers that occurs. Manganese has an oxidation 
number of +7 in Mn04“ and -i-2 in Mn^+. Five electrons must be added in order for this 
change to occur. 

In the oxidation half-reaction equation, the overall charges for the reactants and 
products are 


Fe2+(aq) 


■ Fe^+(aq) 


You must add 1 electron to the right side of the equation to give a net charge of 2-i- 
on both sides of the equation. 


Fe2'"(aq) 


Fe^+(aq) -l e 
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step 5. Equalize the electron transfer in the two half-reaction equations. 

The eiements and charges for the oxidation half-reaction are now balanced. 
However, at this point, the reduction half-reaction involves a transfer of 5 electrons 
and the oxidation half-reaction involves a transfer of only 1 electron. To equalize 
the number of electrons transferred, multiply the oxidation haif-reaction by 5: 

5 Fe^+Caq) ^ 5 Fe^'"(aq) -i- 5 e“ 

Step 6 . Add the half-reaction equations. 

5 e- + 5 Fe2+(aq) + Mn04-(aq) + 8 H+(aq) ^ 

5 Fe^+(aq) + Mn2+(aq) + 4 HsOO) + 5 e" 
Any identicai entities on both sides of the arrow cancei out. Here, you can cross 
out the eiectrons on both sides, giving the final balanced redox equation: 

5 Fe2+(aq) + Mn04-(aq) + 8 H+(aq) ^ 5 Fe^+Caq) + Mn^+Caq) + 4 HjO® 
Step 7. Check your answer. 

(a) Check the number of atoms (Table 4). 


Table 4 Number of Entities of All Elements 


5 Fe2+(aq) -F Mn04-(aq) -F 8 H+(aq) ^ 5 Fe^+(aq) -F Mn2+(aq) -F 4 HjOO) 

Element 

Number in reactants 

Number in products 

Fe 

5 from 5 Fe^^ 

5 from 5 Fe^^ 

Mn 

1 from Mn04" 

1 from Mn^+ 

0 

4 from Mn04” 

4 from 4 HjO 

H 

8 from 8 H+ 

8 from 4 HjO 


Therefore, all elements are balanced. 

(b) To confirm that all the electrons involved in the reaction are accounted for, 
check that the sums of the charges on both sides of the equation are equal. 


Mn04-(aq) + 5 Fe^+laq) + 8 H+(aq) ^ Mn2+(aq) + 5 Fe'^aq) + 4 H^Oll) 

1- 10+ 8+ 2+ 15+ 0 

I_ _ ) ( __ ) 


Since the sums of the charges on both sides are the same, the electrons 
transferred during the reaction are accounted for. 

Step 8. Write the balanced equation. 

Mn04-(aq) + 5 Fe^+Caq) + 8 H+(aq) ^ Mn^+Caq) + 5 Fe3+(aq) + 4 HsO® 

Practice 

1. Using the half-reaction method, balance the following equations: lai 

(a) Zn(s) -F H+(aq) ^Zn2+(aq) -F HjCg) 

(b) HN03(aq) + Cu(s) ^ NOjCg) + Cu^+Caq) in acid 

2. Methanol reacts with permanganate in a basic solution: 

CH30H(aq) + Mn04-(aq) ^ C032-(aq) + Mn042-(aq) m 

(a) Write the balanced half-reaction equations for this reaction. 

(b) Write the overall balanced equation for the reaction. 
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Review 


7 


Summary 

• In a balanced redox equation, the total numbers of each type of atom or 
ion on either side of the equation are equal and the numbers of electrons 
transferred are equal. 

• Redox equations may be balanced by using the oxidation numbers method or 
the half-reactions method. 

• Oxidation-reduction reactions can occur in acidic or basic solutions. In these 
cases, it may he necessary to add water molecules, hydrogen ions, and/or 
hydroxide ions to balance the equation. 

Questions 


1 . When magnesium metal is added to a beaker that 
contains hydrochloric acid, HCl(aq), a gas forms. Dl 

(a) If the magnesium is oxidized and the hydrogen 
is reduced, write the balanced half-reaction 
equations for the reaction. 

(b) Write the balanced equation for the reaction. 

(c) How many electrons transfer in the balanced 
equation? 

2 . Write balanced half-reactions for the following 
equations: BIl 

(a) 2 AgNOjCaq) -f Cu(s) ^ 

Cu(N03)2(aq) + 2Ag(s) 

(b) Cr^+(aq) -f Cl2(g) ^ Cr207"(aq) -f Cr(aq) 

(c) H2S04(aq) -f Ca(s) ^ CaS04(aq) -f H2(g) 

3 . Balance the following equations for reactions 
occurring in acidic conditions: EZl 

(a) C103-(aq) + l2(aq) ^ Cr(aq) + I03-(aq) 

(b) Cr207^"(aq) -I- Cr(aq) -> Cr^’^(aq) -I- Cl2(aq) 

4 . Balance the following equations for reactions 
occurring in basic conditions: BQ 

(a) Pb(OH)42-(aq) + ClO-(aq) ^ 

Pb02(s) + Cr(aq) 

(b) N02“(aq) + Al(s) ^ NH3(aq) + Al(OH)4-(aq) 

5 . Permanganate ions, Mn04“(aq), and oxalate ions, 
QO/ Uq). react as follows: ESI 

Mn04“(aq) -f €304^“(aq) —> Mn^’''(aq) -f C02(aq) 

(a) How many electrons are transferred for each 
Mn04“(aq) ion? 

(b) How many electrons are transferred for each 
QO/ Caq) ion? 

(c) Write the balanced chemical equation using the 
oxidation numbers method. 

6. Silver metal can be found in nature as large nuggets. 
Usually, it is mixed with other metals and ores. An 
aqueous solution of toxic cyanide ions can be used 
to extract the silver using the following reaction 
that occurs in basic solution: EZZl D 


Ag(s) + CN-(aq) + 02(g) ^ Ag(CN)2-(aq) 

(a) Balance the above equation using the half¬ 
reactions method. 

(b) If the cyanide ions are used up during the 
reaction, why is there still an environmental 
concern about the use of cyanide in this 
process? # career link 

7 . Potassium dichromate, K2Cr207(aq), is a bright orange 
compoxmd that can be reduced to a blue-violet solution 
of Cr^’''(aq) ions. Under certain conditions, K2Cr207(aq) 
reacts with ethanol, C2H50H(aq), as follows: EBD 
Cr2072-(aq) + C2H50H(aq) ^ Cr^+(aq) + C02(g) 

(a) Balance the above equation in acidic conditions 
using either the oxidation numbers method or 
the half-reactions method. 

(b) Which method do you prefer to use? Explain. 

8. Potassium permanganate is used to determine the 
amount of hydrogen peroxide in a sample: 
Mn 04 “(aq) -f H 202 (aq) ^ Mn^+Caq) -f 02(g) EBl 

(a) Write the balanced half-reaction equations for 
this reaction. 

(b) Balance the equation for the redox reaction 
involving these substances in acidic solution. 

9 . Write a balanced chemical equation for the 
oxidation of a sulfite solution by a nitrate solution. 
Assume the reaction products include dissolved 
sulfate and nitrogen dioxide gas. BO 

10 . Chlorine bubbled into a basic solution produces the 
chloride and chlorate ions: 

Cl2(g) ^ Cl-(aq) + C103-(aq) mm 

(a) Balance this equation using the half-reactions 
method. 

(b) Assign oxidation numbers to each element in 
this reaction. 

(c) What is unusual about the role of the element 
chlorine in this reaction? 
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Figure 1 The presence of hydrogen 
sulfide gas gives water an unpleasant 
odour. The dissolved gas evaporates 
quickly so tests should be carried out 
“on site.” 


Predicting Redox Reactions 

Hydrogen sulfide is a toxic, colourless gas with a distinctive “rotten eggs” smell. 
Hydrogen sulfide is produced by naturally occurring bacteria that digest dissolved 
sulfate ions in the water. Redox reactions within these bacteria reduce sulfate into 
sulfur-containing compounds such as sulfites and hydrogen sulfide. These ions and 
compounds also dissolve in water. Many Canadian homes rely on groundwater as 
their source of drinking water. Normally, the concentrations of hydrogen sulfide in 
groundwater are too low to pose a health hazard. However, low levels of hydrogen 
sulfide are a nuisance because they give drinking water a foul odour and taste 
(Figure 1 ). # career link 

One way to remove hydrogen sulfide from drinking water is to oxidize it into a less 
offensive substance. How do you choose the appropriate oxidizing agent? Conducting 
trial-and-error chemical tests is one option. The hydrogen ions in acids are known 
to oxidize certain metals. Yet, tests show that hydrogen ions do not oxidize hydrogen 
sulfide. Chlorine bleach, on the other hand, does react. Chlorine bleach is a solution 
of sodium hypochlorite, NaClO(aq). Bubbling hydrogen sulfide gas through chlorine 
bleach produces solid sulfur and chloride ions. Using this information and the skills 
you learned in Section 9 . 2 , we can write the following half-reaction equations: 

Reduction: 2 H+(aq) + C 10 “(aq) -f 2 e" ^ Cr(aq) + H20(l) 

Oxidation: H2S(g) —> S(s) + 2 H^(aq) + 2 e“ 

Combining these equations gives the net ionic equation for the reaction: 

H2S(g) + C 10 “(aq) ^ Cr(aq) + S(s) + H20(l) 

The success of hypochlorite at oxidizing hydrogen sulfide indicates that the 
hypochlorite ion is a stronger oxidizing agent than hydrochloric acid. Could we 
have predicted the results without actually mixing the reactants? Can we predict if a 
redox reaction will occur and what products will arise? The answer is yes. Patterns in 
experimental data from many different redox reactions allow us to make generaliza¬ 
tions that can be used to make such predictions. 


Relative Strengths of Oxidizing and Reducing Agents 

Suppose we place samples of silver, lead, nickel, and magnesium metal in solutions 
of silver, lead(II), nickel(II), and magnesium ions. Some of the metal-ion combina¬ 
tions react immediately, but others do not react at all. All the reactions that occur are 
redox reactions in which the metal ion oxidizes the metal. The general pattern for 
these reactions is 

A^'^(aq) + M(s) —> M^’^(aq) + A(s) 

(oxidizing agent) (reducing agent) 

Table 1 ranks the results of these combinations according to the reactivity of each 
metal with each aqueous metal ion tested. This ranking may look familiar: it reflects 
the reactivity series of metals that you learned about in earlier Chemistry courses. 


Table 1 Reactivity of Metals with Aqueous Metal Ions 


Metal 

Mg(s) 

Ni(s) 

Pb(s) 

Ag(s) 

Reacted with 

Ag+(aq), Ni^+faq), 
Pb2+(aq) 

Ag+(aq), Pb^+faq) 

Ag+(aq) 

none 

Reactivity order 



Magnesium metal reacts with all the other metal ions. This evidence suggests that 
magnesium has the greatest tendency to lose electrons, which implies that its nucleus 
has the weakest hold on its electrons. Recall that a reducing agent is a substance 
that loses electrons in a redox reaction. Therefore, magnesium metal is the strongest 
reducing agent—the element that is most readily oxidized—in this set of metals. 
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Silver metal does not react with any of the metal ions, so it has the least tendency to 
lose electrons. Silver metal is the weakest reducing agent in this set. If we write the 
half-reaction equations for these metals in order from strongest to weakest reducing 
agents, we get the following list: 

Strongest reducing agent (SRA): Mg(s) Mg^+(aq) -f 2 e“ 

Ni(s) ^ NP'^(aq) -f 2 e" 

Ph(s) ^ Pb^+Caq) -f 2 e“ 

Weakest reducing agent: Ag(s) ^ Ag'^(aq) -f e“ 

In Table 1, we observed the reaction from the perspective of the reducing agent 
(the metal). We can also view the reaction from the perspective of the oxidizing agent 
(the ion). In Table 2, we use the results from our set of reactions to rank the reactivi¬ 
ties of the aqueous metal ions with the different metals. 


Table 2 Reactivity of Aqueous Metai ions with Different Metais 


Ion in solution 

Ag+(aq) 

Pb^'+faq) 

Ni^+(aq) 

Mg='+(aq) 

Reacted with 

Mg(s), Ni(s), Pb(s) 

Mg(s), Ni(s) 

Mg(s) 

none 

Reactivity order 




least reactive 


Recall that the oxidizing agent in a redox reaction gains electrons. According to 
the evidence in Table 2, silver ions had the greatest tendency to gain electrons in this 
set of reactions. Therefore, the silver ion is the strongest oxidizing agent in this group. 
Since the magnesium ion did not react with any metal in this set, it is the weakest oxi¬ 
dizing agent. If we now write the half-reaction equations for the metal ions in order 
from strongest to weakest oxidizing agent, we get 



Metals and Metal Ions 

Elemental metals always lose 
electrons in redox reactions to form 
cations (positiveiy charged ions). 

As a resuit, metais are reducing 
agents. Conversely, metal cations 
usually gain electrons to form 
metal atoms. Hence, metal ions are 
usually oxidizing agents. There are 
some exceptions. For example, the 
Iron(ll) Ion can be both oxidized and 
reduced: 

Oxidation: Fe^+(aq) Fe^+(aq) -i- e“ 
Reduction: Fe^+(aq) -i- 2 e“ ^ Fe(s) 


Strongest oxidizing agent (SOA): Ag'^(aq) -f e" ^ Ag(s) 

J Pb"+(aq) -f 2 e“ ^ Pb(s) 

Ni2+(aq) -f 2 e“ ^ Ni(s) 

Weakest oxidizing agent: Mg^+(aq) -f 2 e“ Mg(s) 

Since our two sets of reactions are opposites of each other, we can combine them 
to produce Table 3. The double arrows in these equations indicate that these equations 
can be read from left to right (as reductions) or from right to left (as oxidations). By 
convention, tables of half-reactions are written from left to right as reductions, with the 
electrons on the left. The strongest oxidizing agent (SOA) is found on the top left side 
of Table 3 and the strongest reducing agent (SRA) appears on the bottom right side. 


Table 3 Relative Strength of Oxidizing and Reducing Agents 


SOA Ag+(aq) -f e :^^Ag(s) i 

i 

Decreasing strength I 

Pb^+(aq)-f2e =^^Pb(s) I 

Decreasing strength 

of oxidizing agents I 

I NP+(aq)-f 2e"=^^Ni(s) 

of reducing agents 

i 

' Mg2+(aq) -f 2e =^^Mg(s) SRA 


Based on a great deal of empirical evidence (observations) of redox reactions, 
scientists have organized the metals into an ordered list. You have encountered this 
list as the reactivity series of metals. When the reduction half-reactions are included, 
the arrangement is called a redox (or standard reduction potentials) table. Reactions 
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UNIT TASK BOOKMARK 


How could you use information about 
predicting the spontaneity of a redox 
reaction as you work on the Unit Task 
on page 684? 


occur spontaneously only when the oxidizing agent is combined with a reducing 
agent that is below it on the redox table (Figure 2). For example, for the half-reactions 
shown in Table 3, silver ions were observed to react spontaneously with magnesium 
metal. Notice how a line from the oxidizing agent, Ag’''(aq), to the reducing agent, 
Mg(s), forms a downward diagonal (left to right) on the redox table in Figure 2. Any 
combination of an oxidizing agent with a reducing agent that is above it in Table 3 
does not react spontaneously. For example, when Mg^’''(aq) is the oxidizing agent and 
Ag(s) is the reducing agent, the line joining them would form an upward diagonal 
(left to right) on the redox table. We can therefore predict that no reaction occurs. 



Figure 2 When an oxidizing agent (OA) is above the reducing agent (RA) on the redox table, 
a spontaneous reaction occurs. But when an oxidizing agent is below the reducing agent, no 
spontaneous reaction occurs. As an example, when Ag^(aq) is the oxidizing agent and Mg(s) is the 
reducing agent, a reaction occurs. 


redox table a table listing standard 
reduction potentials of common oxidizing 
agents and reducing agents in order from 
strongest to weakest; standard reduction 
potentials table 


An Expanded Table of Oxidizing and Reducing Agents 

The collection of empirical evidence on various combinations of oxidizing and 
reducing agents has led to the development of an expanded redox table (Table 1 in 
Appendix B7). This redox table, also called a standard reduction potentials table, lists 
some of the most common oxidizing and reducing agents. In all the redox tables in 
this book, the oxidizing agents are listed on the left-hand side of the table with the 
strongest oxidizing agent at the top. Consequently, the reducing agents are on the 
right side with the strongest reducing agent at the bottom. 

We can use a redox table to predict whether a reaction will occur spontaneously 
between an oxidizing agent and a reducing agent, using the method illustrated in 
Figure 2. However, such predictions do not guarantee that a reaction will occur. 
Other factors, such as the nature of the reactants, temperature, or the presence of 
a catalyst, also affect whether a reaction will occur. Tutorial 1 outlines how to use 
a redox table to predict which combinations of oxidizing and reducing agents react 
spontaneously. 


Tutorial 1 Predicting Redox Reactions Using a Redox Table 


In this tutorial, you will use Table 1 in Appendix B7 to predict redox reactions and write 
chemical equations for those that are iikeiy to occur. Since many redox reactions occur in 
solution, hydrogen ions, hydroxide ions, and water may aiso participate in the reaction. 
The foiiowing steps outiine a generai probiem-soiving approach: 

1. List ail of the entities present. 

2. Use Tabie 1 to identify the strongest oxidizing agent in the reaction mixture. Oxidizing 
agents (OA) are iocated on the left side of the tabie. 
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3. Use Table 1 to identify the strongest reducing agent in the reaction mixture. Reducing 
agents are iocated on the right side and the strongest reducing 

agents are toward the bottom of the table. 

4. Predict whether the reaction will occur spontaneously. 

5. Write the half-reaction equations. 

6. Baiance the electrons in each equation, if necessary. 

7. Combine the half-reaction equations to give the overall reaction equation. 

Sample Problem 1 Predicting the Occurrence of a Redox Reaction 
Does a redox reaction occur when copper metal is placed into a solution of nitric acid? If 
it does, write a balanced equation for the reaction. 

Solution 

step 1. List all of the entities present. 

Since nitric acid is a strong acid, it completely ionizes. You must therefore list 
hydrogen ions and nitrate ions instead of HNOaiaq). Therefore, the reaction 
mixture contains 

H'^(aq), N03“(aq), HjOil), and Cu(s). 

Step 2. Use Table 1 to identify the strongest oxidizing agent in the reaction mixture. 

The only equations relating to chemicals in the reaction mixture as oxidizing 
agents are 

N03-(aq) + 2 H+(aq) + e” ^ NOjIg) + HjOil) E% = +0.80 V 

2 H+(aq) + 2 e" ^ H2(g) = 0.00 V 

2 HjOil) + 2 e- ^ H2(g) + 2 OH-(aq) E% = -0.83 V 

Since N03“(aq) occurs highest on the table, N03“(aq) is the strongest oxidizing 

agent. 

Step 3. Use Table 1 to identify the strongest reducing agent in the reaction mixture. 

The only equations relating to chemicals in the reaction mixture as reducing 
agents are 

02(g) + 2 H+(aq) + 4 e” ^ 2 H20(l) E% = +0.70 V 
Cu'+(aq) + 2 e- ^ Cu(s) E°, = +0.34 V 

Since copper occurs lower on the table, copper is the stronger reducing agent. 
Step 4. Predict whether the reaction will occur spontaneously. 

The relative positions of N03“ and Cu do form a downward diagonal to 
the right on Table 1. Therefore, you can predict that the reaction will occur 
spontaneously. 

Step 5. Write the half-reaction equations. 

Remember to reverse the direction of the oxidation reaction. 


Half-Reactions Involving Water 

There are several half-reaction 
equations that include water listed 
in Table 1 in Appendix B7. 

For example, 

S042-(aq) + HjOfI) + 2 e” ^ 

SOj^-faq) + 2 OH-(aq) 
Pr= -0.93 V 

The only equation in which only 
water is reduced is 
2 H20(i)+ 2 e- ^ H2(g) + 2 OH-(aq) 
-0.83 V 

The only equation in which only 
water is oxidized is 
02(g) + 2 H+(aq) + 4e- ^ 2 H20(i) 
Pr= +0.70 V 


Spontaneity of Redox 
Reactions (page 625) 

in this investigation, you wiil 
determine experimentaliy whether a 
redox tabie accurately predicts the 
spontaneity of a redox reaction. 


Reduction: NO3 (aq) + 2 H+(aq) + e ^ N02(g) + H20(l) 

Oxidation: Cu(s) ^ Cu^'^(aq) + 2 e“ 

Step 6. Balance the electrons. 

The number of electrons gained and lost must be equal. You can accomplish 
this by multiplying one or both equations by an integer. In this case, you must 
multiply the reduction half-reaction by 2. 

Reduction: N03“(aq) + 2 H'^(aq) + e“ ^ NOjfg) + HjO® 

2 NOj-faq) + 4 H+(aq) + 2 e" ^ 2 N02(g) + 2 H20(l) 

Oxidation: Cu(s) -> Cu^'^(aq) + 2 e“ ^ 
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step 7. Combine the half-reaction equations to give the overali reaction equation. 
Reduction: 2 NOs'Caq) + 4 H+(aq) + 2 e” ^ 2 NOjCg) + 2 HsO® 
Oxidation: Cu(s) ^ Cu^'^(aq) -i- 2 e“ 

Cu(s) -I- 2 NOa'Caq) -i- 4 H+(aq) 2-e^^ 


Cu2+(aq) + 2-e- + 2 NOjCg) + 2 HjOO) 


The reaction is spontaneous and the balanced equation is 

Cu(s) + 2 N03-(aq) + 4 H+(aq) ^ Cu^+Caq) + 2 N02(g) + 2 HjOO) 


Practice 


1. Identify the half-reactions in each of the following equations, and use them to 
determine if the reaction is spontaneous: ebi 

(a) Co(s) -I- Cu(N03)2(aq) ^ Cu(s) Co(N03)2(aq) 

(b) Br2(l) + 2 Kl(aq) ^ 12(5) + 2 KBr(aq) 

(c) Ni(s) + Zn(N03)2(aq) ^ Zn(s) + Ni(N03)2(aq) 

2. Determine whether copper pipe would react spontaneously with hydrochloric acid. If 
it would, determine the balanced equation for the reaction, d 

3. Does a redox reaction occur when solid calcium is placed into water? If it does, write 
the half-reaction equations, state whether the calcium is oxidized or reduced, and 
write a balanced chemical equation for the reaction, oi 

4. Does a redox reaction occur when a solution of potassium permanganate, 

KMnD4(aq), is poured into a solution of chromium(ll) sulfate, CrSD4(aq), under 
acidic conditions? If it does, write the half-reaction equations and a balanced 
equation for the reaction, m 




Which Bleach Is Best? 


Skills: Questioning, Researching, Evaluating, Communicating, Identifying Alternatives, Defending a Decision 


Chlorine bleach (a solution of sodium hypochlorite, NaCID(aq)) 
has many applications as an oxidizing agent (Figure 3). As you 
saw in the opening of this section, chlorine is used to remove 
hydrogen sulfide from groundwater. It also removes stains 
by oxidizing coloured substances to substances without 
colour. However, because of its reactivity with acids and 
bases, many workplaces have banned the use of chlorine 
bleach, career link 

1. Research the hazards of accidentally mixing chlorine bleach 



C. For which uses is chlorine bleach the better choice and for 
which is hydrogen peroxide better? Give reasons, m d 


with acids or bases. 


2. Research at least five uses of chlorine bleach. 


3. Many workplaces now have replaced chlorine bleach with 
hydrogen peroxide as their primary bleach. Research the use 
of hydrogen peroxide as a replacement for chlorine bleach. 


Figure 3 Containers of chlorine bleach that are sold to consumers 
have HHPS on their labels, which warn of the danger of mixing the 
contents with other chemicals. 


A. Create a table to compare the pros and cons of chlorine 
bleach and hydrogen peroxide bleach, b 


B. What else should also be considered, besides safety, when 
approving a product for use in the workplace? qq d 


m 


WEB LINK 
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Review 


Summary 


• A relative ranking of the strength of oxidizing and reducing agents has been 
developed from empirical evidence. 

• Redox tables list the strongest oxidizing agent in the top left corner of the 
table and the strongest reducing agent in the bottom right corner of the table. 

• Redox tables can be used to predict whether a redox reaction occurs spontaneously. 

Questions 


7 


1. Rank the strength of the following as oxidizing 8. Based on an investigation of four metals and 

agents, going from strongest to weakest: solutions of four metal ions, a student summarized 

Hg^'‘'(aq), Au^’''(aq), Cu^'''(aq), Sn^’''(aq) 013 the observations in Table 4. E2i 


2. Identify a substance that would react spontaneously 
with chromium ions, Cr^’''(aq), to form solid 
chromium metal. 120 

3. Identify which of the following equations 
represent(s) spontaneous reactions: DO 

(a) Cu(s) + Br 2 (l) —> Cu^'''(aq) + 2 Br“(aq) 

(b) 2 Al(s) + 3 Pb"+(aq) ^ 2 AP+(aq) + 3 Pb(s) 

(c) Na+(aq) + Cr^+Caq) ^ Cr^'"(aq) + Na(s) 

4. A student places a piece of solid iron into a solution 
containing copper(II) ions. 120 

(a) Write the chemical equation for the reaction 
that produces iron(II) ions and solid copper. 

(b) Predict whether the reaction is spontaneous. 

5. A geology lab technician mixes a solution of 
potassium permanganate with a solution of iron(II) 
sulfate, under acidic conditions. DO 

(a) List all the possible oxidizing agents in the 
mixture and identify which is the strongest. 

(b) List all the possible reducing agents in the 
mixture and identify which is the strongest. 


Table 4 Observations 


Ion solution 

(aq) 

(aq) 

(aq) 

Cu^+ 

(aq) 

Reacts with 

none 

Ba(s) 

Ba(s), 

Ba(s), 

the following 



Fe(s) 

Fe(s), 

metals: 




Pb(s) 


(a) List the metal ions from strongest to weakest 
oxidizing agent. 

(b) Write the balanced equation for the redox 
reaction of copper(II) ions with solid lead. 

(c) From these observations, what can you 
determine about the strongest reducing agent? 

(d) Gold is a weaker reducing agent than copper. 
Predict how gold metal would react with each 
of the ion solutions in Table 4. 

9. Figure 4 shows what happens when copper is added 
to different concentrations of hydrochloric acid and 
nitric acid. EZl D 


6. A chemists pure gold ring accidentally falls into a 
solution of nitric acid, HN 03 (aq). iSI 

(a) Write the two half-reaction equations for the 
reaction of nitric acid and gold forming a 
solution of Au^^(aq). 

(b) Use the data in a redox table to predict whether 
nitric acid will damage the ring. 

7. Use Table 1 in Appendix B7 to answer the following 
questions: DO 

(a) Predict which combinations of the following 
metals and metal ions react spontaneously: 
Metals: Cu(s), Au(s), Zn(s), Co(s) 



Figure 4 Identical pieces of copper metal are placed in 
hydrochloric acid and nitric acid. A reaction is oniy observed in 
test tube D. After a few minutes the soiution in this test tube 
turns biue, the characteristic colour of the copper(ll) ion. 


Metal ions: Cu’''(aq), Au^’''(aq), Zn^’''(aq), Co^’''(aq) 
(b) Identify the strongest reducing agent and 
oxidizing agent in (a). Justify your answer. 


(a) Use the Table 1 in Appendix B7 to justify the 
difference between the reactivity of copper in 
hydrochloric acid and its reactivity in nitric acid. 

(b) Suggest an explanation for the difference in 
reactivity in the two nitric acid solutions. 
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Investigations 



OBSERVATIONAL STUDY 


Single Displacement Reactions 

In this investigation, you will study and observe some 
single displacement reactions that are redox reactions. 
Remember that in a single displacement reaction, one 
element is replaced by another in a compound. You 
will test several combinations of metals and metal ions. 
From each combination, you will collect evidence that 
indicates whether or not a reaction occurred. You will use 
this evidence to rank the metal ions according to their 
strength as an oxidizing agent. The metal ion that reacts 
with the most metals will be the strongest oxidizing agent. 

In this investigation, staples are used as a source of 
iron. Staples are made of steel, which is an alloy of mostly 
iron and carbon. Iron can be oxidized to form two ions: 
iron(II) and iron(III). For this investigation, assume that 
only iron(II) forms. 

Purpose 

To rank the strength of four oxidizing agents (Cu^'''(aq), 
Fe^^(aq), Zn^'^(aq), and Mg^^(aq)) by observing their 
behaviour in a single displacement reaction with a metal 

Equipment and Materials 

• chemical safety goggles 

• lab apron 

• 24-well plate 

• sandpaper 

• dropper bottles containing solutions of 

- copper(II) nitrate, Cu(N 03 ) 2 (aq) (0.1 mol/L) © @ 

- iron(III) nitrate, Fe(N 03 ) 3 (aq) (0.1 mol/L) @ 

- zinc nitrate, Zn(N 03 ) 2 (aq) (0.1 mol/L) @ 

- magnesium nitrate, Mg(N 03 ) 2 (aq) (0.1 mol/L)@ 

• 2 copper strips, Cu(s) 

• 2 staples, Fe(s) 

• 2 zinc strips or pieces of zinc shot, Zn(s) 

• 2 short pieces of magnesium ribbon, Mg(s) 

All of the solutions are irritants. Copper(li) nitrate is 
also toxic. Avoid skin and eye contact. If you spill these 
chemicals on your skin, wash the affected area with plenty 
of cool water and inform your teacher. 




• Planning 

• Controlling 



• Hypothesizing 

• Predicting 

2. Ask your teacher to approve your procedure before 
continuing. 

3. Perform your procedure, recording your observations 
in an appropriate table. 

Analyze and Evaluate 

(a) Write a net ionic equation for each reaction observed 
in this investigation. Dl 

(b) Rank the metal ions in order from strongest to 
weakest oxidizing agent. Bi 

(c) How might your results be affected if you did not 
clean the metal with sandpaper prior to use? BIl 

(d) A student placed the four metals in a solution 
of lead(II) nitrate and found that only zinc and 
magnesium reacted. Predict where Pb^'''(aq) would 
fit in your ranking in (b). Bi 

(e) Evaluate the design of your investigation. Are there 
any flaws in your procedure? What effect would this 
flaw have on your results? BD 

Apply and Extend 

(f) A student performed a similar experiment using 
halogens and halide ions instead of metals and metal 
ions. Table 1 shows the observations. 

Table 1 Observations of Halogen Reactivity in Halide Solutions 



Halogen 

Halide ion 

Btzfaq) 

Cl2(aq) 

l2(aq) 

l-(aq) 

yellow- 

brown 

precipitate 

yellow-brown 

precipitate 

no reaction 

occurs 

Cl-(aq) 

no reaction 

occurs 

no reaction 

occurs 

no reaction 

occurs 

Br(aq) 

no reaction 

occurs 

yellow-brown 

precipitate 

no reaction 

occurs 


Procedure 

1. Plan a procedure as a series of numbered steps. Make 
sure that you clearly identify the quantities and 
equipment that you will use. 


Create a table similar to the one you created with 
your observed results in order from strongest to 
weakest oxidizing agent. Dl D 
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V CONTROLLED EXPERIMENT 



Spontaneity of Redox Reactions 

In this investigation, you will use a redox table to 

• Questioning 

• Researching 

• Hypothesizing 

• Predicting 

• Planning 

• Controlling Variables 

• Performing 

• Observing 

• Analyzing 

• Evaluating 

• Communicating 

predict whether a number of redox reactions will occur 
spontaneously. You will then test your predictions. 

Procedure 


handSdok lx ai,a2.2 


Testable Question 

Can a redox table be used to successfully predict the 
spontaneity of redox reactions? 

Prediction 

Predict the combinations of reactants that will 
spontaneously react. Then, write the balanced chemical 
equations for the reactions. 

Variables 

Identify all variables that will be measured and/or 
controlled in the experiment, specifying the independent 
and dependent variables. 

Experimental Design 

Conduct an investigation to determine the spontaneity 
of five redox reactions. In each case, you will mix an 
oxidizing agent and a reducing agent, and predict whether 
the reaction will proceed spontaneously. Then, you will 
perform the reaction to test your prediction. 

Equipment and Materials 

• chemical safety goggles 

• lab apron 

• 5 test tubes 

• test-tube rack 

• dropper bottles containing solutions of 

- 3 % hydrogen peroxide, H202(aq) 

- iron(II) sulfate, FeS 04 (aq) (0.1 mol/T) @ 

- distilled water 

- copper(II) sulfate, CuS 04 (aq) (0.1 mol/L) © @ 

- potassium iodide, Kl(aq) (0.1 mol/L) 

- acidified potassium permanganate, KMn 04 (aq) 
(0.1 mol/L) @ 

• calcium pellets, Ca(s) 

• aluminum foil, Al(s) 

• copper strip, Cu(s) 


Copper(ll) sulfate is both toxic and an irritant. Iron(ll) sulfate 
and potassium permanganate are irritants. Avoid skin and eye 
contact. If you spill these chemicals on your skin, wash the 
affected area with plenty of cool water and inform your teacher. 


Put on your safety goggles and lab apron. 

Fill each test tube to a depth of 1 cm (~20 drops) with 
Reactant A for each reaction listed in Table 1. 

Table 1 Combinations of Reactants 


Reaction 

Reactant A 

Reactant B 

1 

HjOjfaq) 

Kl(aq) 

2 

FeS04(aq) 

KMn04(aq), H+(aq) 

3 

HzOd) 

Ca(s) 

4 

CuS04(aq) 

Al(s) 

5 

H202(aq) 

KMn04(aq), H+(aq) 


© 


3. Add Reactant B dropwise (or add about 0.25 g of 
the solid reactants) until you observe evidence of a 
reaction or until 10 drops are added. Record your 
observations. 

Analyze and Evaluate 

(a) Identify the manipulated variables, the responding 
variables, and the controlled variables. Dl 

(b) Answer the testable question. QEl 

(c) Identify the entities that acted as oxidizing agents and 
those that acted as reducing agents. EiD 

(d) Identify any entities that acted as both oxidizing and 
reducing agents. EZD 

(e) Did your observations support your predictions in 
each case? Attempt to account for any observations 
that differed from your predictions. BD 

(f) In your opinion, is a redox table a reliable tool to 
predict the spontaneity of a reaction? Explain. DD 

Apply and Extend 

(g) Design a procedure to test the identity of the products 
in each of the reactions you have performed. Include 
safety precautions. With your teacher’s approval, 
conduct the tests. Compare your observations to the 
expected results. DD 
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SUMMARY 


Summary Questions 


1. Create a concept map for this chapter based on the 
Key Concepts on page 598. For each main concept, 
create three or four sub-concepts that provide further 
information, relevant examples, explanatory diagrams, 
or general equations. 

2. Look back at the Starting Points questions on page 
598. Answer these questions using what you have 
learned in this chapter. Compare your latest answers 
with those that you wrote at the beginning of the 
chapter. Note how your answers have changed. 


3. Some students find the terms “oxidation,” “reduction,” 
“oxidizing agent,” and “reducing agent” confusing. 
Develop a poem or mnemonic to help remember the 
meaning of each term. 

4. Devise a game involving cards representing a wide 
variety of elements and compounds listed in a redox 
table. A player picks two cards, refers to the redox 
table to determine whether or not a reaction will 
occur, and moves a marker around a game board 
accordingly. 


Vocabulary 


oxidation (p. 600) 
reduction (p. 600) 


oxidation-reduction (redox) 
reaction (p. 600) 
half-reaction equation (p. 600) 


oxidation number (p. 602) 
oxidizing agent (p. 605) 


reducing agent (p. 605) 
redox table (p. 620) 



Grade 12 Chemistry can lead to a wide range of careers. Some require a coiiege dipioma skills 

or a B.Sc. degree. Others require specialized or postgraduate degrees. This graphic handbook 

organizer shows a few pathways to careers mentioned in this chapter. 


1. Seiect two careers related to Oxidation-Reduction Reactions that you find interesting. 
Research the educationai pathways that you would need to foliow to pursue these 
careers. What is invoived in the required educationai programs? Prepare a brief report 
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SELF-QUIZ 


QID Knowledge/Understanding Dl Thinking/Investigation 


Communication D Application 


For each question, select the best answer from the four 
alternatives. 

1. Which of the following statements is true for a redox 
reaction? (9.1) 121!] 

(a) A substance undergoing oxidation gains electrons 
and a substance undergoing reduction loses 
electrons. 

(b) A substance undergoing reduction gains electrons 
and a substance undergoing oxidation loses 
electrons. 

(c) The oxidizing agent is oxidized. 

(d) The substances always change their physical state. 

2. What is the oxidation number of C in CH 2 O? (9.1) I2ID 

(a) -2 

(b) -1 

(c) 0 

(d) 2 

3. How many electrons are transferred in the reaction 
represented by the following equation? (9.1) QQ 
CH4(g) + 2 02 (g) ^ C02(g) + 2 H20(g) 

(a) 0 

(b) 2 

(c) 4 

(d) 8 

4. Which of the following statements is NOT true of an 
oxidizing agent? (9.1) QQl 

(a) It becomes reduced. 

(b) It causes the reduction of another entity. 

(c) Its oxidation number decreases. 

(d) It gains electrons. 

5. Which of the following is a balanced chemical 
equation correctly representing the reaction between 
copper(II) ions and hydrogen gas? (9.2) da 

(a) Cu(s) + H 2 (g) ^ Cu^+(aq) + 2 H+(aq) 

(b) Cu(s) + 2 H'^(aq) —> Cu^'^(aq) + 2 H 2 (g) 

(c) Cu^+(aq) + H 2 (g) ^ Cu(s) + 2 H+(aq) 

(d) Cu^+(aq) + H 2 (g) ^ Cu(s) + H+(aq) 

6. Which of the following metals is the strongest 
reducing agent? (9.3) dS 

(a) Cr(s) 

(b) Fe(s) 

(c) Au(s) 

(d) Ni(s) 


7. Which of the following lists reducing agents from 
strongest to weakest? (9.3) dU 

(a) Al(s), Pb(s), Sn(s), Cu(s) 

(b) Al(s), Sn(s), Pb(s), Cu(s) 

(c) Cu(s), Al(s), Pb(s), Sn(s) 

(d) Cu(s), Al(s), Sn(s), Pb(s) 

8 . Which of the following redox reactions is NOT 
spontaneous? (9.3) dS 

(a) Ni"+(aq) + Ca(s) ^ Ca^+(aq) + Ni(s) 

(b) Pb"+(aq) + Zn(s) ^ Zn"+(aq) + Pb(s) 

(c) Ni2+(aq) + Pb(s) ^ Pb2+(aq) + Ni(s) 

(d) Pb^'''(aq) + Sn(s) —> Sn^’''(aq) + Pb(s) 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

9. In the perchlorate ion, C 104 “(aq), the chlorine atom 
has an oxidation number of +5. (9.1) dD 

10. In the molecule CH 3 CH 2 OH, carbon has an oxidation 
number of -2. (9.1) dD 

11. In the combustion of methane, CH 4 (g) + 2 02 (g) —> 
C 02 (g) + 2 H 20 (g), oxygen is oxidized. (9.1) dD 

12. In the oxidation of iron, 4 Fe(s) + 3 02 (g) 

2 Fe 203 (s), the metal is the reducing agent. (9.1) dD 

13. A chemical equation is said to be balanced if the 
number of electrons lost by oxidation is equal to the 
number of electrons gained by reduction. (9.2) dD 

14. Using the oxidation numbers method to balance a 
redox reaction, you must assign oxidation numbers to 
the atoms in the reaction. (9.2) dD 

15. The reaction between nickel metal and magnesium 
ions is spontaneous. (9.3) dD 

16. Silver, Ag(s), is a stronger reducing agent than nickel, 
Ni(s). (9.3) dD 

17. The following is a list of oxidizing agents from 
strongest to weakest: Ag'^(aq), Mg^'^(aq), Cu^’^(aq), 
and Pb^^(aq). (9.3) dD 


I Go to Nelson Science for an online self-quiz. 

WEB LINK 
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REVIEW 


QIS Knowledge/Understanding ESI Thinking/Investigation 


Communication D Appiication 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. Which of the following equations represents an 
oxidation half-reaction? (9.1) 019 

(a) Na(s) —>■ Na’^(aq) -f e“ 

(b) e“ -f Ag+(aq) ^ Ag(s) 

(c) H+(aq) + OH-(aq) ^ HjOCl) 

(d) Cu(s) -f 2 Ag+(aq) -J- 2 Ag(s) + Cu^+(aq) 

2. How many electrons are transferred in the reaction of 
nickel with copper(II) chloride? 

Ni(s) + CuCljCaq) ^ Cu(s) -f NiCl 2 (aq) (9.1) m 

(a) 0 

(b) 1 

(c) 2 

(d) 3 

3. What is the oxidation number of carbon in 
CH30H(1)? (9.1) m 

(a) -2 

(b) -1 

(c) 1 

(d) 2 

4. Which of the following chemical equations correctly 
represents the balanced chemical reaction between 
lead(II) oxide and ammonia? (9.2) 013 

(a) 3 PbO(s) -f 2 NH 3 (g) ^ N 2 (g) -f H 20 (l) -f Pb(s) 

(b) PbO(s) -f NH 3 (g) ^ N 2 (g) + H 20 ( 1 ) -f Pb(s) 

(c) 3 PbO(s) -f 2 NH 3 (g) ^N 2 (g) + 3 H 20 ( 1 ) -f 3 Pb(s) 

(d) PbO(s) + 2 NH 3 (g) ^N 2 (g) + H 20 ( 1 ) + 3 Pb(s) 

5. Which of the following chemical equations correctly 
represents the redox reaction of permanganate 
ions, Mn 04 “(aq), with iodide, I~(aq), under acidic 
conditions? (9.2) QQ 

(a) 2 I“(aq) -I- 2 Mn 04 “(aq) ^ 

l2(s) + 8 H20(1) + 2 Mn2+(aq) 

(b) 10 I"(aq) + 16 H’^(aq) + 2 Mn 04 “(aq) —> 

5 l 2 (s) + 8 H20(1) + 2 Mn2+(aq) 

(c) I"(aq) -f Mn 04 “(aq) —> 12 ( 5 ) + 2 Mn^’^(aq) 

(d) 21 "(aq) + 2 Mn 04 “(aq) ^ 

12(5) -f 8 02(g) + 2 Mn 2 +(aq) 

6 . Which is the correct balanced half-reaction equation 
for the reduction of gold from its ion, Au^^(aq), to its 
solid metallic form? (9.2) QQ 

(a) Au^+(aq) ^ Au(s) 

(b) Au^^(aq) ^ 3 e“ -f Au(s) 


(c) Au^’''(aq) + 2e“—>-Au^(s) 

(d) Au^’''(aq) + 3 e“ —>■ Au(s) 

7. Which of the following elements is the strongest 
oxidizing agent? (9.3) BZ] 

(a) F2(g) 

(b) Cl 2 (g) 

(c) Br2(l) 

(d) l 2 (s) 

8 . Which of the following equations represents the 
oxidation reaction of the strongest reducing 
agent? (9.3) BQ 

(a) Au(s) ^ Au^’^(aq) -f 3 e“ 

(b) Ca(s) ^ Ca^’^(aq) -I- 2 e“ 

(c) Au^’^(aq) -f 3 e" —>■ Au(s) 

(d) Ca^’^(aq) + 2 e~ Ca(s) 

9. Which of the following equations represents a 
spontaneous redox reaction? (9.3) BID 

(a) Ni2+(aq) -f Cd(s) ^ Cd2+(aq) -f Ni(s) 

(b) Ni^’''(aq) + Sn(s) ^ Sn^'''(aq) + Ni(s) 

(c) Cd2+(aq) -f Ni(s) ^ NP+(aq) -f Cd(s) 

(d) Cd^’''(aq) + Sn(s) ^ Sn^’''(aq) + Cd(s) 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

10. In the carbonate ion, C 03 ^“(aq), carbon has an 
oxidation number of -1-2. (9.1) BID 

11. In the reaction of iron with oxygen to produce solid 
iron(III) oxide, iron is oxidized. (9.1) BID 

12. In the combustion of methane, oxygen is the reducing 
agent. (9.1) BID 

13. In all redox reactions, the number of electrons lost by 
oxidation is equal to the number of electrons gained 
by reduction. (9.2) BID 

14. The following net ionic equation is balanced: (9.2) BID 
Cr 207 ^"(g) + 14H’^(aq) -f 3 Cu(s) —>■ 

3 Cu2+(aq) -f 2 Cr^+(aq) -f 7 H 20 (l) 

15. Redox reactions can be balanced using the oxidation 
numbers method or the net ionic equation method. 

(9.2) BID 

16. The reaction of Cu^^(aq) and I~(aq) is spontaneous. 

(9.3) m 

17. Zinc sulfate, ZnS 04 (aq), is a stronger oxidizing agent 
than iron(II) chloride, FeCl 2 (aq). (9.3) BID 

18. In a redox table, the strongest reducing agent is 
located on the bottom right side of the table. (9.3) BID 
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Match each term on the left with the most appropriate 
description on the right. 

19. (a) oxidation (i) a substance that causes 

(b) reduction oxidation 

(c) metal ion (ii) what happens to metal 

(d) oxidation number ions when they become 

elements 

(iii) the part of a reaction 
in which the oxidation 
number increases 

(iv) a reaction in which 
electrons are exchanged 
between entities 

(v) usually an oxidizing agent 

(vi) a substance that is oxidized 

(vii) a way of keeping track of 
electrons (9.1) QID 

Write a short answer to each question. 

20. Write the oxidation and reduction half-reaction 
equations for the reactions represented by each of the 
following equations: (9.1) EBl 

(a) Cu’^(aq) -f Cr^’^(aq) —>■ Cu(s) + Cr^’^(aq) 

(b) Fe(s) -f Au^'^(aq) —> Au(s) + Fe^’^(aq) 

(c) Br 2 (l) + 2 Nal(aq) ^ l 2 (s) -f 2 NaBr(aq) 

21. Determine the oxidation number of the specified 
element in each of the following compounds: (9.1) EZa 

(a) BrinAgBr(s) 

(b) O in NaOH(s) 

(c) N in HCN(g) 

(d) C in H 2 C 204 (aq) 

(e) S in H 2 S 03 (aq) 

22. Identify the oxidation numbers of all elements in each 
of the following molecules: (9.1) DD 

(a) NCI 3 

(b) Se 02 

(c) SiS 2 

(d) SF, 

(e) SCI 2 

23. Identify the oxidation numbers of all elements in each 
of the following ions: (9.1) Dl 

(a) OH" 

(b) CIO 3 - 

(c) 0102 " 

(d) so/- 

(e) S 208 ^- 

(f) C2H302" 


24. Determine which of the following equations represent 
redox reactions: (9.1) BQ 

(a) Cu(s) + 2Ag+(aq) ^2Ag(s) + Cu^+(aq) 

(b) Pb"+(aq) -F S 04 ""(aq) ^ PbS 04 (s) 

(c) Ca2+(aq) -F 2 N 03 "(aq) ^ Ca(N 03 ) 2 (s) 

(d) Ca(s) -F Fe2+(aq) ^ Fe(s) -F Ca^+(aq) 

(e) sodium metal - 1 - chlorine gas —> sodium chloride 
solution 

(f) sodium sulfide solution + copper(II) nitrate 
solution —> solid copper(II) sulfide + sodium 
nitrate solution 

25. Gold(III) ions react with water according to the 
following unbalanced equation: 

H20(1) -F Au^+(aq) ^ 02 (g) + Au(s)(9.2) m 

(a) Write the half-reaction equations for this 
reaction. 

(b) Write the balanced net ionic equation. 

26. For the following redox reactions, write the two half¬ 
reaction equations: (9.2) BB 

(a) Cu^’^(aq) -F Pb(s) ^ Pb^’^(aq) -F Cu(s) 

(b) 2HN02(aq) + 4H+(aq) + 2 Fe(s) ^ 

2 Fe2+(aq) + N20(g) + 3 H20(l) 

(c) 02 (g) + 2 H20(1) + 2 Co(s) ^ 

2 Co2+(aq) -F 4 OH"(aq) 

(d) Br 2 (l) + Ag(s) ^ 2 Br-(aq) + Ag+(aq) 

(e) Fe^+(aq) -F Al(s) ^ AP+(aq) -F Fe(s) 

(f) H 2 S(aq) + Na+(aq) ^ S(s) + Na(s) 

(g) Mn 04 -(aq) + Zn(s) + 2 H20(l) ^ 

Mn02(s) -F Zn2+(aq) -F 4 0H"(aq) 

27. Consider the high-temperature reaction between 
nickel metal and chlorine gas, to form gaseous 
nickel(II) chloride. (9.2) Dl 

(a) Using oxidation numbers, determine how many 
electrons each nickel atom will lose. 

(b) How many electrons will each chlorine atom gain? 

(c) Write the balanced chemical equation for this 
reaction. 

28. Calcium metal reacts spontaneously with water. Write 
the half-reactions plus the net ionic equation for this 
reaction. (9.2) E2B 

29. Place the following entities in order of increasing 
strength as oxidizing agents (at SATP): (9.3) BID EZl 
Cd2+(aq), I 03 -(aq), K+(aq), H20(l), AuCl 4 -(aq), l 2 (s) 

30. Place the following entities in order of increasing 
strength as reducing agents (at SATP): (9.3) BID DB 
Cu+(aq), F"(aq), H20(l), l 2 (s), K(s) 


(e) oxidizing agent 

(f) reducing agent 

(g) redox reaction 
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31. (a) Which of the following pairs of substances, 

when combined, would result in a spontaneous 
chemical reaction? 

(i) K'^(aq) and Na(s) 

(ii) Cr^’^(aq) and K(s) 

(iii) Pb^’^(aq) and Fe(s) 

(iv) Ag(s) and Sn^’^(aq) 

(b) For each reaction above that you predict will occur, 
write a balanced chemical equation. (9.3) Di 

32. From the redox tables, identify all substances that 
would be able to react spontaneously with a solution 
of aluminum ions. (9.3) 013 

Understanding 

33. Describe, in three or four sentences, the features 
of a redox reaction. Include the terms “oxidation,” 
“reduction,” “oxidation number,” “oxidizing agent,” 
and “reducing agent.” (9.1) QID 

34. Is a hydrocarbon combustion reaction a redox 
reaction? Support your answer using an example, 
a balanced chemical equation, and reference to 
oxidation numbers. (9.1) Dl 

35. Rank the following compounds from lowest to highest 
oxidation number of the nitrogen atom: (9.1) Bl 
HNO 3 , NH 4 CI, N 2 O, NO 2 , and NaN 02 

36. (a) Use a graphic organizer to compare the roles 

of reducing agents and oxidizing agents in a 
chemical reaction. 

(b) Would you predict that oxygen gas is a 

reducing agent or an oxidizing agent? Explain. 

37. Explain why some reactions involving ions are redox 
reactions and others are not. Clearly outline how 
you can tell whether the reaction is a redox 
reaction. (9.2) QQ ESI 

38. When iron metal is placed in silver solution, the 
following reaction occurs: 

Fe(s) + Ag+(aq) ^ Fe^+(aq) + Ag(s) 

Is the above equation balanced? Explain your 
reasoning. (9.2) DD 

39. Is the following chemical equation balanced? Explain. If 
it is not balanced, write the balanced equation. (9.2) EBl 
AgN 03 (aq) + Cu(s)^ Ag(s) + Cu(N 03 ) 2 (aq) 

40. Ammonia gas undergoes a combustion reaction with 
oxygen to produce gaseous nitrogen dioxide and 
water vapour. (9.2) DD 

(a) Write an unbalanced (skeleton) equation for this 
reaction. 

(b) Determine the oxidation numbers of each 
element in the reaction, as reactant and product. 


(c) Write the oxidation and reduction half-reactions. 

(d) Write the balanced chemical equation for the 
reaction. 

41. A student in your class missed the lesson on how to 
determine oxidation numbers. Using either a flow 
chart or a series of steps, outline the procedure for 
determining oxidation numbers. Use sodium sulfate 
as the example. (9.1) E2i B 

42. For each of the following reactions, write the oxidation 
half-reaction equation, the reduction half-reaction 
equation, and the balanced net ionic equation: (9.2) E2I 

(a) Cu"+(aq) -f Pb(s) ^ Pb"+(s) -f Cu(s) 

(b) HN 02 (aq) -f H+(aq) -f Fe(s) ^ 

Fe^+(aq) -f N 20 (g) -f H 20 (l) 

(c) 02 (g) + H 20 ( 1 ) -f Co(s)^ Co2+(aq) -f OH“(aq) 

43. (a) Create a flow chart to illustrate the steps in the 

oxidation numbers method of balancing redox 
reaction equations. 

(b) Apply your steps to balancing the following 
equation: 

N 03 "(aq) -f As 03 ^"(aq) —>-NO(g) -f AsO/“(aq) 

44. Balance the reactions represented by the following 
equations: (9.2) DD 

(a) Ni"+(aq) -f Al(s) ^ AP+(aq) -f Ni(s) 

(b) Mn 04 “(aq) -f Ni(s) ^ Mn 02 (s) + Ni2+(aq) 

(in basic solution) 

(c) S 04 ^“(aq) -f Sn^'''(aq) —>■ 803 ^ “(aq) -f Sn^’''(aq) 

(in acidic solution) 

(d) Br 2 (l) + Ag(s) ^ 2 Br“(aq) -f Ag+(aq) 

(e) Fe^^(aq) -f Al(s) —> AP’''(aq) -f Fe(s) 

(f) H 2 S(aq) -f Na+(aq) ^ S(s) + Na(s) 

(in acidic solution) 

(g) Mn 04 “(aq) -f Zn(s) —> Mn 02 (s) -f Zn^'''(aq) 

(in basic solution) 

45. Balance the following equations using either the 
oxidation numbers method or the half-reactions 
method: (9.2) DD 

(a) Mn 04 "(aq) -f C 204 ^"(aq) —>■ 

Mn^'^(aq) + C 02 (g) + H 20 (l) (in acidic solution) 

(b) Mn 04 -(aq) + CN-(aq) ^ Mn 02 (s) + OCN-(aq) 
(in basic solution) 

(c) Pb(s) + Pb 02 (s) ^ 2 Pb^’^(aq) (in acidic solution) 

46. Can the following reaction occur spontaneously? 
Explain. 

2 CuN 03 (aq) -f Ni(s) ^ 2 Cu(s) -f Ni(N 03 ) 2 (aq) 

(9.3) 133 

47. Rank the following metals from strongest to weakest 
reducing agent and explain your reasoning: (9.3) DD 
Al(s), Pb(s), Cu(s), Ca(s), Cd(s), Cr(s) 
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48. If you were testing several metal ions, how would 
you be able to identify which ion was the strongest 
oxidizing agent? (9.3) DD 

49. Using a graphic organizer or in point form, summarize 
the similarities and differences among a strong reducing 
agent, a weak reducing agent, a strong oxidizing agent, 
and a weak oxidizing agent. (9.3) EZa D 

Analysis and Application 

50. For each reaction described by the equations below, 
determine the oxidation number of each atom in 
the reactants and products, the number of electrons 
transferred, and the oxidizing and reducing agents: 
(9.1) E211 

(a) 4 Fe(s) + 3 02 (g) ^ 2 Fe 203 (s) 

(b) NiO(s) + H 2 (g) ^ Ni(s) + H20(l) 

(c) Fe 203 (s) + 3 CO(g) ^ 2 Fe(s) + 2 C02(g) 

(d) Cu(s) + 4 HN 03 (aq) ^ 

Cu(N 03 ) 2 (aq) + 2 H20(l) + 2 N02(g) 

51. The atmosphere of Earth contains many oxidizing 
agents, whereas the atmospheres of many other 
planets, such as Saturn, are described as “reducing 
environments.” (9.1) EBID 

(a) Suggest which gases account for the oxidizing or 
reducing atmospheres of Earth and Saturn. 

(b) Predict how the carbon atom in a compound 
such as methanol, CH3OH, would behave in each 
type of environment. 

52. Is the process of photosynthesis a redox reaction? 
Justify your answer. (9.1) QQ D 

53. Indicate the substance that is oxidized and the 
substance that is reduced in each of the reactions 
represented by the following unbalanced equations. 
Include the number of electrons transferred for each 
half-reaction. (9.1) EZIB 

(a) Agl(s) -f Cr2+(aq) ^ Ag(s) -f r(aq) -f Cr^'"(aq) 

(b) Ni^^(aq) + Al(s) ^ Al^'^(aq) + Ni(s) 

(c) Mn 04 "(aq) -f Ni(s) ^ Mn02(s) + Ni"'"(aq) 

(d) S 04 ^"(aq) -F Sn2+(aq) ^ S 03 ^“(aq) -F Sn^+(aq) 

54. A piece of calcium metal is accidentally dropped into 
a sink full of water in a laboratory (9.3) Ba B D 

(a) Write the half-reactions for the potential reaction. 

(b) Predict whether a reaction will take place. If you 
think a reaction will occur, write the net ionic 
equation for the reaction. 

(c) What would you expect to observe in this 
situation? 

(d) What test could you perform to confirm your 
predictions? 


55. The following chemical equations represent a series of 
redox reactions: (9.2) BO 

(i) AgN 03 (aq) -F Cu(s) ^ Cu(N 03 ) 2 (aq) -F Ag(s) 

(ii) HCl(aq) -F Zn(s) ^ ZnCl 2 (aq) -F H 2 (g) 

(iii) Pe 304 (s) + CO(g) ^ C 02 (g) + Fe(s) 

(iv) HN 03 (aq) -F Cu(s) ^ 

NO(g) -F Cu(N03)2(aq) -F H20(l) 

(a) For each equation, suggest a laboratory procedure 
to conduct the reaction. 

(b) Write a balanced chemical equation for each 
reaction. 

56. Chlorine bleach, which is a solution of sodium 
hypochlorite, NaOCl(aq), and solutions of ammonia, 
NH 3 (aq), may both be used as household cleaners. 

You should never mix cleaners containing these 
compounds, since they may react and release 
dangerous gases. In chlorine bleach, the hypochlorite 
ion reacts with water to form an equilibrium system 
involving hypochlorous acid, HOCl(aq): 

OCr(aq) -F H 20 (l) ^^HOCl(aq) -F OH“(aq) 
Hypochlorous acid reacts with ammonia to produce 
gaseous or volatile chloroamine compounds such 

as dichloramine, NHCI 2 , and nitrogen trichloride 
(trichloramine), NCI3. Chloroamines are dangerous 
because they are strong respiratory irritants. The 
particular chemical reaction that occurs depends on the 
pH of the reaction mixture. The following unbalanced 
equations represent two possible reactions that can occur: 
HOCl(aq) + NH 3 (aq) ^ NHCl 2 (g) + H 20 (l) 
HOCl(aq) -F NH 3 (aq) ^ NCl 3 (l) -F H 20 (l) 

(9.1, 9.2) mB 

(a) For each chemical equation, determine the 
oxidation number of each of the atoms in the 
reaction, and then balance the equation. 

(b) Predict which of these reactions would occur if 
equal volumes of household bleach and ammonia 
solution (of equal concentrations) were mixed. 

57. A research technician prepared several solutions to use 
in chemical analysis, as outlined below. Each of the 
solutions was stored in a different type of container. 

(i) iron(III) sulfate in a copper flask 

(ii) copper(II) chloride in an iron drum 

(iii) tin(II) chloride in a copper flask 

(iv) silver nitrafe in a copper flask (9.3) ™ ■■ 

(a) Predicf whefher the technician will notice any 
changes a day later. Explain your reasoning. 

(b) For each solution that you predict will react, what 
evidence of change do you think the technician 
will observe? 

(c) Write a balanced equation for each predicted 
reaction. 
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58. A chemistry teacher found three unknown pieces of 
metal in the school cupboard. To identify the metals, 
the teacher tested each of them in solutions of various 
metal salts. Table 1 shows which metals reacted with 
which metal ion. (9.3) ED D 


Table 1 Summary of Reactions of Metals 
X, Y, and Z with Fe^’^(aq), Mg^'"(aq), and Ag+(aq) 


Metal Ion 

X 

Y 

Z 

Fe^*(aq) 

yes 

no 

yes 

Mg^ftaq) 

no 

no 

no 

Agftaq) 

yes 

yes 

yes 


(a) According to the evidence, which of the metals is 
the strongest reducing agent? Explain. 

(h) According to the evidence, which of the ions is 
the strongest oxidizing agent? Explain. 

59. Plants require nitrogen for healthy growth 

(Figure 1). They obtain this nitrogen from nitrates 
and nitrites in the environment. Nitrates are ionic 
compounds containing the nitrate ion, NO 3 ', and 
nitrites are ionic compounds containing the nitrite 
ion, NO 2 A Nitrates and nitrites arise naturally in the 
environment through a series of reactions. First, at 
high temperatures produced by lightning, gaseous 
nitrogen and oxygen in the atmosphere react and 
produce nitrogen monoxide, NO(g). Then, nitrogen 
monoxide reacts with more oxygen gas to produce 
nitrogen dioxide, N 02 (g). Finally, nitrogen dioxide 
reacts with water vapour to produce nitric acid, 
HN 03 (aq), and nitrous acid, HN 02 (aq). Dilute 
solutions of these acids supply the nitrate and nitrite 
ions that plants can take up and use. (9.1, 9.3) QQ D 



Figure 1 A nitrogen-deficient plant 

(a) Determine the oxidation state of nitrogen in each 
nitrogen-containing compound in this series of 
reactions. 


(b) Is nitrogen oxidized or reduced during this series 
of reactions? 

(c) State the oxidizing agent or reducing agent that 
acts on the nitrogen atom. 

(d) Gardeners often use chemical or organic fertilizers 
to add nitrates and nitrites to soil. Suggest a 
reason for this, referring to the reactions that 
produce these compounds naturally. 

60. During an investigation, a forensics technician finds 
a sample of a pure, grey metal. From its colour, she 
knows the metal can only be magnesium, aluminum, 
or nickel. (9.3) m 

(a) Design an experiment to identify the metal. List 
all necessary equipment and materials. Identify 
the manipulated and responding variables. Write 
a step-by-step procedure that includes any safety 
precautions. 

(b) Write a balanced equation for any chemical 
reactions that could occur during your 
experimental procedure. 

61. (a) Predict which pure metal would be most resistant 

to corrosion or oxidation. 

(b) Is the metal you identified in (a) useful as a 
roofing material? Why or why not? (9.3) QQ D 

Evaluation 

62. Look carefully at Table 2. Are all of the compounds 
in the correct place? If not, identify any substances 
that are in the wrong location. Be sure to include your 
reasoning and determine the proper location. (9.3) ESI 


Table 2 Ranking of Selected Ionic Compounds as 
Oxidizing Agents 


Compound 


ZnCyaq) 

Strongest oxidizing agent 

1 

Weakest oxidizing agent 

CuCljtaq) 

NiCIztaq) 

CoCIstaq) 

AlCMaq) 

NaCI(aq) 


63. You have been asked to select the strongest reducing 
agent from the following chemicals, using empirical 
evidence: (9.3) Dl D 

Co(s), Sn(s), Ca(s), Cu(s), H 2 (g), and H 2 S 03 (aq) 

(a) Predict which substance is the strongest reducing 
agent. Explain your reasoning. 

(b) Design a procedure to collect the necessary 
evidence. Include safety precautions and expected 
observations. 
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64. A fellow student argues that, because all metals (except 
gold) form oxides, all of the following metals will react 
spontaneously with oxygen dissolved in water: (9.3) EZa 
Ag(s), Cd(s), Al(s), Fe(s) 

Is this student correct? Refer to Table 1 in Appendix 
B7 to support your answer. 

Reflect on Your Learning 

65. Think about what you already knew about oxidation 
and reduction before you studied this chapter. Did you 
have any ideas that were incorrect? If so, what were 
they? How did the information in this chapter help 
you identify and correct your misconceptions? D 

66. Make a poster, comic strip, or other product to explain 
to your peers how an understanding of redox reactions 
could be useful in their everyday lives. B D 

67. What concept or concepts in this chapter did you find 
most interesting? Explain. B 

68. List three questions you still have about the 
information in this chapter. How can you find the 
answers to your questions? D 

Research web link 

69. Many rocks and soils are a reddish colour because they 
contain a mineral called magnetite. One of the major 
components of magnetite is an oxide of iron with the 
formula unit Fe 304 . Look up the common oxidation 
numbers of iron. Working with a partner, develop an 
explanation for the formula unit of this compormd. B D 

70. Redox reactions are often used as part of the 
remediation process to clean up contaminated 
ecosystems or water sources. One metal that is 
frequently the focus of this cleanup is chromium. The 
fully oxidized form of chromium, Cr®^, is extremely 
harmful and may be a contaminant of waste water 
from manufacturing facilities. The less oxidized 
form of the element, Cr^^, is much less toxic than the 
hexavalent form. However, it is difficult to convert Cr®"^ 
into Cr^^ to make it safer for the environment. DD D 

(a) Outline what type of agent will be needed to 
convert Cr®’^ into Cr^"^ in industrial waste water. 

(b) Research the form in which Cr®"^ usually occurs, 
and investigate at least two ways of achieving this 
conversion. Briefly describe each process and 
evaluate each one. 

71. Alkaline batteries have been used to provide 
energy for electronic devices for decades. Many 
newer devices, however, are powered by lithium 
ion batteries. Research the differences between 
alkaline batteries and lithium batteries. Summarize 
the advantages and disadvantages of each in a 
chart. B B D # CAREER link 


72. Early coins were made of gold or silver. Since those 
days, many different metals have been used for 
coinage. Research at least six different metals and 
alloys that have been used, and discuss the advantages 
of each. Which type of metal (or combination of 
metals) do you think is the best choice for coinage? 

73. Choose one metal that is important to society. 
Research how it is processed from the raw ore into a 
purified metal. Draw a flow chart illustrating the steps 
in its refinement. B B B 

74. Sour gas is methane (natural gas) that contains high 
concentrations of hydrogen sulfide, H 2 S(g) (Figure 2). 
Before it can be used, the hydrogen sulfide must be 
removed from sour gas. As well as having a rotten-egg 
smell, even low concentrations of hydrogen sulfide 
gas are toxic. Combustion of sour gas produces sulfur 
dioxide gas, which is converted in the atmosphere 

to sulfurous acid, H 2 S 03 (aq), a major component of 
acid rain. One way to remove hydrogen sulfide from 
sour gas is to bubble it through a slurry of iron(III) 
oxide, Fe 203 (s), and water. The methane molecules 
in sour gas do not react with the slurry. However, 
the hydrogen sulfide gas reacts to produce iron(III) 
sulfide, Fe 2 S 3 (s), and water. The iron(III) sulfide then 
reacts with oxygen gas to regenerate iron(III) oxide. 
These reactions are represented by the following 
unbalanced chemical equations: 

Ee 203 (s) + H20(1) + H2S(g) ^ Fe2S3(s) + H20(l) 
Fe2S3(s) + 02 (g) + H20(1) ^ 

Fe 203 (s) + H20(1) + S(s) BBB 

(a) Are these reactions oxidation-reduction 
reactions? Use oxidation numbers to support 
your answer. 

(b) Balance the given chemical equations. 

(c) Why is this an economical way of removing the 
hydrogen sulfide from the natural gas? 

(d) Research the effects of different concentrations of 
hydrogen sulfide gas on humans. 
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KEY CONCEPTS 

After completing this chapter you will 
be able to 

• explain electrochemical cells 
(galvanic cells, fuel cells, and 
electrolytic cells) 

• design, build, and test various 
kinds of electrochemical cells 

• describe the operation of 
electrochemical cells 

• predict the cell potential for a 
galvanic cell using a reference 
table 

• describe methods for preventing 
corrosion 

• identify environmental 
implications of industrial 
electrochemical processes 


How Are Chemical Energy and Electrical Energy 
Related? 

Luigi Galvani, an Italian biologist, studied the effects of electric current on the 
nerves of skinned frog legs. According to legend, Galvani’s wife was preparing 
frog legs for her husbands experiments. One day, she accidentally touched the 
edge of the metal scalpel to a nerve in a frog leg and to the metal of the machine 
on the table. To her surprise, the frog leg twitched as if the frog were alive. 
Today, we know that a redox reaction occurred when the two different metals 
touched the electrolyte in the frog leg. The movement of electrons in this reac¬ 
tion created a small electric current. The current passed through a nerve and 
stimulated a muscle in the frog leg, causing the leg to move. 

Over time, the principles behind Galvani’s observations have allowed us 
to develop portable electrical energy sources, commonly known as batteries. 
Batteries can be disposable or rechargeable. Batteries come in all shapes and 
sizes, and are specifically designed for their intended use. For example, bat¬ 
teries used in portable electronic devices, such as cameras and laptops, are 
designed to be lightweight and compact, and to function for many hours 
between charges. Batteries for pacemakers, which are used to regulate heart 
rate, must also be extremely reliable—a person’s life depends on it. 

From their accidental discovery in Galvani’s lab, batteries have become one of 
the technological success stories of the twenty-first century. Each year, we spend 
an estimated $50 biUion to keep our portable electronic devices going. Today, 
batteries allow us to do things that were science fiction only a generation ago. 

The innovation continues. Engineers are developing creative ways of 
storing more energy into smaller and more versatile batteries. In the near 
future, the hard case of your smart phone may provide more than just 
protection—it could also be the phone’s energy source. How about a trans¬ 
parent smart phone? Recent developments in transparent screens, circuitry, 
and even batteries could make sleek, transparent, and ultrathin gadgets a 
reality sooner than we think. 

No matter how complex their design, all batteries have the same basic 
components as the twitching frog leg in Galvani’s experiments: two different 
substances undergoing a redox reaction and an electrolyte. 



Answer the following questions using your current 
knowledge. You will have a chance to revisit these questions 
later, applying concepts and skills from the chapter. 

1. What characteristics should the ideal source of portable 
electrical energy have? 

2. List the sources of portable electrical energy that you 
use in your daily life. Evaluate these sources, considering 
their benefits and drawbacks. 


3. Identify the environmental consequences, if any, of the 
sources of portable electrical energy that you listed in 
Question 2. 

4. What do you think are the limitations of the continued 
use of batteries? What are possible alternative energy 
sources for portable devices? 
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Mini Investigatio^j 


Harnessing Plant Energy 

Skills: Controlling Variables, Performing, Observing, Communicating 

How much energy can you get from a slice of watermelon? How 
much energy can you get from a potato? In this investigation, you 
will use a fruit or vegetable to supply the electrolyte that enables 
electrons to move from one piece of metal to another. The circuit 
will be completed by wires and a small electrical device. The 
device will only operate if a small electric current flows through it. 
Equipment and Materials: voltmeter; zinc strip; copper strip; 
connecting wires; a small electrical device; variety of fruits 
and vegetables 

1. Use the voltmeter to test the potential difference of 
each fruit and vegetable provided, as shown in Figure 1. 
Secure the zinc strip and copper strip in the fruit, a few 
centimetres apart. Connect the wires of the voltmeter to 
each metal strip (electrode). Be sure to give the voltmeter 
time to register a consistent reading. Record your 
observations for each fruit and vegetable you test. 

2. Select the fruit or vegetable with the highest potential 
difference. Insert the metal strips into this fruit or 
vegetable again. 

3. Disconnect the voltmeter from the connecting wires. In its 
place, attach the small electrical device. Make sure that 
you have a closed circuit. Record your observations. 


SKILLS 5 ,, 
HANDBOOK • ' 

A. List the fruits and vegetables that you tested in Step 1, in 
the order of the potential difference that you observe, oi 

B. Why do you think the potential differences observed for 
these fruits and vegetables were not all the same? lai 

C. What did you observe in Step 3? Why do you think this 
occurred? Do you think this would occur if you used other 
fruits or vegetables? Explain, ca 



Figure 1 Testing the ability of watermelon to act as an electrolyte 
for the production of electrical energy 
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Figure 1 Dental braces that come in 
contact with aluminum, such as the 
aluminum in candy wrappers, can 
produce a strange tingling sensation. 


Galvanic Cells 

Have you ever bitten down on aluminum foil accidentally and experienced an 
unpleasant tingling feeling? Touching aluminum metal against dental work can cause 
this feeling (Figure 1). Touching a gold chain against metal dental braces can produce 
a similar feeling. The tingling is the result of a small electric current that is generated 
by an oxidation-reduction or redox reaction. The reaction involves two different 
metals and electrolytes in your saliva. The batteries that we use to provide energy for 
portable electrical devices work in a similar way. 

Transforming Chemical Energy into Electrical Energy 

During a redox reaction, one substance loses electrons while another substance gains 
electrons. As this occurs, electrons are transferred from the substance that is oxidized 
to the substance that is reduced. You are likely familiar with the chemical reaction of a 
strip of zinc metal, Zn(s), with a solution of copper(II) sulfate, CuS 04 (aq) (Figure 2): 

Zn(s) + CuS 04 (aq) ^ ZnS 04 (aq) + Cu(s) 



Figure 2 (a) A strip of zinc metal is placed in a solution of copper(ll) sulfate, (b) After several 
hours, the characteristic blue colour of the copper(ll) ion, Cu^^(aq), has disappeared, indicating that 
copper(ll) ions are no longer present. Instead, solid copper metal remains in the beaker. 



Figure 3 The oxidizing and reducing 
agents of a redox reaction can be 
separated by placing them in different 
containers. 

half-cell an electrode and an electrolyte 
that form half of a complete cell 

electrode a solid electrical conductor 

cell a system in which two connected 
electrodes are in contact with an electrolyte 


During this chemical reaction, electrons are transferred from the zinc metal to the 
aqueous copper(II) ions. As a result, the zinc metal is oxidized and the copper(II) ions 
are reduced. The half-reaction equations for these reactions can be written as follows: 

Oxidation: Zn(s)- > Zn^’''(aq) + 2e“ 

Reduction: Cu^'''(aq) + 2e“- > Cu(s) 

The balanced chemical equation for the redox reaction is the sum of the two half¬ 
reaction equations: 

Zn(s) + Cu^'^(aq) —> Zn^^(aq) -f Cu(s) 

Electrons are transferred directly from the zinc atoms to the copper(II) ions when 
the copper(II) ions collide with the zinc surface. This reaction occurs spontaneously, 
releasing a small quantity of energy. When the zinc metal and the copper(II) ions 
are in direct contact, the chemical energy of these transferred electrons cannot be 
harnessed directly. Instead, it is released to the environment as thermal energy. The 
key to harnessing the energy is to separate the oxidizing agent from the reducing 
agent in a way that forces electron transfer to occur through a wire. When electrons 
flow through a wire, electric current is produced. The current can then be directed 
through a device, such as an electric motor, a clock, or a music player. 

The system illustrated in Figure 3 is composed of two half-cells connected by a 
wire. Each half-cell consists of an electrode that is in contact with a solution of ions. 
An electrode is a solid electrical conductor. The metal strips in Figure 3 are the elec¬ 
trode. The system in Figure 3 can be called a cell, which is a system comprising of two 
electrodes in contact with appropriate electrolytes. 
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UNIT TASK BOOKMARK 


We might predict that the copper(II) ions in Figure 3 (in the beaker on the right) 
would attract electrons from the zinc electrode. This would result in a flow of elec¬ 
trons through the wire from the zinc strip to the copper strip. However, careful 
observation of the cell shows that current flows for an instant and then stops. Why? 
The current stops flowing because charges build up in the two half-cells. The oxida¬ 
tion of the zinc results in an increase in the concentration of zinc(II) ions in the 
zinc half-cell. This results in a buildup of positive charge. Similarly, the reduction of 
copper(II) ions in the copper half-cell reduces the concentration of copper(II) ions in 
the solution. This results in a buildup of negative charge in the copper half-cell due to 
the sulfate ions that remain. The buildup of charge in each half-cell prevents further 
electron transfer from occurring. As a result, the redox reaction stops. This problem 
can be solved very simply by connecting the solutions so that ions can flow between 
them to keep the net charge in each half-cell at zero. 

Transforming Chemical Energy into Electrical Energy 

The two half-cells could be connected with a salt bridge. A salt bridge is a U-shaped 
tube that is filled with a non-reactive electrolyte (Figure 4). The ends of the tube are 
plugged with cotton balls. The cotton plugs prevent the solution from falling out of 
the tube, but they are porous enough to permit some fluid and ions to flow in and 
out of the tube. 


unitmptpr 



Figure 4 In this galvanic cell, electrons flow from the reducing agent, Zn(s), to the oxidizing agent, 
CuS04(aq), through a conducting wire. The flow of ions through the sodium sulfate salt bridge keeps 
the solution in each half-cell electrically neutral. 


THE ROLE OF THE SALT BRIDGE 

The salt bridge in Figure 4 consists of a U-shaped tube filled with a sodium sulfate 
solution. Sodium sulfate is an ideal electrolyte for this salt bridge because it is very 
soluble and its ions do not react with the electrodes or the electrolyte solutions. The 
cotton plugs at the ends of the tube are porous enough to allow ions to flow in and 
out of the tube, but they prevent the solution from pouring out. 

As this cell operates, sulfate ions, S 04 ^“(aq), spontaneously migrate into the zinc 
half-cell to offset any buildup of zinc(II) ions. Similarly, sodium ions spontaneously 
migrate into the copper half-cell to offset the loss of copper (II) ions. As a result of ion 
migration through the salt bridge, the solutions in each half-cell remain electrically 
neutral, career link 


Consider what kinds of electrodes and 
electrolytes you will need to construct a 
galvanic cell for the Unit Task outlined 
on page 684. 


salt bridge a tube that contains an 
electrolyte solution and connects the two 
half-cells in a galvanic cell 
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galvanic cell an arrangement of two 
connected half-cells that spontaneously 
produces electric current 

anode the electrode where oxidation occurs 

cathode the electrode where reduction 
occurs 


Characteristics of a Galvanic Cell 


If you explored the effect of inserting electrodes into fruits and vegetables at the 
beginning of this chapter, you made an electric cell. In honour of Luigi Galvani, this 
cell is called a galvanic cell; a device consisting of two connected half-cells that pro¬ 
duce current electrical energy spontaneously. The reactions in a galvanic cell occur 
at the interface between the electrodes and the solutions where the electron transfer 
occurs. The electrode where oxidation occurs is called the anode. The electrode where 
reduction occurs is called the cathode (Figure 5). As the cell operates, electrons flow 
spontaneously from the anode to the cathode through an external path—the con¬ 
ducting wire. In the salt bridge, negatively charged ions, or anions, flow to the anode 
while positively charged ions, or cations, flow to the cathode. 



anode half-cell cathode half-cell 

Zn(s)-> Zn2+(aq) -h 2 e- Cu^+iaq) + 2e- -^ Cu(s) 

(oxidation) (reduction) 

Figure 5 A half-cell reaction takes place In each of these beakers. The wire allows electrons to 
travel from the anode to the cathode. The salt bridge allows anions to travel from the cathode half¬ 
cell to the anode half-cell and allows cations to travel the other way. 

What changes might we observe in the galvanic cell in Figure 5? What would we 
notice if we replaced the voltmeter with an ammeter? Table 1 shows some typical 
observations and a theoretical interpretation of these observations. 

Table 1 Evidence and Interpretation of the Zinc-Copper Cell 


Evidence 

Interpretation 

The zinc electrode decreases in mass. 

Oxidation of the zinc metal is occurring at 
the zinc anode: 

Zn(s)->Zn2+(aq) -h 2e^ 

The copper electrode Increases in mass as 
copper is deposited on it. The blue colour of the 
copper(ll) solution decreases in intensity. 

Copper(ll) ions in solution are reduced to 
copper metal at the copper cathode: 

Cu^"^(aq) -h 2e’->Cu(s) 

A voltmeter indicates that the zinc electrode has 
a negative charge and the copper electrode has 
a positive charge. 

Electrons move from the zinc electrode to 
the copper electrode. 

An ammeter indicates that electric current flows 
from the zinc electrode to the copper electrode. 

Electrons leave the zinc half-cell and enter 
the copper half-cell. 
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Predicting Cell Reactions and Equations 

The direction of electron flow can be explained in terms of a competition for elec¬ 
trons, much like a "tug of war.” Both zinc ions and copper(II) ions are capable of 
accepting electrons from another substance. In other words, both ions can act as 
oxidizing agents. According to the table of Standard Reduction Potentials (Table 1 
in Appendix B7), Cu^'''(aq) ions are a stronger oxidizing agent (SOA) than Zn^'''(aq) 
ions. As a result, we would predict that the copper(II) ions should win the “tug of 
war” for electrons when the two half-cells in Figure 5 are connected. The source 
of these electrons is the stronger reducing agent (SRA) in the cell: zinc metal. Our 
prediction is supported by the evidence: electrons flow spontaneously from the zinc 
anode to the copper cathode as this cell operates. 

The net ionic equation of the reaction in this cell can be determined using the 
same procedure that was used in Section 9.3 when predicting redox reactions: 

Anode (oxidation) half-reaction equation: Zn(s) Zn^’''(aq) -f 2e^ 

Cathode (reduction) half-reaction equation: Cu^’''(aq) -I- 2e^ —> Cu(s) 

Net ionic equation: Cu^"^ (aq) + Zn(s) —> Cu(s) -I- Zn^’^(aq) 

(SOA) (SRA) 

Galvanic Cells with Inert Electrodes 

Chemists are continually exploring the various combinations of oxidizing and 
reducing agents, electrodes, and electrolytes that could be used to construct an 
electric cell. In a cell with a metal electrode and metal ions, the metal electrode usu¬ 
ally participates in the cell reaction. However, not all galvanic cells are constructed 
this way. Many of the cells in batteries use an inert solid conductor, such as carbon 
(graphite), as an electrode. An inert electrode provides a surface on which the oxida¬ 
tion and reduction reactions may occur, but it does not participate in these reactions. 
An inert electrode is required in cells where the cell reaction involves only entities in 
the solution, not the electrode itself. 

To understand the role of an inert electrode in a galvanic cell, consider the reaction 
between aqueous permanganate ions, Mn 04 “(aq), and aqueous iron(II) ions, Fe^^(aq): 
8H+(aq) -f Mn 04 “(aq) -F 5 Fe"+(aq) ^ Mn^+(aq) -F 5Fe^+(aq) -F 4 H20(l) 
During the reduction half-reaction, the manganese atoms of the permanganate ions 
are reduced from manganese with an oxidation number of -F 7 to manganese with an 
oxidation number of +2: 

8 H’^(aq) -F Mn 04 “(aq) -F 5 e" —> Mn^’^(aq) -F 4 H20(l) 

During the oxidation half-reaction equation, iron(II) ions are oxidized to iron(III) ions: 
Fe^’''(aq) —> Fe^^(aq) -F e“ 

To balance the two half-reaction equations, first multiply the oxidation reaction by 5: 
5(Fe^'^(aq) ^ Fe^^(aq) -F e“) 

5 Fe^+(aq) ^ 5 Fe^+(aq) -F 5 e“ 

Then, add the two half-reaction equations to get the balanced net ionic equation 
for the overall reaction: 

8H’^(aq) -F Mn 04 “(aq) -F 5Fe^'^(aq) ^ Mn^'^(aq) -F 5Fe^'^(aq) -F 4 H20(1) 

(SOA) (SRA) 

In this reaction, permanganate, Mn 04 “(aq), is the stronger oxidizing agent and 
iron(II) is the stronger reducing agent. The manganese(II) ion, Mn^’^(aq), is the 
reduction product, and iron(III) is the oxidation product. The reduction half-reaction 
equation represents the reactions occurring at the cathode and the oxidation half¬ 
reaction equation represents the reactions occurring at the anode. The inert electrodes 
provide a place to connect the wire and a surface for the half-reactions to occur. 




Line Notation and Galvanic Cells 


Line notation is an abbreviated way to describe cells. In line notation, the anode 
components are listed on the left and the cathode components are listed on the right. 
They are separated by double vertical lines to indicate a salt bridge. A single vertical 
line indicates a boundary between two states of matter, such as the interface of an 
electrode and an electrolyte in a half-cell (Figure 6). 

electrons 

I ^ 

anode (-) I electrolyte II electrolyte I cathode (-I-) 

(oxidation) (reduction) 

<— anions 
cations —► 



Figure 6 This exampie shows the general pattern for writing line notation. 


Investigating Galvanic 
Cells (page 671) 

In this investigation, you will build 
three different galvanic cells to 
determine which cell produces the 
highest voltage. 


Starting with the net ionic equation, we can produce the following line notation 
for the zinc-copper cell in Figure 5: 

Net ionic equation: Zn(s) + Cu^'^(aq) —>Zn^^(aq) + Cu(s) 

Line notation: Zn(s) | Zn^ (aq) 11 Cu^ (aq) | Cu(s) 

Platinum, Pt(s), is the inert electrode that is generally used in the iron(II)-perman- 
ganate cell. The net ionic equation and line notation for this cell are written as follows: 

Net ionic equation: 

8H+(aq) + Mn 04 “(aq) + 5Ve^+{aq) Mn2+(aq) + 5 Fe^+(aq) + 4 H20(l) 

Line notation: Pt(s) | Fe^"^(aq) 11 Mn 04 “(aq) | Pt(s) 
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Summary 

• A galvanic cell consists of two separated half-cells. The electrodes are 
connected hy a wire. The solutions are connected by a salt bridge. 

• In a galvanic cell, reduction occurs at the cathode (the positive electrode) and 
oxidation occurs at the anode (the negative electrode). 

• The stronger oxidizing agent is reduced at the cathode. The stronger reducing 
agent is oxidized at the anode. 

• As the cell operates, electrons travel from the anode to the cathode via the 
external circuit (the wire). Ions flow through the salt bridge to keep the 
solutions electrically neutral (anions to the anode, cations to the cathode). 

Questions 


1. Why is it necessary to separate the oxidizing agent 
from the reducing agent in a galvanic cell? BID 

2. Identify the two “connections” that are required 
before a galvanic cell can function. BID 

3. What characteristics should the solution in a salt 
bridge have? qq EDI D 

4. A galvanic cell is constructed using the following 
materials: strip of nickel metal; strip of magnesium 
metal; nickel(II) sulfate, NiS 04 (s); magnesium sulfate, 
MgS 04 (s); sodium sulfate, Na 2 S 04 (s), for the salt 
bridge; distilled water; connecting wires; U-shaped 
tube; cotton; 2 beakers; voltmeter, qq Bn a 

(a) Draw and label a diagram of the cell. 

(b) Identify the anode and the cathode in the cell. 

(c) Label the directions of electron and ion flow. 

(d) Identify the oxidizing and reducing agents. 

(e) Write the equations for the half-reactions that 
occur in the cell. 

(f) Write the net ionic equation for the cell reaction. 

(g) Predict how the mass of the electrodes will 
change as the cell operates. 

5. Consider the galvanic cells that are represented by 
the given line notations. For each cell, 

(i) identify the stronger oxidizing agent and 
stronger reducing agent, 

(ii) write chemical equations to represent the 
half-reactions at the cathode and anode, and 

(iii) write the net ionic equation. BID B 

(a) Mg(s) |Mg^+(aq) 11 Cu+(aq) | Cu(s) 

(b) Fe(s) I Fe^’^(aq) 11Ag+(aq) |Ag(s) 

6. A galvanic cell has a magnesium electrode in a 
1.0 mol/L magnesium nitrate solution and an iron 
electrode in a 1.0 mol/L iron(II) nitrate solution. DU B 

(a) Draw a diagram of the cell. Include the following 

labels: anode, cathode, salt bridge, electron flow, 
ion flow. 


(b) Predict the half-reactions that will occur, and 
write their equations. 

(c) Write a net ionic equation for the cell reaction. 

(d) What visible evidence would you expect to see, 
indicating that the cell is functioning? 

7. Figure 7 shows a galvanic cell that consists of 

magnesium and copper electrodes in tap water. 

This cell generates enough electrical energy to 

operate a small digital clock, qq EDI B 

(a) Compare the design of this cell with the zinc- 
copper cell in Figure 5. 

(b) The anode half-reaction in this cell is the 
oxidation of magnesium. The cathode half¬ 
reaction involves the reduction of water. Use the 
redox table to write equations for both half¬ 
reactions and the net ionic equation for the cell 
reaction. 

(c) What is the function of the copper electrode in 
this cell? 

(d) The cell in Figure 7 works well with tap water 
but not with distilled water. Why do you think 
the type of water that is used makes a difference? 



wire 

connector 


copper strip 
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standard Reduction Potentials 

In Section 10.1, you learned how a galvanic cell, similar to the one in Figure 1(a), 
converts the chemical energy from a spontaneous redox reaction into electrical 
energy. Although the design of a galvanic cell makes the cell impractical as an energy 
source for a portable electronic device, it is useful for showing the chemical processes 
that are involved. It is also useful for showing how commercial galvanic cells, such as 
1.5 V alkaline dry cells (Figure 1(b)), work. An important design feature of any gal¬ 
vanic cell is its cell potential. 


Constructing a Galvanic Cell (page 672) 

In this investigation, you wiii 
determine how the materials used 
to construct a cell affect the cell 


Figure 1 Both (a) an experimental zinc-copper galvanic cell and (b) commercial 1.5 V alkaline dry 
cells operate on the same principle. 



Cell Potential 


cell potential the electric potential 
difference (voltage) between the two half¬ 
cells in a galvanic cell; the SI unit is the 
volt, and the unit symbol is V (1 V = 1 J/C) 



Electrode Mnemonic 

These mnemonics may help you 
remember the process that occurs at 
each electrode: 

. RED CAT—REDuction always 
occurs at the CAThode. 

. AN OX—oxidation always 
occurs at the ANode. 

Can you think of your own 
mnemonics? 


The electrons in each half-cell of a galvanic cell have different amounts of electric 
potential energy. This is analogous to two apples hanging from a tree. The apple 
hanging from an upper branch of the tree has more gravitational potential energy 
than the apple hanging from a lower branch. Cell potential is a measure of the electric 
potential difference or voltage between two half-cells. Cell potential is analogous to 
the difference in gravitational potential energy between the two apples hanging at 
different heights on the tree. 

The SI unit for cell potential is the volt (symbol: V). One volt is defined as one joule 
of energy per coulomb of electric charge, or 1 V = 1 J/C. The coulomb is the SI unit 
for electric charge. (1 C is equivalent to the charge of 6.25 X lO'* electrons.) 

Since cell potential is a ratio of energy to charge, it is unaffected by the number 
of electrons transferred as a galvanic cell operates. For example, an alkaline D cell 
transfers electrons, and therefore electrical energy, for a longer time than a smaller 
AAA cell because it contains a greater quantity of reactants. However, the quantity 
of the energy per charge (in joules per coulomb) transferred by both cells is iden¬ 
tical: 1.5 J/C or 1.5 V. Factors that influence cell potential include the design of the 
cell, the redox reaction involved, and the concentration of the reactants in the cell. 
For example, the lithium-ion cell and the alkaline cell have different cell potentials 
because they use different redox reactions. 

The cell potential for a galvanic cell is measured using a voltmeter. The mag¬ 
nitude of the reading indicates the difference in the ability of the two half-cells 
to attract electrons. The sign of the voltmeter reading identifies the anode, the 
cathode, and the direction of electron flow in the cell. A voltmeter typically has 
two terminals: a red (positive) terminal and a black (negative) terminal. A posi¬ 
tive reading on the voltmeter means that the positive terminal is connected to the 
cathode of the cell and the negative terminal is connected to the anode. A negative 
reading means that the connections are reversed. Once the anode and the cathode 
are determined, the direction of electron flow—from the anode to the cathode, or 
vice versa—is known. # career link 
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Standard Cells and Standard Cell Potentials 


Cell potential varies depending on the concentration of the chemicals in a cell. To 
study cells more easily, chemists have defined standard conditions under which cells 
operate. A standard cell is a galvanic cell in which all the entities are at SATP, with a 
concentration of 1.0 mol/L for solutions. For example, the line notation for a standard 
zinc-copper cell (Figure 1(a)) is 

Zn(s)|Zn^+(aq)||Cu^+(aq)|Cu(s) 

1 mol/L 1 mol/L 

The standard cell potential {AE°j (cgnj) is the electric potential difference of a cell that 
is operating under standard conditions. It is a measure of the potential energy dif¬ 
ference, per unit of charge, between the cathode and the anode. The degree symbol 
is used to indicate standard conditions. The standard reduction potential (E°j) indicates 
the ability of a half-cell to attract electrons, and therefore undergo reduction. As a cell 
operates, the half-cell with the greater (more positive) reduction potential gains elec¬ 
trons from the half-cell with the lower reduction potential. Therefore, the standard 
cell potential is the difference befween the reduction potentials of the two half-cells: 

^-E°r (ceU) = (cathode) “ (anode) 

Developing a Reduction Potentials Table 

Cell potentials are measured with a voltmeter. The electric potential of a half¬ 
cell cannot be measured because a half-cell reaction cannot occur on its own. 
Chemists have overcome the difficulty in predicting cell potentials for combina¬ 
tions of half-cells by assigning the standard hydrogen half-cell an electric potential 
of exactly 0 V (Figure 2). The standard hydrogen half-cell consists of an inert 
platinum electrode in contact with an acidic solution containing 1.0 mol/L 
hydrogen ions through which hydrogen gas is bubbled at a pressure of 100 kPa. 
The electric potentials of other half-cells can be determined relative to the stan¬ 
dard hydrogen half-cell. 


standard cell a galvanic cell In which 
all the entities involved in the half-cell 
reactions are at SATP and the solutions 
have a concentration of 1.0 mol/L 


standard cell potential (AP, (ceii)) 
electric potential difference of a galvanic 
cell that is operating under standard 
conditions 

standard reduction potential {E°,) the 
ability of a half-cell to attract electrons 
in a cell that is operating under standard 
conditions 


standard hydrogen half-cell the 

galvanic cell from which all the half-cell 
potentials are determined; E°, = 0 V (by 
definition) 



solution (for example, 1 mol/L HCI(aq)) E°, = 0 V 

(a) (b) 


Figure 2 (a) In this galvanic cell, hydrogen is reduced and zinc is oxidized, (b) In the hydrogen half¬ 
cell, hydrogen gas at 100 kPa passes over a platinum electrode in a 1 mol/L solution of hydrogen 
ions. The reduction of hydrogen at this electrode is arbitrarily assigned a value of exactly 0 V. 


The cell shown in Figure 2(a) contains zinc ions in one half-cell and hydrogen ions 
in the other half-cell. Due to their positive charge, both zinc ions and hydrogen ions 
compete for the electrons—both ions can be oxidizing agents. However, the positive 
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Investigating Cell Potentials 
(page 673) 

In this controlled experiment, you 
will construct galvanic cells using 
magnesium, zinc, iron, and copper 
half-cells. 


cell potential indicates that electrons flow from the zinc anode to the platinum cathode. 
Therefore, the hydrogen ion is a stronger oxidizing agent than the zinc ion. 

The cell potential for the zinc-hydrogen cell is 0.76 V. Therefore, the reduction 
potential of the hydrogen ions is greater than the reduction potential of the zinc ions 
by 0.76 V. Since the reduction potential of the hydrogen ions is defined as exactly 0 
V, the reduction potential of the zinc ions, measured relative to the hydrogen ions, 
must be —0.76 V. This value is a measure of how much stronger hydrogen ions are as 
oxidizing agents than zinc ions (Figure 3). The two reduction half-reactions can be 
listed in order of decreasing reduction potential as follows: 

2 H + (aq) -f 2e“ H 2 (g) = 0 V 

Zn^"^ (aq) -I- 2 e“ Zn(s) = -0.76 V 

If the zinc half-cell in Figure 2 is replaced with a copper half-cell, the reading on 
the meter changes to -0.34 V. The change in sign means that electrons are now 
flowing in the opposite direction—from the hydrogen half-cell to the copper half-cell. 
Therefore, copper is the cathode and platinum is the anode. If the connections to the 
electrodes are reversed, the reading changes to a positive value of 0.34 V (Figures 4 
and 5). This means that the copper(II) ion is a better competitor for electrons (a better 
oxidizing agent) than the hydrogen ion by 0.34 V. 


2H>q) + 2e-^H2(g) 


S 0.00- 

2H+(aq) + 2e-^H2(g) 

■0.34 V 

1 

Zn^’"(aq) -F 2 e“ Zn(s) | 

10.76 V 

1 

Zn^+(aq)-F 2 e“ Zn(s) 

10.76 V 



0.76 




-I- (aq) -I- 2 e - 


Figure 3 H+(aq) is a stronger oxidizing agent than Figure 4 Cu^+(aq) is a stronger oxidizing agent than both H+(aq) 
Zn^+(aq) by 0.76 V. and Zn^+(aq). A standard ceii constructed using copper and zinc 

half-ceiis has a predicted cell potential of -i-1.10 V. 



1 mol/L 1 mol/L 

H^(aq) at 25 °C Cu^-^faq) at 25 °C 
Figure 5 A standard galvanic cell 
that involves the half-reactions 
H2(g) ^2H+(aq) -h 2 e^ (at the 
anode) and Cu^+(aq) -i- 2 e^ -> Cu(s) 
(at the cathode) has a potentiai of 0.34 V. 


We can therefore add copper to our reduction potentials list: 

Cu2+(aq) -F 2 e“ ^^Cu(s) E° = -F0.34 V 
2 H+(aq) + 2 e" H 2 (g) E° = 0.00 V 
Zn2+(aq) -F2e"^^Zn(s) E°= -0.76 V 

These data can be used to predict the net ionic equation for the cell reaction and cell 
potential for the zinc-copper cell (Figure 6, next page): 

Reduction (cathode): Cu^'''(aq) -F 2 e“ —>■ Cu(s) 

Oxidation (anode): Zn(s) —> Zn^^(aq) -F 2e“ 

Net ionic equation: Cu^^(aq) -F Zn(s) ^ Cu(s) + Zn^^(aq) 

The standard cell potential (A£°j (^^u)) the difference between the reduction poten¬ 
tials of the two half-cells: 

^^°r(ceU) = -E°r (cathode) “ -E°r (anode) 

= -F0.34 V - (-0.76 V) 

= -Fl.lOV 


If we continued measuring the standard reduction potentials of many other half-cells 
against the hydrogen half-cell, we could add them to our ranked list of reduction 
potentials. We would then be able to predict the cell potentials for a variety of cells. 
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Zn^''(aq) solution Cu^’'(aq) solution 

Figure 6 In a galvanic cell that involves the half-reactions Zn(s) -> Zn^+(aq) -i- 2 e^ (at the 
anode) and Cu^^(aq) + 2 Cu(s) (at the cathode), = 1.10 V. 

(cell) Spontaneity 

The sign and magnitude of a predicted cell potential provide important information 
about the operation of a galvanic cell. 

SPONTANEOUS REACTION, AE°,,eeii) > 0 

A positive value for the cell potential means that the cell reaction occurs spontane¬ 
ously. The magnitude of the cell potential, however, does not indicate how quickly the 
reaction occurs. This can only be determined experimentally. The largest potential is 
observed when the contents of the cell are at standard conditions. As the cell operates, 
the observed potential gradually decreases. This occurs because the chemicals within 
the cell are being used up and are no longer at standard concentrations. 

REACTION AT EQUILIBRIUM, AE%,<,eii) = 0 

Eventually, the cell potential for an operating cell decreases to zero. At this point, the 
forward and reverse reactions are occurring at the same rate. In other words, the reaction 
inside the cell has reached chemical equilibrium. To continue functioning, the cell must 
be recharged. If this is not possible, the cell can no longer be used and must be discarded. 

NON-SPONTANEOUS REACTION, AE°r(ceii) < 0 

A negative value for the cell potential means that the cell reaction does not occur 
spontaneously. As you will learn in Section 10.7, however, the cell reaction can be 
made to occur by applying energy from an external source. 

A Water Analogy for a Galvanic Cell 

A water analogy may help explain changes in cell potential as a galvanic cell operates. 
Consider the water in a lock (Figure 7(a)). Each millilitre of surface water on the 
right side of the gate is higher, and therefore has more gravitational potential energy, 
than each millilitre of surface water on the left side. When the small sluice gates are 
opened, potential energy is converted to kinetic energy as water flows to the lower 
side. As the water level drops (Figure 7(b)), the difference between the potential 
energies of the two sides decreases. The flow of water stops once the potential ener¬ 
gies of the two sides are equal (Figure 7(c)). 

Similarly, the anode is the “high side” of a galvanic cell, while the cathode is the 
“low side.” As the cell operates, electrons flow spontaneously “downhill” from anode 
to cathode. The cell potential is the measure of the electric potential energy differ¬ 
ence (or potential difference) across the two half-cells. Gradually, the cell potential 


Figure 7 (a) The water behind the main 
gates in a lock has a certain potential 
energy, Af, relative to the bottom of 
the canal, (b) When the sluice gates at 
the bottom are opened, water flows to 
the lower level on the other side. The 
potential energy of the stationary water 
is converted to kinetic energy of flowing 
water. The flowing water is analogous 
to electron flow, (c) Water stops flowing 
when the two levels are equal. 
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decreases until it reaches zero. At this point, the electron flow has stopped and the 
cell is considered “dead” because its cell reaction has reached chemical equilibrium. 

Predicting Standard Cell Potentials 

Table 1 below and Table 1 in Appendix B7 both list the standard reduction potentials 
of many half-cells, measured relative to the standard hydrogen half-cell. By conven¬ 
tion, we always write the equations for these half-cell reactions from left to right as 
reduction reactions. The reduction potentials can be used to predict the cell potential 
for a galvanic cell that involves any pair of these half-cell reactions. 


Table 1 Standard Reduction Potentials at 25 °C (298 K) for Many Common Haif-Reactions 


Half-reaction 

f°r(V) 

Half-reaction 


Strongest Oxidizing Agent; Weakest Reducing Agent 




F,(g) + 2e- ^2F-(aq) 

2.87 

Cu+(aq) -P e’ Cu(s) 

0.52 

Ag2+(aq) -i- e’ Ag+(aq) 

1.99 

02(g) + 2 H20(I) -p 4 e- 4 OH-(aq) 

0.40 

Co^"^(aq) -h e‘ Co^^(aq) 

1.82 

Cu^^(aq) -P 2 e" Cu(s) 

0.34 

HjOjlaq) -t 2 H+(aq) -t 2 e- 2 HjOll) 

1.78 

Hg2Cl2(aq) -P 2 e' 2 Hg(l) -P 2 C|-(aq) 

0.34 

Ce''^(aq) -i- e‘ Ce^^(aq) 

1.70 

AgCI(aq) -P e' Ag(s) -P Cl'(aq) 

0.22 

Pb02(s) -P 4 H+ -P S0/-(aq) -P 2 e" PbS04(s) -P 2 HM 

1.69 

S 042 -(aq) -P 4 H+(aq) -P 2 e" H2S03(aq) -P H20(l) 

0.20 

MnO^aq) -P 4 H+(aq) -P 3 e‘ MnOjls) -P 2 HjOll) 

1.68 

Cu^^(aq) -P e‘ Cu^(aq) 

0.16 

l04-(aq) -P 2 H^(aq) -P 2 e- lOj-laq) -P HjOil) 

1.60 

2 H+(aq) + 2 e- ^ H2(g) 

0 

Mn04-(aq) -P 8 H+(aq) -P 5 e’ Mn2+(aq) -P 4 HgOil) 

1.51 

Fe^^(aq) -P 3 e’ Fe(s) 

-0.036 

Au^+(aq) -P 3e‘ Au(s) 

1.50 

Pb2+(aq) -P 2 e- Pb(s) 

-0.13 

PbOsO) -P 4 H+(aq) -P 2e- Pb^+iaq) -P 2 HM 

1.46 

Sn^"^(aq) -P 2 e‘ Sn(s) 

-0.14 

Cyg) -p 2 e- 2 Cl-(aq) 

1.36 

Ni^^(aq) -P 2 e‘ Ni(s) 

-0.23 

Cr207'-(aq) -P 14 H+(aq) -P 6 e’ 2 Cr^+(aq) -P 7 H20(l) 

1.33 

PbS04(aq) -P 2 e' Pb -P S04'-(aq) 

-0.35 

02(g) + 4 H+(aq) -P 4 e- 2 H20(l) 

1.23 

Cd2+(aq) -P 2 e- Cd(s) 

-0.40 

Mn02(s) -P 4 H+(aq) -P 2 e' Mn2+(aq) -P 2 H20(l) 

1.21 

Fe^"^(aq) -P 2 e‘ Fe(s) 

-0.44 

lOaTaq) -P 6 H+(aq) -P 5 1 12(5) -P 3 HjOO) 

1.20 

Cr^^(aq) -P e' Cr2+(aq) 

-0.50 

CI04-(aq) -P 2 H+(aq) -P 2 e' CI03-(aq) -P H20(l) 

1.19 

Cr^^(aq) -P 3 e‘ Cr(s) 

-0.73 

Br2(l) -P 2 e‘ 2 Br-(aq) 

1.09 

Zn2+(aq) -P 2 e‘ Zn(s) 

-0.76 

V02+(aq) -P 2 H+(aq) -P e" + H20(l) 

1.00 

2 H20(I) -p 2 e- H2(g) -P 2 OH-(aq) 

-0.83 

AuCl4”(aq) -P 3 e‘ Au(s) -P 4 Cft(aq) 

0.99 

Mn2+(aq) -P 2 e‘ Mn(s) 

-1.18 

NOsTaq) -P 4 H+(aq) -P 3 e' N0(g) -P 2 H20(l) 

0.96 

A|3+(aq) -P 3 e- Al(s) 

-1.66 

CI02(g) + e' CI02‘(aq) 

0.954 

H2(g) + 2 e- ^ 2 H-(aq) 

-2.23 

2 Hg2+(aq) -P 2 e- Hg22+(aq) 

0.91 

Mg2+(aq) -P 2 e- Mg(s) 

-2.37 

Ag+(aq) -P e" Ag(s) 

0.80 

La^+(aq) -p 3 e‘ =5^^ La(s) 

-2.37 

Hg22+(aq) + 2 e' ^ 2 Hg(l) 

0.80 

Na+(aq) -p e‘ Na(s) 

-2.71 

Fe^+(aq) -P e‘ Fe^+(aq) 

0.77 

Ca^"^(aq) -p 2 e‘ Ca(s) 

-2.76 

02(g) + 2 H+(aq) -p 2 e‘ =5^^ H202(aq) 

0.68 

Ba^+(aq) -P 2 e‘ Ba(s) 

-2.90 

Mn04“(aq) -P e' Mn04^“(aq) 

0.56 

K+(aq) -P e- K(s) 

-2.92 

ys) -P 2e‘ 2 l'(aq) 

0.54 

Li+(aq) -P e‘ Li(s) 

Weakest Oxidizing Agent; Strongest Reducing Agent 

-3.05 
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Tutorial 1 Predicting Standard Cell Potentials 


Given: Look up the two reduction half-cell reactions and their 
standard reduction potentials in Table 1: 

Ag+(aq) + e~ ^ Ag(s) E°, = 0.80 V 
Zn2+(aq) + 2 e” ^ Zn(s) E% = -0.76 V 

Required: Af“r(ceii) the net ionic equation for the cell 
reaction 

Analysis: Use the following equation to calculate the standard 
cell potential: 

r(cell) ~ ^ r (cathode) “ ^ r (anode) 

Solution: 

Step 1. Write the equation for the half-cell reaction that has the 
more positive reduction potential as a forward reaction. 
Write the equation for the half-cell reaction that has less 
positive (or negative) reduction potential as a reverse 
reaction. 

The half-cell reaction with more positive potential is the 
reduction half-reaction. In this case, the reduction of 
silver ions occurs at the cathode: 

Ag-'Caq) -h e“->Ag(s) 

Zinc is oxidized at the anode. Write its equation as an 
oxidation reaction: 

Zn(s)-^Zn2+(aq) + Ze" 


Balance the number of electrons involved in the two 
half-cell reactions. 

The reduction half-reaction requires 1 electron, and the 
oxidation half-reaction produces 2 electrons. To balance 
the number of electrons, the silver half-reaction needs 
to be multiplied by 2: 

2 Ag^(aq) + 2 e~ ^2Ag(s) 

The zinc equation stays the same because it already 
involves 2 electrons. 

Zn(s)^Zn2+(aq) + Ze" 

Step 3. Combine the two half-reactions to give the balanced net 
ionic equation: 

2 Ag(aq) 2-e^ ^ 2 Ag(s) 

Zn(s) ^ Zn^'^(aq) -i- 2-e^ 

2Ag'^(aq) Zn(s) ^ Zn^'^(aq) 2Ag(s) 

Step 4. Use the formula = f°r(cathode) (anode) to 

determine the standard cell potential. 

Note that the silver half-cell potential is not multiplied by 
2 because the cell potential represents a ratio of energy 
per coulomb of charge and is therefore unaffected by the 
number of electrons in the half-cell reaction equation. 
APr(cell)= +0.80 V-(-0.76 V) 

AP^aeii) =+1.56 V 

Statement: The net ionic equation and the standard cell potential 
for a cell involving the zinc and silver half-cells are 
2Ag'"(aq) -i- Zn(s) ^ Zn2'"(aq) -h 2Ag(s) 

AP,„ = +1.56 V 


This tutorial shows how to use a standard reduction potentials table to determine the standard cell 
potential and the net ionic equation for a cell reaction. 

Sample Problem 1: Determining a Standard Cell Potential and Net Ionic Equation 
Determine the standard cell potential and the net ionic equation for a redox reaction that involves 
silver and zinc half-cells. 

Step 2. 


Practice 

1. Galvanic cells that involve the following pairs of half-reactions are constructed. Write the net 
ionic equation and determine the standard cell potential for each galvanic cell. Assume that all 
the entities are in their standard states, m 

(a) MnOrCaq) + 8H+(aq) + Se"^^ Mn^+(aq) + AHsO® 

I03“(aq) -I- 6 H+(aq) -h 5 e“ I l2(s) -i- 3 H20(l) [ans: o.3i v] 

(b) 02(g) + 2 H20(I) + 4e- 4 OH-(aq) 

Al^'^(aq) + 3e~ =^^AI(s) [ans: 2.O6 v] 
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Review 

Summary 

• All the entities in the cell equation for a standard cell are pure substances 
under SATP and/or solutions with a concentration of 1.0 mol/L. 

• The standard hydrogen half-cell, hy definition, has a reduction potential 
of exactly 0 V. All other potentials are measured relative to this reduction 
potential. 

• The standard cell potential, AE°j. can he predicted from the reduction 
potentials listed in a standard reduction potentials table, using the formula 

r (cell) ~ ^ I (cathode) ~ ^ i (anode)- 

• By convention, standard half-cell potentials are written as reduction 
potentials. This indicates the tendency of a half-cell to undergo reduction. 

• The value of the standard cell potential (A£°j is positive if the cell 
reaction occurs spontaneously. 

Questions 


UNIT TASK BOOKMARK 


Use what you have learned about 
standard cell potentials to choose the 
best components for your galvanic cell 
for the Unit Task outlined on page 684. 


Bil^ 


1. Why was it necessary to use the standard hydrogen 
half-cell as a reference? QQ 

2. Describe how to predict the spontaneity of the 
redox reaction in a galvanic cell. 019 

3. Explain why the cell potential for an operating 
galvanic cell decreases over time but does not change 
from a positive value to a negative value. SSSI ira 

4. The following half-reactions are combined in a 
galvanic cell. Write the net ionic equation and 
determine the standard cell potential for the cell. 
Assume that all the concentrations are 1.0 mol/L 
and all the partial pressures are 1.0 atm. QlD 
Cl 2 (g) -f 2 e“ ^ 2 Cr (aq) E°, = 1.36 V 
Br 2 (g) + 2 e~ ^ 2 Br“(aq) E% = 1.09 V 

5. The following unbalanced equation shows the 
reactants and products that are involved in a 
galvanic cell: 019 DU 

Fe^'^(aq) -I- Mg(s) - >Mg^'^(aq) -I- Fe^'^(aq) 

(a) Write the anode half-reaction equation, 
the cathode half-reaction equation, and 
the net ionic equation. Assume that all the 
concentrations are 1.0 mol/L. 

(b) Calculate the standard cell potential for the 
overall cell reaction. (Refer to Table 1, page 646) 

6. This equation provides information about a reaction 
that takes place in a galvanic cell: 

2 Ag-'Caq) -t X(s) ^ 2 Ag(s) -H X"+(aq) AE°, = 1.03 V 

Use reduction potentials from Table 1 (page 646) to 
determine the reduction potential for the half-cell 
involving X, and to identify X if possible. 019 


7. A student assembled and tested the cell potentials 
of three different galvanic cells. Table 2 lists the 
students observations. 019 BO 


Table 2 Cell Potential Data 


Negative electrode 

Positive electrode 

Af°r(call)(V) 

Pd(s) I Pd2+(aq) 

Cr2072-(aq), H+(aq) I C(s) 

-t 0.28 

Ti(s) I Ti2+(aq) 

Tr(aq) I Tl(s) 

-tl.29 

Tl(s) I Tr(aq) 

Pd^+laq) I Pd(s) 

-hi.29 


(a) Determine the reduction potential for each 
half-cell. (You may look up the reduction 
potential for one half-cell reaction in Table 1, 
page 646.) 

(b) Using the given evidence, complete a table of 
relative strengths of oxidizing agents. Justify 
your prediction. 

8. Predict whether each cell will react spontaneously. 

If it will, write the net ionic equation and determine 

the standard cell potential for the cell. EB 

(a) Mg(s) I Mg^+(aq) || Au^+(aq) | Au(s) 

(b) Cu(s) I Cu+(aq) || Mg2+(aq) | Mg(s) 

(c) Zn(s) I Zn^+(aq) || Sn^+(aq) | Sn(s) 
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Cells and Batteries 

We use portable electronic devices, such as cellphones and laptops, almost every¬ 
where (Figure 1). These devices require reliable, compact, and portable sources of 
electrical energy to keep them operating. The demand for portable energy has driven 
rapid advances in the design of cells and batteries. 

The Arrangement of Cells in Batteries 

When cells are arranged in series, they are wired like beads in a necklace, with the 
anode (negative terminal) of one cell connected to the cathode (positive terminal) of 
the next cell (Figure 2). One end of the chain of cells is an anode, and the other end 
is a cathode. These ends form the terminals of the battery. A battery consists of two 
or more galvanic cells connected in series. Electron flow only occurs when a device 
that draws electrical energy is attached to the terminals. This explains why unused 
batteries still work after being stored for months. 



Figure 2 (a) Inside a 9 V battery are six 1.5 V cells wired in series, (b) The voltage of a battery is 
the sum of the voltages of the cells. 


When cells are connected in series, the electric potential difference, or voltage, 
of the battery is the sum of the cell potentials of its cells (Figure 2(b)). The series 
arrangement of the six 1.5 V cells in Figure 2 gives the battery a voltage of 6 X 1.5 V, 
or 9 V. Recall that voltage is the ratio of the joules of energy per coulomb (1 V = 1 J/C). 
Because of the larger voltage, a 9 V battery transfers more electrical energy than each 
of its cells individually. This is why a light bulb attached to a 9 V battery glows more 
brightly than it would if it were attached to a single cell. Batteries with cells connected 
in series are ideal for devices with high energy demands, such as cordless power tools 
(Figure 3). # career link 

Primary and Secondary Cells 

One important distinction among cells is whether they are rechargeable. A primary cell 
is a cell that cannot be recharged. A primary cell provides electrical energy until its 
reactants are used up. The redox reaction that releases electrical energy in a primary 
cell is not easily reversible. Primary cells are used in disposable batteries. 



Figure 1 The batteries for portable 
electronic devices must be small and 
lightweight, and they must last for 
several hours. 

battery a group of two or more galvanic 
cells connected in series 



Figure 3 Cordless power tools, such 
as this drill, use rechargeable batteries. 
The 18 V battery consists of six 3 V cells 
connected in series. 

primary cell a cell that cannot be recharged 
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secondary cell a cell that can be 
recharged by being attached to an external 
source of electrical energy; recharging 
reverses the chemical reaction that 
generates the electrical energy 



Discharging and Charging 

Discharging is a spontaneous 
process. Charging is a non- 
spontaneous process, which requires 
an external source of electrical 
energy. Discharging a battery is like 
allowing water to flow spontaneously 
from an open tap. Charging a battery 
is like pumping water uphill. 


A cell that can be recharged is called a secondary cell. To recharge a secondary cell, 
an external source of electrical energy is used to reverse the redox reaction that is 
occurring in the cell. The recharging process regenerates the reactants. 

Commercial Cells and Batteries 

There are several different types of cells and batteries, each with a specific applica¬ 
tion. Although each is a source of electrical energy, the details of how this energy is 
provided determine which application is the most suitable. 

ALKALINE DRY CELLS 

Alkaline dry cells are one of the most common types of primary cells. They are 
tiny, lightweight, and long-lasting. They are used in many common devices, such as 
remote controllers for televisions, flashlights, and watches. 

The anode of an alkaline dry cell consists of a paste, which contains zinc metal 
(Figure 4). (The alkaline dry cell gets its name from this “dry” paste. Other cells, dis¬ 
cussed later in this section, contain a liquid electrolyte.) The electrolyte paste is sur¬ 
rounded by a cathode that contains sohd manganese dioxide, Mn02(s). The anode and 
cathode chemicals are separated by a porous fabric. This material prevents the chemicals 
from coming in direct contact, while still allowing ion flow—much like a salt bridge. 


positive terminal 
metal casing 


manganese dioxide- 
electrolyte mix (cathode) 

zinc 

electrolyte mix (anode) 
electron collector 
sealing plug 





direction of electron flow 

Figure 4 An alkaline dry cell has features that are common to most galvanic cells: separated anode 
and cathode compartments and electrolytes. Electron flow occurs only when the device that is 
attached to the cell is turned on, thus completing the circuit. 


As the cell discharges (generates electrical energy), electrons are released as a 
result of oxidation. The electrons flow through the central collector. Then, they flow 
out of the cell via the negative terminal and through the device that requires the 
electrical energy. The electrons return via the positive terminal to the cathode, where 
they take part in the reduction half-reaction. 

The equations for the half-cell reactions occurring as an alkaline dry cell dis¬ 
charges can be written as follows: 

Anode half-reaction equation: Zn(s) + 2 OH“(aq) ZnO(s) -I- H20(l) + 2e.~ 

Cathode half-reaction equation: 

2Mn02(s) + H20(1) + 2 e” ^ Mn 203 (s) + 2 0H-(aq) 

Alkaline dry cells contain strongly basic (alkaline) electrolytes, such as potassium 
hydroxide. This electrolyte makes the contents of these cells corrosive. 
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Lead Storage Batteries 

The lead storage battery (or lead-acid battery) has been used in vehicles for almost 
100 years. This durable battery can function for several years, through temperature 
extremes ranging from -30 °C to 50 °C and under constant punishment from rough 
roads. A typical car battery has six cells connected in series. Each cell contains 
multiple electrodes in the form of grids (Figure 5) and has a potential difference of 
approximately 2 V, giving a total battery potential of about 12 V. 

Each cell in a lead storage battery consists of a lead cathode coated with lead(IV) 
oxide and a lead anode. The electrolyte is a concentrated solution of sulfuric acid. 
Because of the liquid electrolyte, this cell is known as a wet cell. 

The electrode reaction equations can be written as follows: 

Anode (oxidation) half-reaction equation: 

Pb(s) -f HS 04 "(aq) ^ PbS 04 (aq) -f H+(aq) -f 2 e" 

Cathode (reduction) half-reaction equation: 

Pb02(s) + HS 04 -(aq) + 3 H+(aq) +2 0 " ^ PbS 04 (s) + 2 H20(l) 

Net ionic equation: 

Pb(s) -f PbOjCs) -f 2H+(aq) + 2 HS 04 “(aq )‘^‘^^^®2 PbS 04 (s) -f 2 H20(l) 

The net ionic equation represents the spontaneous discharging reaction of the battery. 

Under normal driving conditions, an electrical device called an alternator con¬ 
tinually recharges the battery in the vehicle. Electrical energy from the alternator 
makes the cell reaction proceed in the reverse direction: 

Charging reaction: 

charging 

2 PbS 04 (s) -f 2H20(1) -> Pb(s) -f Pb02(s) -f 2H+(aq) -f 2 HS 04 “(aq) 

A car with a “dead” battery can be “jump-started” by connecting its battery to a 
fully charged battery in another automobile using jumper cables, and then starting 
the engine (Figure 6). The “good” battery provides enough electrical energy to start 
the dead battery. This can be dangerous, however, because the applied current causes 
water in the dead battery to decompose and produce gaseous hydrogen and oxygen. 
Disconnecting the jumper cable after the disabled car starts may create a spark that 
can ignite the gaseous mixture. The battery may explode, ejecting corrosive sulfuric 
acid. This problem can be avoided by connecting the ground jumper cable to a part 
of the engine that is remote from the battery. Any spark that is produced when the 
ground jumper cable is disconnected will then be harmless. It is important to allow 
the engine to run for several minutes before disconnecting to recharge the dead 
battery fully. 



Figure 5 This diagram shows one of the 
six ceiis in a 12 V iead storage battery. 
The anode is fiiied with a type of iead 
caiied spongy iead. The cathode is fiiied 
with lead(IV) oxide. The battery aiso 
contains 38 % (by mass) suifuric acid. 



Figure 6 A jumper cable connects a vehicle’s “dead” battery to a functioning battery to boost the 
vehicie back to iife. 
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UNIT TASK BOOKMARK 


What characteristics should your cell 
have, for the Unit Task outlined on 
page 684? 


Although a lead storage battery does provide excellent service, it has a useful 
lifetime of about five years in a vehicle. While it might seem to have the ability to 
undergo an indefinite number of discharge/charge cycles, physical damage and 
chemical side-reactions eventuaUy cause it to fail. Lead storage batteries contain toxic 
and corrosive ingredients, such as lead and sulfuric acid. Lead is a neurotoxin and 
can affect brain development and functioning. Sulfuric acid is highly corrosive and, 
if spiUed, can lead to the release of toxic ions in the environment. Recycling of lead 
storage batteries is therefore important. According to Tonolli Canada Ltd., a leader 
in battery recycling, about 98 % of used car batteries in Ontario are successfuUy 
recycled. # web link 

LITHIUM-ION CELLS AND BATTERIES 

Lithium-ion ceUs are one of the most popular types of secondary, or recharge¬ 
able, cells. Batteries made from these ceUs are commonly used in cordless tools, 
cellphones, laptops, and some electric cars (Figure 7). A lithium-ion cell may be cylin¬ 
drical or rectangular. The outside of the cell is metal, with a pressure-sensitive vent 
hole. Inside the cell are several sheets of material that are pressed together. The sheets 
are arranged in sets of three: an anode, a cathode, and a separator. The separator sheet 
is made of porous plastic to aUow ions to flow from one half-cell to the other. 



on-board charger 
charging socket 
motor 


lithium-ion battery 


Figure 7 The energy for this electric car is supplied by a lithium-ion battery. The battery in an 
electric car may contain several thousand cells. By comparison, the battery in a laptop computer 
may contain only 12 cells. 


UNIT TASK BOOKMARK 


How will your cell, constructed for 
the Unit Task outlined on page 684, 
compare to a commercial battery? 


fuel cell a galvanic cell for which the 
reactants are continuously supplied 


The chemistry of lithium-ion ceUs is quite complex, and the composition of 
these cells varies a great deal. One of the more common designs has an anode of 
lithium metal, Li(s), mixed with graphite, C(s), and a cathode of metal oxide, such as 
cobalt (IV) oxide, Co02(s). The electrolyte is a lithium compound, such as lithium 
bromide, dissolved in a polar organic solvent, Li^(solv). 

Lithium-ion cells have several advantages over other types of cells. They have a 
larger cell potential than other cells. It can be as high as 3.7 V—more than double 
the cell potential of alkaline cells. This is a result of lithium being one of the stron¬ 
gest reducing agents on the standard reduction potentials table. Lithium is also the 
lightest metal on the periodic table. These features mean that a lithium-ion cell gener¬ 
ates more energy per gram than most other cells, making it ideal for portable devices 
such as laptops and cellphones. 

FUEL CELLS 

Fuel cells are gaining attention in the media as a new energy source for vehicles. 
A fuel cell is a galvanic cell for which the reactants are continuously supplied. To show 
how fuel cells work, consider the exothermic redox reaction of methane with oxygen: 

CH 4 (g) + 2 02 (g) ^ C 02 (g) + 2 H 20 (g) + energy 
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This reaction is probably familiar: it is a complete combustion reaction. When it 
occurs in a furnace or a generator, the resulting energy is used to warm homes or 
run tools and appliances. However, in a fuel cell designed to use this reaction, the 
energy is used to produce an electric current. The electrons flow from the reducing 
agent, CH 4 (g), to the oxidizing agent, 02 (g), through a conductor. 

The U.S. space program has supported extensive research to develop fuel cells 
(Figure 8). NASA spacecraft have used hydrogen fuel cells for decades to generate 
electrical energy. As a hydrogen fuel cell operates, hydrogen and oxygen react to form 
water: 

2 H2(g) + 02 (g) ^ 2 H20(1) 

The half-reaction equations can be written as follows: 

Anode half-reaction equation: 2 H 2 (g) + 4 0H“(aq) —> 4 H20(l) -f 4e“ 

Cathode half-reaction equation: 4 e“ + 02 (g) + 2 H20(l) —> 4 0H“(aq) 



Figure 8 (a) A hydrogen-oxygen fuel cell is continually re-supplied with the reactant for the 
redox reaction, (b) During the 2010 Winter Olympics, visitors to Vancouver, British Columbia, were 
transported in buses with hydrogen fuel cells. 

The hydrogen fuel cell designed for space vehicles weighs about 225 kg, but this is 
obviously not practical for general use as a source of portable energy. 

In Ontario, fuel cells—particularly portable fuel cells—are heading toward com¬ 
mercialization. Many designs for hydrogen fuel cells currently use hydrocarbons as a 
source of hydrogen. Newer designs can use fuels such as methane and diesel directly, 
without having to produce hydrogen first. 

At first glance, the hydrogen fuel cell appears to be the ideal way to eliminate air 
pollutants emitted by vehicles. The only waste product emitted by a hydrogen fuel 
cell is water vapour. However, several technical hurdles must be overcome before 
the widespread use of hydrogen-powered vehicles becomes a reality. For example, 
elemental hydrogen, H 2 (g), is quite rare in the atmosphere. Instead, it is found in 
compounds, such as water, H20(l), and methane, CH 4 (g). These compounds must 
first be decomposed to liberate their hydrogen—a process that requires energy. 
Consequently, the hydrogen that is used in fuel cells is only as environmentally 
“clean” as the energy that was used to produce it. Other technical hurdles include the 
fact that hydrogen is highly explosive, and therefore difficult to store and transport 
safely in large quantities. # career link 
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Summary 

• A battery consists of two or more galvanic cells connected in series. The 
voltage of the battery is the sum of the voltages of the cells. 

• Primary cells are non-rechargeable cells that run until their reactants are 
used up. Disposable batteries contain primary cells. Secondary cells can be 
recharged by the addition of electrical energy. 

• Commercially available cells and batteries include the alkaline dry cell (a 
primary cell); the lead storage battery (a secondary battery commonly used 
in vehicles); the lithium-ion battery (a common secondary battery with many 
applications); the fuel cell (a galvanic cell receiving a continuous supply of 


reactants). 

Questions 

1. Draw a diagram that shows a battery made of three 
galvanic cells. How does the voltage of the battery 
compare with the voltage of its cells? 130 B 

2. Compare and contrast the following terms. 013 

(a) cell and battery 

(b) primary cell and secondary cell 

3. Nickel metal hydride (NiMH) batteries were once used 
in power tools. A 14.4 V NiMH battery contains 12 cells 
coimected in series. What is the voltage of each cell? Ba 

4. Figure 9 shows a clock that is operated with energy 
from two potatoes. OQ DD B 



Figure 9 A potato “battery” with copper and steel (iron) electrodes 

(a) Use the terms “cell” and “battery” to describe 
the device in Figure 9. 

(b) Identify the anode and cathode in each cell. 

(c) Compare the voltage of one potato cell with the 
voltage of the two connected potatoes. Justify 
your answer. 

(d) What would happen if all four metal strips were 
made of copper? Explain. 

(e) Sketch a diagram that shows three potatoes 
connected in a similar way. 


5. Both the alkaline dry cell and the lithium-ion cell 
have a component called a “separator.” QQ 

(a) What is the function of the separator? 

(b) Why must the separator be porous? 

6. As lead storage batteries age, some of the lead(II) 
sulfate that is produced in the cathode reaction falls 
off the surface of the electrode to the bottom of the 
battery. Why do you think this might limit the life 
of the battery? odBOB 

7. Most batteries that are used in personal electronic 
equipment are secondary cells. B 

(a) Explain why secondary cells are appropriate for 
personal electronic equipment. 

(b) What other characteristics should the ideal 
battery for a camera have? Why? 

8. One design of the hthium-ion cell uses hthium metal as 
the anode. Use the standard reduction potentials table 
to explain each of the following statements: 013 EH B 

(a) An aqueous solvent cannot he used in this cell. 

(b) The potential for this cell is greater than the 
potential for a cell constructed using any other 
reducing agent. 

9. Much of the worlds hthium supply comes from Chile. 
How might this affect the widespread use of hthium-ion 
batteries to supply energy for electric cars? B 

10. Research the current status of vehicles powered by 
hydrogen fuel cells. EH D 

11. Research how fuel cells are being used as permanent 
energy sources for ground-based transportation and 
how fuels such as methane and diesel can be used 
directly as sources of chemical energy for fuel ceUs. 
Present your findings in a format of your choice. 
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Explore an Issue in Electrochennistry 


Pick Your Energy Source: Lithium or Hydrogen? 

Many automotive experts agree that the future of the gasoline-powered automobile is 
limited. Gasoline is becoming more and more expensive, and the worlds oil deposits 
will someday be depleted. Also, the combustion of fossil fuels, such as gasoline, is a 
major source of air pollution and a major contributor to climate change. 

So what is next? Two contenders as sources of energy for the future automobile are 
the lithium-ion battery and the hydrogen fuel cell. Each technology has significant 
benefits, drawbacks, and limitations, career link 

The Issue 

You are an environmental consultant who has been hired by the manager of a fleet of 
50 automobiles used by a parcel delivery company. The entire fleet must be replaced 
in five years by more economical and less polluting vehicles (Figure 1). Which tech¬ 
nology best suits the company’s needs: lithium-ion batteries or fuel cells? Is there a 
better alternative? 

Goal 

To advise a parcel delivery company on the best choice of vehicle. 

Research handbook 

Research lithium-ion batteries and hydrogen fuel cells, as well as potential alterna¬ 
tives. The goal of your research is to provide the information that you will need to 
determine which technology best meets the needs of the company. Consider the fol¬ 
lowing factors in your research: 

• the availability of fuel or recharging stations 

• the initial cost and the ongoing cost of repairs and maintenance 

• tax breaks or incentives (Does the Canadian government provide tax breaks 
or incentives to owners of vehicles that have less environmental impact?) 

• environmental impact of the vehicle (Which vehicle has the least environmental 
impact? What evidence can you find to support this?) # web link 


j.-iniimy!iii 


• Defining the 

• Analyzing 

Issue 

• Defending a 

• Researching 

Decision 

• Identifying 

• Communicating 

Alternatives 

• Evaluating 



Figure 1 Would you rather drive a car 
that gets its energy from (a) a lithium-ion 
battery or (b) a hydrogen fuel cell? 


Possible Solutions 

Compare the advantages and disadvantages of lithium-ion batteries and fuel cells as 
energy sources for delivery vehicles. Are there better alternatives to these technologies? 


Decision 

Review your research, and come to a decision that you can take to the manager. 


Communicate 

Prepare a report that you can present to a meeting of the company’s board of directors 
for approval. You must be able to respond to any questions that the board members 
may have about your final decision. 


Plan for Action 


Write a commercial, create a website, or produce a brochure 
to encourage people to invest in the type of vehicle you have 
chosen. 
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— Chemistry JOURNAL 


Cold Fusion: The Discovery That Never Happened 

ABSTRACT hanSk C 

Nuclear fusion releases an enormous amount of energy. This energy could potentially be 
harnessed to generate electrical energy. So far, however, fusion only occurs at extremely high 
temperatures, such as the temperature in a star. 

In 1989, chemists Martin Fleischmann and Stanley Pons claimed to have discovered an 
inexpensive way to conduct fusion at room temperature, using an electrochemical cell. If 
their so-called “cold fusion” process had been valid, it would have been the most impor¬ 
tant scientific discovery of the century. Caught up in the excitement of their “discovery,” 
Fleischmann and Pons chose to release their preliminary findings to the public. The usual 
practice is to have scientific work checked by other scientists first. After Fleischmann and 
Pons released their findings, other research labs attempted to duplicate cold fusion using the 
same method, with little success. 


What Is Nuclear Fusion? 

Nuclear fusion is a process in which small atoms combine 
to form larger atoms. Fusion requires extremely high tem¬ 
peratures and pressures, such as those that occur in a star. 
These conditions overcome the repulsions of the hydrogen 
nuclei, allowing them to merge to form a heavier element, 
such as helium. In a typical fusion reaction, two isotopes of 
hydrogen, hydrogen-2 and hydrogen-3, combine to form an 
atom of helium and a neutron: 

?H -F ^ ^He -F Jn 

Fusion is a very exothermic process. The energy that 
is emitted by stars, including the Sun, is released during 
fusion reactions. 

Fusion is the opposite of fission. Fusion is the com¬ 
bining of atoms, whereas fission is the splitting of atoms. 
During fission, atoms of heavy elements, such as uranium, 
are bombarded with neutrons travelling at high speeds. 
When the neutrons collide with the uranium, the uranium 
nuclei break apart. Like fusion, fission is highly exothermic. 
Energy from the fission of uranium is used in nuclear 
power plants to generate electrical energy. One disadvan¬ 
tage of fission is that its waste is radioactive and requires 
long-term storage. 

Fusion has the potential to be an ideal energy source. The 
hydrogen that is required for fusion is readily available in 
water. Fusion produces enormous amounts of energy—the 
fusion of the hydrogen atoms in one cup of water releases 
as much energy as the combustion of two tonnes of coal. 
Unlike fission or the combustion of fossil fuels, the products 
of fusion do not pose a threat to the environment. 

Billions of dollars have already been spent on fusion 
research, but scientists have been unable to recreate fusion 
in a laboratory (Figure 1). 



Figure 1 This experimental apparatus was used by the Physics 
Department at Birmingham University, U.K., in an attempt 
to repiicate Fleischmann and Pons’s “discovery.” 


What Is “Cold Fusion”? 

In 1989, Martin Fleischmann and Stanley Pons, chemists at 
the University of Utah, claimed to have observed fusion 
occurring at room temperature. In their experiment, 
Fleischmann and Pons used a relatively inexpensive 
electrochemical cell to pass an electric current through 
heavy water. In heavy water, many of the water molecules 
include an isotope of hydrogen called deuterium, jH. 
Fleischmann and Pons claimed that they detected an 
increase in the temperature of the water in the electro¬ 
chemical cell, as well as some stray neutrons. According 
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to Fleischmann and Pons, these observations could not be 
the result of an electrochemical process. They believed that 
the applied current forced deuterium atoms into the crystal¬ 
line structure of the palladium electrode of the cell. There, 
the deuterium atoms were compressed until they under¬ 
went fusion. # CAREER LINK 

Fraud or Bad Science? 

Scientific discoveries are usually first published in scientific 
journals for peer review (review by other experts in the 
field) before being announced to the public. However, peer 
reviews take time. Fleischmann and Pons were concerned 
that a competing researcher was about to announce the 
same discovery. Could they risk waiting to publish when 
cold fusion had the potential to be the most important 
discovery of the twentieth century? They would likely be 
recognized with a Nobel Prize for their work. 

Finally, the intense pressure to be the first to publish 
their “discovery” convinced Fleischmann and Pons to 
bypass the peer review process and release their findings 
directly to the public. Soon after the release, other research 


labs attempted to replicate their work. This is an important 
part of testing new discoveries and theories. However, 
the other researchers announced that they were unable to 
obtain results that matched those of Fleischmann and Pons. 
The “discovery” was not supported by evidence. With this 
announcement, the promise of cold fusion soon fizzled back 
into science fiction. 

Was the cold fusion fiasco fraud or just bad science? 
According to some science historians, Fleischmann and 
Pons did not intentionally lie to the scientific community. 
Instead, they were so convinced of the validity of their 
evidence and the need to get the news out that they took 
the risk of publishing prematurely. It was a gamble—and 
they lost! 

Further Reading 

Browne, M.W (1989, May 3). Physicists debunk claim of a 
new kind of fusion. The New York Times. 

Goldstein, D. (2010). On fact and fraud: Cautionary tales 
from the front lines of science. Princeton, N.J.: Princeton 
University Press. 


Questions 


1. Describe the process that Fleischmann and Pons 
used to try to create fusion. What makes their 
process different from other fusion processes? E2i 

2. In your opinion, did Fleischmann and Pons commit 
fraud or just conduct bad science? Explain your 
reasoning. Provide information about the process 
of science to support your conclusion. Is it more 

or less likely that something similar could happen 
today? D 

3. Billions of dollars have already been spent on fusion 
research, with very limited success. Billions more 
will be needed for the research to continue. Given 
the potential benefits of fusion, do you think this 
expenditure is warranted? Dl 


4. Suppose that you were the head of the Ghemistry 
Department at the University of Utah, where 
Fleischmann and Pons worked. If cold fusion had 
been valid, the discovery would have brought a 
great deal of recognition and millions of dollars of 
research grants to the university. Bi D 

(a) What advice would you have given 
Fleischmann and Pons: Make the 
announcement quickly, or wait for the peer 
review? Explain your reasoning. 

(b) Would you have recommended disciplinary 
action against Eleischmann and Pons after 
other scientists determined that cold fusion did 
not occur? Explain. 
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Corrosion 

There are an estimated 9000 shipwrecks corroding on the seabed (Figure 1). About 
one-sixth of these vessels are oil tankers that were sunk during World War IT As the 
steel in the hulls of these ships corrodes, the oil will leak and pollute local ecosystems. 
In this section, you will examine corrosion, its causes, and how it can be prevented. 



Figure 1 A diver peers through the rusty porthole of a sunken ship. 


The Oxidation of Metals 


corrosion the deterioration of a metal by 
a redox reaction 



Figure 2 A freshly cut piece of sodium 
metal reacts almost instantly with 
oxygen to form dull-grey sodium oxide, 
Na20(s). 


Testing the Corrosion of Iron 
(page 674) 

In this controlled experiment, you will 
test the effects of several factors on 
the corrosion of iron. 


You can consider corrosion to be the process of metals returning to their natural state— 
the ores from which the metals were originally obtained. Corrosion can be defined as the 
breakdown or deterioration of a metal by a redox reaction. Since corroded metal often 
loses its strength and attractiveness, this spontaneous process has a great environmental 
and economic impact. Approximately one-fifth of the iron and steel that is produced 
annually is used to replace rusted metal. Although steel is infinitely recyclable, replacing 
corroded steel and iron uses additional resources and energy. # web link 

Metals corrode because they oxidize easily. With the exception of gold, all the 
metals that are commonly used for structural and decorative purposes have standard 
reduction potentials below (less positive than) the reduction potential of oxygen 
gas. (Refer to the Standard Reduction Potentials table in Appendix B7.) When the 
half-reaction for any of these metals is reversed (to show the oxidation of the metal) 
and combined with the reduction half-reaction for oxygen, the result is a positive E°^ 
value. Thus, the oxidation of most metals by oxygen is spontaneous. We cannot, how¬ 
ever, tell from the reduction potential how fast the oxidation will occur (Figure 2). 

Considering the large difference between the reduction potentials for oxygen 
and most metals, it is rather surprising that the problem of corrosion in air does not 
completely prevent us from using metals. With a reduction potential of —1.66 V, for 
example, aluminum should be easily oxidized by 02 (g). Based on aluminums low 
reduction potential, an aluminum airplane should dissolve in a rainstorm. Why, then, 
is this very active metal used as a structural material? The reason is due to a thin, 
adherent layer of aluminum oxide, Al 203 (s), that forms on the surface of the alu¬ 
minum. This layer protects the internal atoms from further oxidation. Iron also forms 
an oxide coating when exposed to oxygen in moist air. However, unlike the oxide that 
forms on aluminum, the resulting oxide does not adhere well to the underlying metal. 
As a result, the oxide flakes off and exposes new metal to corrosion. This is why iron 
and steel are so seriously affected by corrosion, or rust, career link 
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The corrosion products of “noble” metals, such as copper and silver, are complex 
and affect the use of these metals as decorative materials. Under normal atmospheric 
conditions, copper forms a layer of greenish copper carbonate (Figure 3). Silver 
tarnish is black silver sulfide, Ag 2 S(s). Gold does not corrode in air because it has a 
positive standard reduction potential of 1.50 V, greater than that of oxygen (1.23 V). 

Rusting: The Corrosion of Iron 

Steel is a metal alloy that is composed mainly of iron, with a small percentage of 
carbon. Depending on the type of steel and the intended application, other small 
percentages of other elements are also included in the steel alloy, such as manganese, 
vanadium, chromium, and nickel. Stainless steel is an exception. Stainless steel may 
contain up to 18 % chromium and up to 10 % nickel. 

Since steel is the main structural material for bridges, buildings, and automobiles, 
and iron is a large component of steel, controlling the corrosion of iron is extremely 
important. Instead of being a direct oxidation process, the processes that occur as 
iron corrodes are similar to those in a galvanic cell. The corrosion of iron is an elec¬ 
trochemical process (Figure 4). 


water droplet 



forming a pit 


anode half-reaction equation: cathode half-reaction equation: 

Fe(s)-> Fe2+(aq) -F 2 e- Ojfg) + 2 HjOfI) -r 4 e--> 4 OH-(aq) 

Figure 4 The electrochemical corrosion of iron 

The chemical composition of steel is not quite homogeneous. It has a slightly non- 
uniform surface. As well, bending the steel causes physical strains and leaves stress 
points in it. The iron is more easily oxidized at these non-uniformities and stress 
points (anodic regions) than it is in other parts of the steel (cathodic regions). In an 
anodic region, each iron atom gives up two electrons to form an iron(II) ion: 

Fe(s) ^Fe^^(aq) -F 2 e” 

The electrons that are released flow through the steel, as they do through the wire 
of a galvanic cell, to a cathodic region. At the cathodic region, they are involved in 
the reduction of oxygen: 

02 (g) -F 2 H20(1) -F 4 e“ ^ 4 OH“(aq) 

The iron(II) ions that are formed in the anodic region travel to the cathodic region 
through the moisture on the surface of the steel, just as ions travel through a salt 
bridge in a galvanic cell. In the cathodic region, iron(II) ions react with oxygen to 
form rust. Rust is a hydrated form of iron(III) oxide, Fe 203 »nH 20 (s), where n can 
vary depending on the conditions for the reaction. 

Because of the migration of ions and electrons, rust often forms some distance away 
from where the iron was oxidized. The degree of hydration of the iron oxide affects the 
colour of the rust, which may vary from black to yellow to the familiar reddish brown. 

The electrochemical nature of the corrosion of iron explains the importance of mois¬ 
ture in the corrosion process. Water is a reactant in the reduction half-reaction. It also 
acts much like a salt bridge in a galvanic cell, connecting the anodic and cathodic regions. 
Steel does not rust in dry conditions, which explains why vehicles remain corrosion-free 
in dry climates (Figure 5). 



Figure 3 The green colour of copper 
carbonate, sometimes called verdigris, 
can be clearly seen on the copper 
rooftop of the Peace Tower at the 
Parliament Buildings in Ottawa. 



Figure 5 Flundreds of old airplanes 
are stored at this airplane graveyard in 
Arizona, U.S., until they can be stripped 
of any usable parts. The dry desert air 
prevents the airplanes from rusting. 
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galvanizing the process in which steel is 
coated with a thin iayer of zinc to protect 
the steei from corrosion 


cathodic protection a form of corrosion 
prevention in which eiectrons are 
continuaily suppiied to the metai that 
is being protected, making the metal a 
cathode 


Salt does not actually cause corrosion. However, salt definitely accelerates corro¬ 
sion by providing ions—much like the salt bridge in a galvanic cell. Vehicle owners in 
regions of Canada where salt is used on roads to melt snow and ice are very aware of this 
fact. The severity of rusting is greatly increased because the dissolved salt on the moist 
steel surface increases the conductivity of the aqueous solution formed, and thus acceler¬ 
ates the electrochemical corrosion process. 

Corrosion Prevention 

Preventing corrosion is an important way to conserve energy and metals. The primary 
method of prevention is the application of a coating, such as paint, to protect the metal 
from oxygen and moisture. The metal remains protected as long as the coating remains 
intact. However, even a tiny pinhole in the coating could become a corrosion site. 

Plating steel with other metals provides longer-lasting protection than painting. 
Chromium and tin are often used to plate steel because they oxidize to form a 
durable, effective oxide coating. In a process called galvanizing, zinc is also used to 
coat steel. Zinc forms a mixed oxide-carbonate coating (Figure 6). 

Since zinc is a more active metal than iron, any oxidation that occurs involves zinc 
rather than iron. Consider the reduction half-reaction potentials for iron and zinc: 

Fe"''(aq) -F 2 e“ ^ Fe(s) = -0.44 V 

Zn^+(aq) -F 2 e“ ^ Zn(s) E% = -0.76 V 

Recall that the strongest reducing agents are near the bottom of the right side of the 
standard reduction potentials table. Therefore, zinc is a stronger reducing agent than iron, 
so it is oxidized before iron. Once zinc is oxidized, its oxide-carbonate coating cfings 
tightly to the iron beneath it, isolating iron from the environment. Unlike painting, gal¬ 
vanizing continues to provide corrosion protection even if the metal surface is scratched. 

Alloying, the process of combining two or more metals, is also used to prevent cor¬ 
rosion. Stainless steel, as noted earlier, contains chromium and nickel. Both of these 
metals form oxide coatings that help the steel resist corrosion. In some applications, 
such as surgical implants, it is critical that the metals do not corrode (Figure 7). 



Figure 6 Steel is galvanized by rolling it through Figure 7 This coioured X-ray image of an arm 

a solution of zinc ions. As eiectricity is passed shows how the ulna was repaired using a surgicai- 

through the solution, zinc is deposited on the steel implant secured with screws, 
surface of the steei, galvanizing it. 

Cathodic protection is the most common form of corrosion prevention for steel in huried 
fuel tanks and pipefines. The two methods that are used to provide cathodic protection 
are the sacrificial anode (active metal) method and the impressed current method. Both 
methods work the same way—by supplying the metal to be protected with electrons so 
that it cannot be oxidized. As a result, the metal becomes the cathode of the corrosion cell. 
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The sacrificial anode method involves attaching a more active metal, such as mag¬ 
nesium, to the steel. The active metal is connected by a wire to the pipeline or tank 
that needs to be protected (Figure 8(a)). This method may be used in your home to 
protect the water heater from corrosion. Since the magnesium is a better reducing 
agent than iron, electrons are supplied by the magnesium rather than the iron, 
keeping the iron from being oxidized. As oxidation occurs, the magnesium anode is 
used up, so it must be replaced periodically. The hull of a ship may be protected in a 
similar way, by attaching bars of zinc to the steel hull. In salt water, the zinc acts as 
the anode and is oxidized instead of the steel hull (the cathode). 

The impressed current method involves attaching the object to be protected to the 
negative terminal of a DC power supply (Figure 8(b)). An inert electrode, such as 
graphite, is attached to the positive terminal. When the power is turned on, electrons 
are pumped into the steel object, making it the cathode of the cell. As long as the steel 
object is receiving electrons, it cannot be oxidized. Impressed current is often used 
for structures that are too large to make the use of the sacrificial anode economically 
feasible. For example, many of Canadas oil and natural gas pipelines are protected 
using impressed current. 


sacrificial anode a form of cathodic 
protection in which the oxidation of a more 
active metal that is attached to the steel 
prevents the Iron In the steel from being 
oxidized 


impressed current a form of cathodic 
protection in which electrons from a DC 
power source are pumped Into the metal 
that Is being protected 



electrical energy supply 



Figure 8 Two methods of cathodic protection that can be used to reduce the corrosion of a buried 
pipeline by supplying electrons: (a) attaching a sacrificial anode and (b) impressing a current 


Research This 


Corrosion and Health 

Skills; Researching, Defining the Issue, Identifying Alternatives, Defending a Decision 

Prior to 1960, builders frequently used lead in home construction C. 
and decoration. At the time, it was considered a safe and practical 
material, with many usefui appiications. Lead has since been linked 
to several health problems. Many owners of older homes would 
like to remove the source(s) of lead contamination. In practice, 
however, this may not always be a viable or economical option. 

1. Research sources of lead contamination in older homes. 

2. Research the health risks associated with exposure to lead. 

A. What are the most likely places where lead may be 
encountered in a home? m 

B. How does lead from these places enter the human body? qq 


HANDBOOK • ' 

What effects can lead have on a person? Are certain 
segments of the population more vulnerabie to the negative 
effects of lead? Explain, m 

D. Why is lead removal sometimes impractical? IZD D 

E. Other than removing the lead altogether, what other 
treatments or processes can be used to reduce human 
exposure to lead in an older home? las d 

F. Given that lead was once thought to be safe and is now 
known to cause health problems, what steps would you 
recommend to ensure the safety of the materials used in 
home construction today? Why? bq d 

( 1 ^) 
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Review 

Summary 

• Corrosion is the breakdown or deterioration of a metal by a redox reaction. 

• Most metals spontaneously corrode when exposed to oxygen and water. 

• Dissolved salt allows corrosion to occur faster, but it does not cause corrosion. 

• A corroding piece of iron is similar to a galvanic cell. Oxygen is reduced at 
the cathodic region, and iron is oxidized at the anodic region. Electrons travel 
through the metal from anode to cathode, while dissolved ions travel through 
the water to maintain neutrality. 

• Corrosion prevention methods include coating with paint or a corrosion- 
resistant metal layer, such as galvanizing with zinc; using corrosion-resistant 
alloys; and using cathodic protection (with a sacrificial anode or an impressed 
current). 


Bity 


Questions 

1. Use Table 1 in Appendix B7 to answer the following 
questions. Qdiai 

(a) Which metal, zinc or tin, best protects iron 
against corrosion? 

(b) Why does iron corrode readily in acidic 
solutions, while gold and silver do not? 

2. What substances must be present for iron to 
corrode? 013 

3. (a) Rank the following metals in terms of their 

tendency to oxidize, based on your knowledge 
of the metals and their uses in everyday life: 
gold, zinc, magnesium, iron. 

(b) Rank the metals in Part (a) using a redox table. 
Try to account for any differences from your 
ranking in Part (a). E2I1D 

4. Why do many Canadians have the underside of 
their cars sprayed with oil before each winter? Dl WM 

5. Explain why galvanized steel nails are suitable for 
exterior use, while regular steel nails are not. DU D 

6. (a) Use a Venn diagram to compare the 

mechanisms by which sacrificial anodes and 
impressed current prevent corrosion. 

(b) What do you think is a significant limitation for 
the use of impressed current to protect a steel 
structure from corrosion? I2I!I B D 


7. To investigate the effects of corrosion, steel nails were 
exposed to different conditions in four test tubes: 

Test tube A: steel nails in water and air 

Test tube B: steel nails in a drying agent 

Test tube C: steel nails in distilled water and oil 

Test tube D: steel nails in salt water 

Figure 9 shows the results of the investigation. 

Explain why some of the nails had evidence of 

corrosion, while others did not. BD 



Figure 9 Testing corrosion under different conditions 


8. What are rusticles, and how are they formed? Why are 
they a cause for concern among scientists? Research 
“rusticles from the sunken hull of the Titanic” to find 
articles that answer these questions, ill ESI 
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Electrolysis 

As discussed in Section 10.6, corrosion is the outcome of a spontaneous redox reac¬ 
tion. An impressed current (one method that is used to provide cathodic protection) 
can stop corrosion by reversing the spontaneous corrosion reaction and driving it 
in the non-spontaneous direction. An impressed current passes an electric current 
through the structure being protected, such as a pipeline. An external electrical 
source supplies the current. 

Other non-spontaneous redox reactions can be forced to occur in a similar way. 
One example is recharging the secondary cells in a battery. A battery uses a sponta¬ 
neous redox reaction to produce an electric current. Recharging a battery involves 
applying an external energy source to drive the redox reaction in the reverse, non- 
spontaneous direction. For example, a lead storage battery in a car can be recharged 
by applying a current to it (Figure 1). In this section, you will learn how some useful 
non-spontaneous reactions can be forced to occur. Many of these reactions have 
important consumer and industrial applications. 



Figure 1 A car with a “dead” battery can be restarted by connecting the dead battery to a working 
battery. It is important to follow the manufacturer’s directions when setting up jumper cables. 
Otherwise, a spark might cause the hydrogen gas that is produced to explode. 


Electrolytic Cells 


A galvanic cell produces a current when an oxidation-reduction reaction happens 
spontaneously. Another kind of cell, called an electrolytic cell, uses a current from an 
outside source to make an electrolytic reaction occur. In a process called electrolysis, 
the current is forced through the cell to produce a chemical change for which the cell 
potential is negative. That is, electrical energy causes an otherwise non-spontaneous 
chemical reaction to occur. Electrolysis has great practical importance. For example, 
electrolysis is used to recharge a battery, produce aluminum metal, and cover objects 
with a layer of chrome. 


electrolytic cell a cell that uses electrical 
energy to produce a chemical change that 
would not occur spontaneously 

electrolysis the application of current 
through a cell to produce a chemical 
change 
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Figure 2 shows the differences between a galvanic cell and an electrolytic cell. The 
galvanic cell (Figure 2(a)) runs spontaneously to produce 1.10 V. 

Anode half-reaction equation: Zn(s) —> Zn^'''(aq) -I- 2 e“ 

Cathode half-reaction equation: Cu^’''(aq) + 2 e~—^ Cu(s) 

Figure 2(b) shows an external energy source forcing electrons through the cell in 
the direction opposite to that shown in Figure 2(a). This requires an external potential 
greater than 1.10 V, because the external potential must be apphed in opposition to the 
natural cell potential. The device in Figure 2(b) is an electrolytic cell. Notice that the 
anode and the cathode are reversed in Figures 2(a) and 2(b). In a galvanic cell, zinc is 
the anode. In an electrolytic cell, copper is the anode. Also, ions flow through the salt 
bridge in opposite directions in the two cells. 


power supply 
greater than 1.10 V 




Zn(s)—>Zn2+(aq) 
(oxidation) 


2 e" Cu^'"(aq) + 2 e“ —> Cu(s) 
(reduction) 


(b) Zn2'"(aq) + 2 e“—>Zn(s) Cu(s)—> Cu^'"(aq) + 2 e“ 

(reduction) (oxidation) 


Galvanic cell 


Electrolytic cell 


Figure 2 (a) A gaivanic ceii produces a current from a spontaneous redox reaction: 

Zn(s) -I- Cu^+(aq) -> Zn^+(aq) -i- Cu(s) 

(b) An electrolytic cell requires a power source to drive the opposite, non-spontaneous reaction: 
Cu(s) -t Zn^+(aq) ^ Cu^^(aq) Zn(s) 


Electrolysis of Water 

In Section 10.3, you learned that the reaction in which hydrogen and oxygen com¬ 
bine spontaneously to form water can be used to produce an electric current in a 
fuel cell. The reverse reaction is non-spontaneous and is an example of electrolysis. 
Electric current must be supplied to carry out the electrolysis of water. During 
electrolysis, water is oxidized at the anode and reduced at the cathode. Therefore, 
water is both the oxidizing agent and the reducing agent in this reaction. Only two 
equations in Table 1, Appendix B7, involve just water as an oxidizing agent or a 
reducing agent: 

02 (g) + 4 H+(aq) -f 4 e“ ^ 2 H20(l) E\ = +1.23 Y 
2 H20(1) -f 2 e“ ^ H 2 (g) + 2 OH“(aq) = -0.83 V 
Note that the water in these two equations forms an upward diagonal to the right. 
This means that the electrolysis reaction is non-spontaneous. However, we can 
force it to occur by applying a current. The reaction equations can be written as 
follows: 
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Anode half-reaction equation: 2 H20(l) OjCg) + 4 H’''(aq) -I- 4 e“ 

Cathode half-reaction equation: 4 H20(l) -I- 4 e“ —>■ 2 H 2 (g) + 4 OH“(aq) 
[multiply by 2 to balance electrons] 

Net ionic equation: 6 H20(l) ^ 2 H 2 (g) + OjCg) + 4H’^(aq) -I- 4 0H“(aq) 

4 H20(1) 

or 2 H 20 ( 1 ) ^ 2 H 2 (g) + 02 (g) 

The standard cell potential for the electrolysis of water can be determined using 
the same equation that is used for galvanic cells: 

^-E°r (ceU) = (cathode) “ (anode) 

= -0.83 V- (-fl.23 V) 

AT°r(cell) = -2.06 V 

If you tried to electrolyze pure water by using platinum electrodes connected to 
a 6 V battery, you would observe no reaction. This is because pure water contains 
so few ions that almost no current can flow. However, dissolving even a small 
amount of an electrolyte, such as a soluble salt or a strong acid, in the water causes 
the immediate production of bubbles of hydrogen and oxygen (Figure 3). The 
electrolysis of water supplies oxygen to submarine crews and to astronauts in the 
International Space Station. 


Comparing Galvanic and Electrolytic Cells 

A galvanic cell and an electrolytic cell are both types of electrochemical cell. They have 
some characteristics in common and some differences. The main characteristics of 
galvanic cells and electrolytic cells are compared in Table 1. 

A galvanic cell converts chemical energy into electrical energy through a sponta¬ 
neous chemical reaction that takes place at the electrodes. Oxidation occurs at the 
anode, giving the anode a negative charge. Reduction occurs at the cathode, giving 
the cathode a positive charge. A wire connects the anode and the cathode, allowing 
electrons to move from the anode to the cathode. The electrodes are also connected 
by a salt bridge or a similar ionic conductor, which permits ions to flow between 
them. The flow of ions prevents a charge from building up in one of the electrodes. 
Since the redox reaction that takes place in a galvanic cell is spontaneous, a galvanic 
cell can be used as an energy source for an electrical device. 

In contrast, an electrolytic cell requires an external energy source to operate. 
The basis for an electrolytic cell is a non-spontaneous redox reaction. Therefore, 
energy must be provided to drive the reaction. Like a galvanic cell, an electrolytic 
cell has an anode (the site of oxidation) and a cathode (the site of reduction). 
Electrons leave the anode along the wire, pass through the source of electrical 
energy, and travel to the cathode. 


Table 1 Comparison of Galvanic and Electrolytic Cells 


Galvanic cell 

Electrolytic cell 

involves a spontaneous redox reaction 

involves a non-spontaneous redox reaction 

produces electrical energy 

requires electrical energy to drive the reaction 

uses a salt bridge to prevent a charge buildup 

may or may not use a salt bridge 

results in oxidation at the anode and reduction 
at the cathode 

results in oxidation at the anode and reduction 
at the cathode 

The electrode that would be the anode of a galvanic cell is the cathode of an electrolytic cell. 

The electrode that would be the cathode of a galvanic cell is the anode of an electrolytic cell. 





Figure 3 The electrolysis of water 
produces hydrogen gas at the cathode 
(on the right) and oxygen at the anode 
(on the left). Note that twice as much 
hydrogen as oxygen is produced. 


electrochemical cell a general term that 
is used to refer to both a galvanic cell and 
an electrolytic cell 
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power supply 



solution containing Zn^^(aq) ions 


Figure 4 A model of the electrolytic cell 
that is used industriaiiy to electroplate 
zinc onto iron 


Commercial Electrolytic Processes 

An important characteristic of metals is their ability to donate electrons (become 
oxidized) to form ions. Since metals are usually good reducing agents, most are found 
in nature in ores. Ores are mixtures of ionic compounds, which often contain oxide, 
sulfide, and silicate anions. The noble metals, such as gold, silver, and platinum, are 
more difficult to oxidize and are more often found as pure metals. 

Electrolysis of Aqueous Solutions 

Many industries use electrolytic cells. One important application of electrolysis 
involves plating one metal onto another metal. For example, in Section 10.6 you 
learned that an effective way to prevent iron from corroding is to coat it with zinc. 
In this process, called galvanizing, the metal object to be plated is made the cathode 
of the electrolytic cell by attaching it to the positive terminal of the electrical energy 
supply (Figure 4). An inert electrode, such as graphite, is often used as the anode. The 
electrodes are then placed in an aqueous solution that contains cations of the metal 
to be plated onto the cathode. 

For galvanizing, a zinc sulfate solution is used. As the ceU operates, a shiny layer of 
zinc precipitates onto the iron cathode. Bubbles of oxygen rise from the anode, sug¬ 
gesting that the water is oxidized. The reaction equations are given below: 

Anode half-reaction equation: 2 H20(l) —> 02 (g) + 4 H’''(aq) -f 4 e“ 

Cathode half-reaction equation: 2 Zn^’''(aq) -f 4 e“ —> 2 Zn(s) 

[multiply by 2 to balance electrons] _ 

Net ionic equation: 2 H20(l) + 2 Zn^’^(aq) —> 

2 Zn(s) -F 02 (g) + 4 H+(aq) 

4H20(1) 


The standard cell potential for this cell is 
A£°r(ceU)= -0.76 V- (+1.23 V) 

AB°r(ceU) = -1.99 V 

In practice, a potential difference of more than 1.99 V must be applied for zinc to 
plate onto iron. 


Mini Investigation 


Pencil Electrolysis 
Skills: Performing, Observing, Analyzing 

In this investigation, you will use electrical energy to make a non- 
spontaneous reaction occur. The graphite in pencil “lead” serves as 
the electrode for both anode and cathode half-reactions. 
Equipment and Materials: chemical safety goggles; lab apron; 
Petri dish; 2 small pencils sharpened at both ends; 2 connecting 
wires with alligator clips; 9 V battery; 0.5 mol/L potassium 
iodide, Kl(aq); dropper bottle of phenolphthalein indicator 

1. Put on your chemical safety goggles and lab apron. 

2. Half-fill the Petri dish with the potassium iodide solution. 

3. Add about 10 drops of phenolphthalein to the solution. 

4. Place one end of each pencil in the dish. Keep the pencils 
far apart from each other. 

5. Use the connecting wires to connect the dry end of each 
pencil to a terminal on the battery. 


HANDBOOK ' 

6 . After about 30 s, disconnect the pencils from the battery. 

7. Look for evidence of chemical change. Remove each pencil, 
and check for an odour. 

8 . Dispose of the contents of the dish according to your 
teacher’s instructions. 

A. Identify the anode and the cathode of this cell. lai 

B. What evidence of chemical change did you observe while the 
pencils were connected? 

C. Based on your evidence, predict the identity of one substance 
that was produced at the anode and one substance that was 
produced at the cathode. Justify your predictions, lai 
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Aluminum Production 

Since aluminum is a very active metal, it occurs naturally as an oxide in an ore called 
bauxite. The production of aluminum metal from its ore proved to be more difficult than 
the production of most other metals. In 1854, a process for producing metaUic aluminum 
using sodium was discovered. However, aluminum remained extremely expensive. 

In 1886, Charles M. Hall in the United States and Paul Heroult in France almost simul¬ 
taneously discovered a practical electrolytic process for producing aluminum. The key 
factor in the Hall-Heroult process is the use of molten cryohte, Na 3 AlF 6 (l), as the solvent 
for the aluminum oxide (also called alumina). Today, aluminum is relatively inexpensive 
and has a wide variety of applications, such as building materials (Figure 5). 

Electrolysis is possible only if ions can move to the electrodes. A common method 
for making ions mobile is to dissolve the substance to be electrolyzed in water. 
However, water cannot be used for the electrolysis of the aluminum salt because 
water is more easily reduced than aluminum ions: 

2 H20(1) -I- 2 e“ ^ H 2 (g) OH-(aq) E\ = -0.83 V 

Al3''(aq) 3 e“ ^ Al(s) E\ = -1.66 V 

Thus, aluminum metal cannot be plated out of an aqueous solution of aluminum ions. 

Generally, ions can be made mobile by melting the salt. However, the melting 
point of aluminum oxide, AI 2 O 3 , is much too high (2050 °C) for electrolysis of the 
molten oxide to be practical. A mixture of aluminum oxide and cryolite, however, has 
a melting point of 1000 °C, and the resulting molten mixture can be electrolyzed to 
obtain aluminum metal. As a result of the Hall-Heroult discovery, the price of alu¬ 
minum plunged and its widespread use became economically feasible. The industrial 
production of aluminum still uses the Hall-Heroult process. 

Bauxite is not pure aluminum oxide. It also contains oxides of iron, silicon, and 
titanium, along with various silicate materials. To obtain the pure hydrated alu¬ 
minum oxide, AI 2 O 3 • nH 20 , the bauxite is treated with aqueous sodium hydroxide. 
Aluminum oxide is amphoteric and thus reacts in a basic solution: 

Al 203 (s) -h 2 0H-(aq) ^ 2A102“(aq) -H H20(l) 

The other metal oxides, which are basic, remain as solids. (Recall Section 8 . 6 .) The solution 
that contains the aluminate ion, A 102 ~ (aq), is separated from the sludge of the other oxides 
and is acidified with carbon dioxide gas, causing the hydrated alumina to re-form: 

2C02(g) + 2 A102“(aq) + (n + 1)H20(1) ^ 2HC03“(aq) -t AI2O3 • nH20(s) 
Then, the purified aluminum oxide is mixed with cryolite, Na 3 AlF 6 , and melted at 
about 1000 °C. The dissociated aluminum ions are reduced to aluminum metal in an 
electrolytic cell (Figure 6). 



Figure 5 The low mass, the lustre, and 
the corrosion resistance of aluminum 
make it a useful material for cladding 
the outsides of buildings. 



Figure 6 This electrolytic cell is used to produce aluminum by the Hall-Heroult process. Since molten 
aluminum is denser than the molten mixture of cryolite and alumina, the metal settles to the bottom of 
the cell and is drawn off periodically. 
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The electrolyte solution in the Hall-Heroult cell includes many different ions that 
contain aluminum, so the chemistry is not completely clear. However, aluminum 
oxide probably reacts with the cryolite anion; 

AljOjCs) + 4A1F/“(1) ^ SAipFe^-O) + 6F“(1) 

The following half-cell reactions are also thought to occur: 

Cathode half-reaction equation: AIF/ “ (1) + 3 e“ ^ Al(s) -F 6 F“ (1) 

Anode half-reaction equation: 

2Al20F/-(l) + 12F-(1) + C(s) ^ 

4A1F/-(1) + COjCg) + 4e- 

The overall cell reaction equation can be written as 

2 Al 203 (s) -F 3 C(s) ^ 4 Al(s) -F 3 C02(g) 

The aluminum produced in this electrolytic process is 99.5 % pure. 

Most applications of aluminum use alloys that include other metals. For example, 
to be useful as a structural material, aluminum is alloyed with metals such as zinc 
(for trailer and aircraft construction) and manganese (for cooking utensils, storage 
tanks, and highway signs). 

Unfortunately, the production of aluminum has negative effects on the environ¬ 
ment. Since a great deal of energy is consumed during the process of aluminum 
refining, aluminum production contributes to greenhouse gas emissions, such as 
perfluorocarbons (PFCs), polycyclic aromatic hydrocarbon (PAH), fluoride, F (aq), 
sulfur dioxide, S02(g), and carbon dioxide, C02(g). Placing aluminum smelting 
plants near renewable sources of electrical energy, such as waterfalls, reduces the 
emissions from electricity production. However, the consumption of the carbon elec¬ 
trodes during the electrolytic process also produces PAH and carbon dioxide. 

Recycling used aluminum requires only about 5 % of the energy that is used to 
make new aluminum. Effective recycling programs not only reduce manufacturing 
costs, but also reduce the harmful emissions associated with producing aluminum. 

Electrorefining Metals 

The purification of metals is another important application of electrolysis. Impure 
copper from the chemical reduction of copper ore is cast into large slabs that serve as 
the anodes for electrolytic cells. Aqueous copper sulfate is the electrolyte. Thin sheets 
of ultrapure copper function as the cathodes (Figure 7). When a potential difference 
is applied across the electrodes, only copper is deposited on these cathodes. All the 
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other impurities are left as sludge in the cell. Ultrapure copper is important for the 
production of semiconductors and other electronic components. 

The main anode half-reaction equation can be written as follows: 

Cu(s) —>■ Cu^'^(aq) + 2e“ 

Other metals, such as zinc and iron, are also oxidized from the impure anode: 

Zn(s) —> Zn^+(aq) -f 2 e“ and Fe(s) ^ Fe^"^ -I- 2e“ 

Noble metal impurities in the anode, such as silver, gold, and platinum, are not 
oxidized at the voltage used. They fall to the bottom of the cell to form a sludge, which 
is then processed to remove them. The copper(II) ions from the solution are reduced 
and deposited onto the cathode: 

Anode half-reaction equation: Cu^^(aq) -f 2 e“ —> Cu(s) 

This process produces copper metal that is 99.95 % pure. High-purity gold is also 
produced by electrorefining. 

Electroplating Metals 

Metals that readily corrode can often be protected by applying a thin coating, or 
“plating,” of a metal that resists corrosion. Examples are “tin” cans (which are actually 
steel cans with a thin coating of tin), chrome-plated steel car bumpers, and silver- 
plated jewellery and decorative items. 

An object can be plated by making it the cathode in a tank that contains ions of 
the plating metal. Silver plating is an example of this electrolytic process (Figure 8). 
The silver plating solution contains ions that form complexes with the silver ion. By 
lowering the concentration of available silver ions, a smooth, even coating of silver 
forms over the surface of the object (Figure 9). ® career link 



Figure 8 In an electroplating cell, the 
item to be plated (the spoon) is the 
cathode and a silver bar is the anode. 
Silver is plated out at the cathode: 
Ag+(aq) -t e^ Ag(s) 

Note that a salt bridge is not needed 
because silver ions are involved at both 
electrodes. 



Figure 9 Silver plating is often used to beautify and protect cutlery and tableware, such as this 
elegant tea set. 


Metal plating processes have brought many benefits but also pose a range of envi¬ 
ronmental concerns. Heavy metals, such as chromium, lead, and cadmium, are used 
in these processes. Cyanide is a poisonous compound that is used in plating baths. 
The release of any of these toxic metals or their ions into the environment can cause 
serious health problems for organisms and persistent damage to ecosystems. 
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Review 

Summary 

• Electrolysis involves forcing a current through a cell to cause a non- 
spontaneous redox reaction to occur. 

• Electrolytic and galvanic cells are both electrochemical cells. They contain an 
anode where oxidation occurs and a cathode where reduction occurs. 

• An electrolytic cell, unlike a galvanic cell, requires an external energy source 
and involves a non-spontaneous redox reaction rather than a spontaneous 
redox reaction. 

• Industrial applications of electrolysis include the electrolysis of water and 
other aqueous solutions, as well as recharging batteries, producing aluminum, 
electrorefining metals, and electroplating. 




Questions 


1. Explain, using a graphic organizer of your choice, 
the differences between a galvanic cell and an 
electrolytic cell. Refer to type of reaction and energy 
flow. QQ] 

2. Describe a consumer product that contains a 
galvanic cell or battery and is sometimes used as 
part of an electrolytic cell. D 

3. Predict the half-reaction that will take place at the 
cathode and anode when each salt is melted and 
electrolyzed. ESI 

(a) NiBr 2 (l) 

(b) A1F3(1) 

(c) Mnl^d) 

4. Explain why aluminum recycling can be good for 
both business and the environment. Bn 

5. A steel ring can be electroplated with gold in an 
aqueous solution that contains gold(III) ions. Sketch 
and label a diagram of a cell that could be used to 
produce gold-plated steel. Identify the anode and 
the cathode in the cell. Indicate the direction of 
electron flow. Bn 

6. Draw a diagram of a process that can be used to 
electroplate copper onto a steel object, such as a 
coin. Include in your diagram suggested electrodes, 
the ions in solution, power supply and connectors, 
the sign of the electrodes, and the direction of 
electron and ion flow. Bn B 

7. During the electrolysis of a tin(II) chloride solution, 
SnCl 2 (aq), a silver-coloured metal, is deposited onto 
the cathode. Bubbles of a gas are observed at the 
anode. A bleach-like odour is detected. Use a redox 
table to predict the anode, the cathode, and the net 
ionic equation. Bn B 
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8. An electrolytic cell is set up using inert electrodes 
in an aqueous copper(II) sulfate solution. After 
an hour of electrolysis, the solution is tested. The 
concentration of copper(II) ions has decreased, 
while the concentration of hydrogen ions has 
increased. The mass of one electrode has also 
increased. Explain these observations using the 
half-reaction equation for each electrode. Bn 

9. Consider the equations for the anode and cathode 
half-reactions for the Hall-Heroult process, given in 
this section. Bn B 

(a) Combine these two equations to determine the 
overall cell reaction equation. 

(b) Combine your answer in (a) with the equation 
for the reaction of aluminum oxide with the 
cryolite ion, A1E6^“(1), to give the overall 
equation for the production of aluminum: 

2 Al 203 (s) -f 3 C(s) ^ 4 Al(s) -f 3 C02(g) 

10. Research and explain the steps involved in 
removing tarnish from a silver object using 
aluminum foil and baking soda. Include the 
equation for the chemical reaction. # BD 

11. Electroplating companies use a variety of hazardous 
substances. Research answers to the following 
questions,^ and summarize your findings in a brief 

• What environmental hazards are associated with 
the electroplating industry? 

• What health and safety hazards are associated 
with the waste that is generated by electroplating 
companies? 

• What steps do electroplating companies take to 
minimize any negative health or environmental 
effects of their industry? 






^ Investigations 


OBSERVATIONAL STUDY 


Investigating Galvanic Cells 

In this investigation, you will test three different cell 
designs. Your goal is to determine which cell design 
produces the highest voltage. To make your comparison 
fair, you will use the same electrodes and electrolytes for 
all three designs. 


• Hypothesizing 

• Predicting 


• Planning 

• Controlling Variables 

• Performing 

• Observing 


© Copper(ll) sulfate is toxic and an irritant. Avoid skin and eye 
contact, if you spiil copper(ii) suifate soiution on your skin, 
wash the affected area immediateiy with pienty of cooi 
water. Report any spiiis to your teacher. 


Purpose 

To determine which cell design results in the greatest 
voltage 

Equipment and Materials 

• chemical safety goggles 

• lab apron 

• protective gloves 

• 4 medium-sized beakers or a well plate 

• U-tube 

• voltmeter 

• connecting leads 

• zinc and copper strips 

• emery paper 

• cotton plugs 

• tap water 

• solutions (0.1 mol/L) of 

- potassium sulfate, K 2 S 04 (aq) 

- copper(II) sulfate, CuS 04 (aq) © @ 

- zinc sulfate, ZnS 04 (aq) 


Procedure handbook T 

1. Put on your chemical safety goggles, lab apron, and 
protective gloves. 

2. Construct the three galvanic cells shown in 
Figure 1. Use tap water for cell (a). Follow your 
teachers instructions for filling the U-tube in cell (c). 
Keep the electrodes as clean as possible. 

3. Connect the voltmeter to each cell, in turn, so that 
the cell potential has a positive value. Record the cell 
potential. 

4. Investigate the effect of removing the salt bridge on 
the cell potential in cell (c). 

Observations 

Create a data table to record your observations. 

Analyze and Evaluate 

(a) What were the manipulated variables in this 

investigation? What were the responding variables? 
Which variables were held constant? EH 





(a) Zn(s) I H20(I) I Cu(s) (b) Zn(s) I K2S04(aq) I Cu(s) (c) Zn(s) I ZnS04(aq) II CuS04(aq) I Cu(s) 


Figure 1 Three different galvanic cell designs 

if 
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(b) Which cell design produced the highest voltage? ED 

(c) Which cell design produced the lowest voltage? 
Explain. Em 

(d) Predict the effect of replacing tap water with distilled 
water on the potential for cell (a). Justify your 
prediction. Em 

(e) Why do you think all the solutions that you used in 
this investigation are sulfates? Em 

(f) Identify the anode and the cathode. Justify your 
choices. Em 


(g) What effect did removing the salt bridge have on the 
cell potential? Explain. Em 

Apply and Extend 

(h) Design an investigation to test the effect of decreasing 
the cation concentration on cell potential in cell 

(c). {Hint: Add an appropriate precipitating agent 
to one half-cell and then the other.) Have your 
design approved by your teacher, then perform the 
investigation. Em 

(i) Provide an explanation for your observations in (h). Em 


' CONTROLLED EXPERIMENT 


Constructing a Galvanic Cell 

In this investigation, you will determine the effects of the 
materials used to construct a cell on the ceU potential. The 
cell you will construct has a simple yet unusual design. 

Testable Question 

Which combination of electrode and electrolyte, when 
combined in a galvanic cell with an aluminum electrode, 
gives the greatest cell potential? 

Hypothesis hmSk v 

Write a hypothesis to predict which of the available 
electrodes will result in the greatest ceU potential. Justify 
your prediction. 


• Hypothesizing 

• Predicting 


• Pianning 

• Controiiing Variabies 

• Performing 

• Observing 


• Anaiyzing 

• Evaiuating 

• Communicating 


' graphite, iron, magnesium, zinc, and copper electrodes 
' emery paper 
' solutions (0.1 mol/L) of 

- hydrochloric acid, HCl(aq) @ 

- sodium hydroxide, NaOH(aq) © 

- sodium chloride, NaCl(aq) 

V The acids and bases that are used in this investigation are 
^ corrosive. Avoid skin and eye contact, in case of contact, 
wash the affected area immediateiy with pienty of cooi 
water. Report any spiiis to your teacher. 


Variables 

Read the procedure, and identify the manipulated and 
responding variables in Part A and Part B. Identify the 
variables that must be controlled. 

Experimental Design 

An aluminum pop can serves a dual purpose as the 
container and as one of the electrodes in this investigation 
(Figure 1). Other electrodes will be tested to discover 
which electrode results in the highest cell potential. 

When the best electrode has been selected, a variety of 
electrolytes (a salt solution, an acidic solution, and a basic 
solution) wiU be tested to discover which electrolyte results 
in the highest cell potential. 

Equipment and Materials 

• chemical safety goggles 

• lab apron 

• protective gloves 

• voltmeter 

• connecting leads with alligator clips 

• one empty aluminum pop can with the top removed 


Procedure hand^boo^ ^ 

Part A: Testing Electrodes 

1. Put on your chemical safety goggles, lab apron, and 
protective gloves. 


2. The aluminum can is one of the electrodes in 
Figure 1. To enable the connecting wire to make 
contact, scrape some of the paint off the can. 



Figure 1 A pop-can cell 
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3. Use the sodium chloride solution as the electrolyte 
and the aluminum can as one electrode. Test each 
possible electrode (in the materials list), in turn, to 
determine which electrode produces a cell with the 
greatest cell potential. Keep the electrodes as clean as 
possible. 

Part B: Testing Electrolytes 

4. Use the electrode that produced the greatest cell 
potential in Step 3. Test each of the three solutions 
(in the materials list), in turn, to determine which 
electrolyte produces a cell with the greatest cell 
potential. 

5. Dispose of the solutions as directed by your teacher. 

Observations 

Create data tables to record your observations in Part A 

and Part B. 

Analyze and Evaluate 

(a) Which electrode combination produced the greatest 
cell potential? BO 


(b) Which electrolyte produced the greatest cell potential? E2i 

(c) Answer the testable question. EZl 

(d) Which variables were measured/recorded and/or 
manipulated in this experiment? Which variables 
were held constant? BO 

(e) Using standard reduction potentials, calculate the 
theoretical (expected) voltage for each cell that you 
tested. Determine the percentage difference between 
your experimental value and the theoretical voltage. 
Account for any differences. BQ 

(f) Identify any sources of error in this investigation. 
What effect could each source of error have on the 
voltage of the cell? Bn 

(g) How suitable is the pop-can cell for commercial 
development? Consider a variety of factors in your 
analysis. BDD 

Apply and Extend 

(h) Design and (with your teacheiHs approval) construct a 
battery by connecting two pop cans in series. Measure 
and record its voltage. What effect does the cell 
arrangement have on voltage? Dl 


' CONTROLLED EXPERIMENT 


Investigating Cell Potentials 

In this investigation, you will construct galvanic cells using 
magnesium, zinc, iron, and copper half-cells (Figure 1). 
Then, you will compare the observed ceU potential for each 
cell you constructed with the theoretical cell potential, as 
predicted using Table 1 in Appendix B7. 


• Hypothesizing 

• Predicting 


• Planning • Anaiyzing 

• Controlling Variables • Evaluating 

• Performing • Communicating 

• Observing 


Prediction handbook *2-2 

In a table, list all the galvanic cells that can be constructed 
using the four half-cells above. Use a redox table to predict 
the cell potential for each cell. Predict the identity of the 



anode and cathode in each cell. 

Variables 

Record the manipulated, responding, and controlled 
variables for this investigation. 


Figure 1 A galvanic cell in a well plate 

Testable Question 

What are the standard cell potentials of all the cells that 
can be constructed using the magnesium, zinc, iron, and 
copper half-cells? 


Experimental Design 

You will measure the cell potential for each galvanic 
cell you construct and compare this cell potential with 
the theoretical cell potential, as predicted in a redox 
table. 


if 
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Equipment and Materials 

chemical safety goggles 
lab apron 
protective gloves 
well plate 
tweezers 
voltmeter 
connecting leads 

strips of magnesium, zinc, iron, and copper metal 
emery paper 

strip of filter paper soaked in potassium sulfate 
solution, K 2 S 04 (aq) (1.0 mol/L) 
solutions (0.1 mol/L) of 

- magnesium sulfate, MgS 04 (aq) 

- zinc sulfate, ZnS 04 (aq) 

- iron(II) sulfate, FeS 04 (aq) 

- copper(II) sulfate, CuS 04 (aq) © @ 

Copper(ll) sulfate is toxic and an irritant. The other solutions 
are irritants. Avoid skin and eye contact. If you spill copper(ll) 
sulfate on your skin, wash the affected area immediately 
with plenty of cool water. Report any spills to your teacher. 

Procedure hanS v..’ 

1. Put on your chemical safety goggles, lab apron, and 
protective gloves. 

2. Clean the metal strips thoroughly with emery paper. 

3. Construct each half-cell using four adjacent wells of 
the well plate, as shown in Figure 1. 

4. Use tweezers to link two half-cells with a filter-paper 
strip, which acts as a salt bridge. 

5. Use the voltmeter reading to determine the anode 
and the cathode of the cell. Measure the cell potential 
for the first two half-cells. Record your observations. 

6. Dispose of the salt bridge after use. 

7. Repeat Steps 4 and 5 for the remaining half-cell 
combinations. 

8. Collect or dispose of the solutions as directed by your 
teacher. 


Analyze and Evaluate 

(a) Summarize your observations in a well-organized 
data table. Use cell notation to describe each cell in 
your table. D 

(b) Answer the testable question. DD 

(c) Identify the manipulated, responding, and controlled 
variables in this investigation. EBl 

(d) Identify the anode and the cathode for each cell in 
your data table. Bn 

(e) Write the half-reaction equations and the net ionic 
equation for each cell reaction. ESI 

(f) A 5 % difference between observed and predicted 
data is often unavoidable, due to the limitations of an 
experiment or the materials used. Using this criterion, 
is the agreement between the observed and predicted 
cell potentials acceptable? ESI 

(g) What sources of error could account for any 
differences you observed? EBI 

(h) If you had not cleaned the metals, how do you think 
this would have affected the observed cell potentials? 
Justify your reasoning. EB 

Apply and Extend 

(i) Suppose that the magnesium half-cell had been 
selected as the reference standard half-cell instead 
of the standard hydrogen half-cell. If the reduction 
potential for the magnesium half-cell is considered to 
be 0 V, use your observations to predict the standard 
reduction potentials of the zinc, iron, and copper 
half-cells relative to the magnesium half-cell. EH 

(j) Use your predicted reduction potentials in (i) to 
predict the cell potential for the following cell: 

Zn(s) I Zn^'^(aq) || Cu^’^(aq) |Cu(s) 

Compare your predicted cell potential with your 
observed potential. Is this difference acceptable? 
Justify your answer. EH 


CONTROLLED EXPERIMENT 


Testing the Corrosion of Iron 

Recall, from Section 10.6, that corrosion is a complex 
electrochemical process. The corrosion of iron begins with 
the oxidation of iron to iron(II) ions. The oxidizing agent 
can vary. For example, oxygen can act as the oxidizing 


• Hypothesizing 

• Predicting 


• Planning • Analyzing 

• Controlling Variables • Evaluating 

• Performing • Communicating 

• Observing 


agent for neutral or basic solutions, according to the 
following half-reaction: 


02 (g) -f 2 H20(1) -f 4 e“ 


^4 0H"(aq) 


674 Chapter 10 • Eiectrochemical Celis 







Diagnostic tests, such as those shown in Figure 1, 
can be used to detect the presence of hydroxide ions and 
iron(II) ions. Potassium hexacyanoferrate(III) can be used 
as an indicator, since it changes from yeUow to blue when 
iron(II) ions are present. Phenolphthalein changes from 
colourless to pink when hydroxide ions are present. 



Figure 1 Diagnostic tests for Fe^^ and OH ions 


• dropper bottle solutions of 

- phenolphthalein indicator (D 

- potassium hexacyanoferrate(III) indicator 

• 10 ml of each of the following solutions (0.1 mol/L): 

- sodium chloride, NaCl(aq) 

- hydrochloric acid, HCl(aq) @ 

- sodium hydroxide, NaOH(aq) 

• tap water 

• freshly boiled tap water from your teachers kettle (to 
remove dissolved oxygen) 

• copper wire 

• strips of magnesium ribbon 


@ 


Phenolphthalein is flammable. Keep it away from open 
flames. 


^ Hydrochloric acid and sodium hydroxide solutions are 
' corrosive. If you spill either of these solutions on your skin, 
wash the affected area immediately with plenty of cool 
water. Report any spills to your teacher. 


In this investigation, you will design mini investigations 
to answer three testable questions. The list of equipment 
and materials will help you decide how to design your 
mini investigations. Be sure to include a control in each 
mini investigation. 

Testable Questions 

(a) How does the pH of the electrolyte affect corrosion? 

(b) How does the presence of both oxygen and water 
affect corrosion? 

(c) How does contact with other metals affect corrosion? 

Prediction handmok vT *2.2 

Predict how each variable in each testable question will 
affect corrosion. Record your predictions. 

Variables 

Record the independent variable, the dependent variable, 
and the control for each part of this investigation. 

Experimental Design 

You will design a procedure to answer each testable 
question using the equipment and materials provided. 

Equipment and Materials 

• chemical safety goggles 

• lab apron 

• protective gloves 

• cleaned nabs 

• test tubes 

• test-tube rack 

• stoppers 


Procedure 

1. Study the list of equipment and materials. Design a 
mini investigation to answer each testable question 
using the equipment and materials. Include a control 
in each mini investigation. Specify safety precautions. 

2. Once they are approved, conduct your mini 
investigations. 


Observations 

Create a data table to record your observations. 


Analyze and Evaluate 

(a) Determine the variables that were manipulated in 
each mini investigation. BQ 

(b) Which variables were controlled? DO 

(c) Provide an answer to the testable question for each 
mini investigation. Include evidence that supports 
your answer. E21 

(d) Evaluate your procedure for each mini investigation. 
If you were to repeat the investigations, what would 
you do differently to improve your results? E2i 

(e) Why was it necessary to design a control for each 
mini investigation? 1213 


Apply and Extend 

(f) A graphite electrode and a nail are immersed in 
a sodium sulfate solution, Na 2 S 04 (aq). The two 
electrodes are attached to a direct-current energy 
supply. Design an investigation to determine the effect 
of the connection (positive or negative) on the rate 
of corrosion. Outline diagnostic tests to detect the 
reaction products. EZD 
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SW SUMMARY 


Summary Questions 


1. Review the Key Concepts on page 634. “Unpack” each 
concept, and list all the sub-ideas you need to know 
in order to understand it fully. Include diagrams and 
at least one example of each concept in action in your 
“unpacking” of the concept. 

Vocabulary 


2. Look back at the Starting Points questions on page 
634. Answer these questions again, based on what you 
have learned in the chapter. Then review your original 
answers. Complete the following statement for each 
question: “At first I thought... but now I know...” 


half-cell (p. 636) 
electrode (p. 636) 
cell (p. 636) 
salt bridge (p. 637) 
galvanic cell (p. 638) 
anode (p. 638) 
cathode (p. 638) 


cell potential (p. 642) 
standard cell (p. 643) 
standard cell potential (APr(ceii)) 
(p.643) 

standard reduction potential (E°,) 
(p.643) 

standard hydrogen half-cell 
(p.643) 


battery (p. 649) 
primary cell (p. 649) 
secondary cell (p. 650) 
fuel cell (p. 652) 
corrosion (p. 658) 
galvanizing (p. 660) 
cathodic protection (p. 660) 


sacrificial anode (p. 661) 
impressed current (p. 661) 
electrolytic cell (p. 663) 
electrolysis (p. 663) 
electrochemical cell (p. 665) 


Grade 12 Chemistry can lead to a wide range of careers. Some require a college diploma skills 

or a B.Sc. degree. Others require specialized or postgraduate degrees. This graphic 
organizer shows a few pathways to careers mentioned in this chapter. 

1. Select two careers related to Electrochemical Cells that you find interesting. Research 
the educational pathways that you would need to follow to pursue these careers. 
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SELF-QUIZ 


D Knowledge/Understanding BIl Thinking/Investigation 


For each question, select the best answer from the four 
alternatives. 

1. The essential components of a galvanic cell are 

(a) two different metals and an electrolyte 

(b) two identical metals and an electrolyte 

(c) two different metals and two different electrolytes 

(d) two different metals and distilled water (10.1) QID 

2. Which statement best describes the route of electrons 

in a galvanic cell? (10.1) QQ 

(a) Electrons flow through the solution from the 
anode to the cathode. 

(b) Electrons flow through the solution from the 
cathode to the anode. 

(c) Electrons flow through a wire from the cathode 
to the anode. 

(d) Electrons flow through a wire from the anode to 
the cathode. 

3. Why must many galvanic cells have a salt bridge in 

order to function? (10.1) QI!] 

(a) Salt bridges conduct electrons from the anode to 
the cathode. 

(b) Salt bridges transfer ions between the half-cells. 

(c) Salt bridges keep electrodes from coming into 
contact with each other. 

(d) Salt bridges provide for standard conditions. 

4. What is the value of AE°^ ((,^ 11 ) for the cell with the 

following overall reaction equation? 


Ee(s) + Sn^’''(aq) —> Ee^’''(aq) 

+ Sn(s) (10.2) BH 

(a) 

+0.30 V 


(b) 

-0.30 V 


(c) 

+0.58 V 


(d) 

-0.58 V 


A9 

V baffery is most likely 


(a) 

6 cells, each 1.5 V, joined i 

n series 

(b) 

9 cells, each 1 V, joined in 

parallel 

(c) 

a single cell with a large reduction potential 

(d) 

used in automobiles (10.3' 

) 013 


6. Which of the following accelerates the corrosion of 
iron? (10.5) 013 

(a) warm, dry climates 

(b) lack of oxygen 

(c) water 

(d) paint or oil coatings 


7. Which of the following is true of the cathodic 
protection of iron? (10.6) QIS 

(a) Iron is the anode of the cell. 

(b) Iron is the cathode of the cell. 

(c) Iron is no longer a part of the cell. 

(d) Iron atoms cannot lose electrons. 

8. Which process occurs at the cathode, in an 
electrolytic cell? (10.7) QIS 

(a) Metal atoms become ions. 

(b) Metal ions are reduced. 

(c) Anions lose electrons. 

(d) The electrode loses mass. 

9. Which of the following statements describes how an 
electrolytic cell differs from a galvanic cell? (10.7) QQ 

(a) Electrolytic cells require electrodes. 

(b) Electrolytic cells use a redox reaction. 

(c) Electrolytic cells have a commercial use. 

(d) Electrolytic cells require a source of energy. 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

10. Oxidation of a substance corresponds to losing 
electrons. (10.1) QQ 

11. An oxidizing agent loses electrons and causes another 
substance to lose electrons. (10.1) QQ 

12. The strongest reducing agent in a galvanic cell has the 
largest positive reduction potential. (10.2) QQ 

13. The standard reduction potential of any entity is 
based on the reduction potential of the weakest 
available reducing agent. (10.2) m 

14. The hydrogen fuel cell is an alternative source of 
energy for road transportation. (10.3) 013 

15. The alkaline battery has been used in vehicles for over 
80 years. (10.3) 013 

16. Corrosion is an electrochemical process. (10.6) 1313 

17. The electrolysis of water provides energy to the 
International Space Station. (10.7) 1213 


I Go to Nelson Science for an online self-quiz. 

( 1 ^’ WEB LINK 
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SW REVIEW 


BZa Knowledge/Understanding EBl Thinking/Investigation D Communication D Appiication 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. Which of the following statements is true for a zinc- 
copper galvanic cell? (10.1) QQ 

(a) Electrons flow from the copper electrode to the 
zinc electrode. 

(b) Electrons flow from the zinc electrode to the 
copper electrode. 

(c) The anions in the salt bridge move toward the 
copper electrode. 

(d) The cations in the salt bridge move toward the 
zinc electrode. 

2. The standard reduction potentials of two half-cells are 
given below: 

Ni2+(aq) -f 2e-^^ Ni(s) E°= -0.25 V 
Zn2+(aq) -f 2e-^^ Zn(s) E°= -0.77 V (10.2) QQ 
The voltage of the cell formed by combining the 
above two half-cells would be 

(a) -1.02 

(b) -fO.52 

(c) -1-1.02 

(d) -0.52 

3. Which of the following is always a consequence of 
corrosion? (10.6) m 

(a) The metal is eventually eaten away. 

(b) One metal is oxidized and another is reduced. 

(c) Water is produced. 

(d) A metal oxide forms. 

4. The process of covering iron with a protective coating 
of zinc is called 

(a) oxidation 

(b) condensation 

(c) galvanization 

(d) precipitation (10.6) QQ 

5. Which of the following statements is true for an 
electrolytic cell? (10.7) QID 

(a) Reduction occurs at the cathode. 

(b) Reduction occurs at the anode. 

(c) Electrons flow from the positive terminal of the 
power supply. 

(d) The cathode is eventually depleted. 

6. The electrorefining of copper 

(a) produces highly pure copper 

(b) involves electrolysis 

(c) may produce gold as waste 

(d) all of the above (10.7) QQI 


Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

7. In a galvanic cell, electrons travel from the cathode to 
the anode via the external circuit. (10.1) BID 

8. In a galvanic cell, chemical energy is converted to 
electrical energy. (10.1) BID 

9. The standard cell potential, AE°^ can be predicted 
using the cell potentials of each half-reaction. 

(10.2) BID 

10. The redox reaction in a secondary cell is irreversible 
when a current runs through the cell. (10.3) BID 

11. The rising cost of energy from hydrogen has consumers 
looking at alternative sources of energy. (10.4) BID 

12. Fission is the nuclear process in which small atoms 
combine to form larger atoms under conditions of 
very high temperature and pressure. (10.5) BID 

13. Steel rusts more slowly in salt water than in tap water. 

( 10 . 6 ) m 

14. Metals that readily corrode can often be protected by 
the application of a thin coating of a metal that is less 
easily oxidized. (10.6) BID 

15. Electrolysis involves applying a current to an 
electrolytic cell to cause a non-spontaneous reaction 
to occur. (10.7) BID 

Match each term on the left with the most appropriate 
description on the right. 

16. (a) galvanic cell 

(b) electrolytic cell 

(c) impressed current 

(d) galvanizing 

(e) series connection 

(f) standard hydrogen 
half-cell 

(g) cell potential 

(h) secondary cell 


involving zinc (10.1, 
10.2, 10.3, 10.6, 10.7) 


(i) assigned a reduction 
potential of 0 V 

(ii) a cell designed with 
a reversible redox 
reaction 

(iii) a system that uses 
electricity to make 
a non-spontaneous 
reaction occur 

(iv) joined in a continuous 

(v) an electrochemical cell 
that produces electricity 

(vi) a form of cathodic 
protection 

(vii) the difference in the 
reduction potentials of 
two half-cells 

(viii) corrosion protection 
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Write a short answer to each question. 

17. A functioning galvanic cell is produced using a silver 
electrode in a silver nitrate solution and a copper 
electrode in a copper(II) nitrate solution. (10.1) EiD B 

(a) Sketch the galvanic cell, labelling all parts. 

(b) Write the two half-reactions. 

(c) Write the net ionic equation. 

(d) Describe the cell using line notation. 

18. During the operation of a galvanic cell, oxidation 
occurs at one of the electrodes. (10.1) QQ 

(a) What is the name of this electrode? 

(b) Is this electrode positive or negative? 

19. Identify the oxidizing agent and reducing agent in the 
reaction represented by the following equation: (10.1) ^ 

Zn(s) + 2 Cu'''(aq) 2 Cu(s) + Zn^'''{aq) 

20. What energy changes occur during the operation of a 
galvanic cell? (10.1) QQ 

21. The following net ionic equations describe reactions 
taking place in galvanic cells. Write the standard line 
notation for each cell. (10.1) BID 

(a) Fe^'^(aq) + Al(s) —> AP^(aq) + Fe(s) 

(b) Cu^^(aq) + Cr^'''(aq) ^ Cu’''(aq) + Cr^^(aq) 
(using inert platinum electrodes) 

22. Refer to a redox table to answer the following questions. 
(Assume that all reactions occur at SATR) (10.2) BID 

(a) Are iron(II) ions capable of oxidizing 
chromium(II) ions to chromium(III) ions? 

(b) Are iron(II) ions capable of oxidizing manganese, 
Mn? 

(c) Is hydrogen gas, H 2 (g), capable of reducing nickel 
ions, NP+(aq)? 

23. (a) Name one type of fuel cell used in the U.S. space 

program. 

(b) What was the product used for? (10.3) BID 

24. Under what circumstances does electrolysis occur? 
(10.7) m 

25. List at least three apphcations of electrolysis. (10.7) BID 

Understanding 

26. Briefly describe the purpose of the following 
components in a galvanic cell: (10.1) BID 

(a) salt bridge (c) electrolyte 

(b) wire (d) conductive electrodes 

27. Many galvanic cells have the two electrodes in 
separate beakers with a salt bridge and wire 
connecting them. However, it is possible to create a 
galvanic cell by inserting two electrodes, joined by a 
wire, into a piece of fruit or a vegetable. In this case 
both electrodes are in the same “container.” Explain 
how both of these arrangements operate to produce 
electrical energy. (10.1) Em 


28. In a chart, summarize four different factors that will 
stop a galvanic cell from functioning, and explain 
why. (10.1) EOIB 

29. In a laboratory test, you set up two half-cells. One 
contains a piece of zinc metal in a zinc nitrate 
solution; the other contains a piece of nickel metal in 
a nickel nitrate solution. (10.2) EBl 

(a) Identify the anode and cathode if these half-cells 
are joined to form a galvanic cell. 

(b) Predict the cell potential, assuming standard 
conditions. 

30. Refer to a redox table to answer the following 
questions. (Assume that all reactions take place under 
standard conditions.) Predict the cell potential for all 
spontaneous reactions. (10.2) BBEBl 

(a) Is H'''(aq) capable of oxidizing Cu(s) to Cu^'''(aq)? 

(b) Is Fe^'''(aq) capable of oxidizing I“(aq)? 

(c) Is H 2 (g) capable of reducing Ag'^(aq)? 

31. Why is it impossible to obtain the electric potential 
for a single half-cell? (10.2) BID 

32. What is the function of the platinum wire in a 
standard hydrogen electrode? (10.2) BID 

33. The standard reduction potential for a half-cell 
involving zinc metal and aqueous zinc ions is -0.76V. 
Write equations for the half-reactions occurring at the 
electrodes when the zinc half-cell is connected to a 
standard hydrogen electrode. (10.2) EZl 

34. For each of the following pairs of half-reaction 
equations, write the net ionic equation and calculate 
the standard cell potential, A£°j (10.2) BID EZO 


(a) 

Zn^'^(aq) -f 2e 

—> Zn(s) 

E\ 

= -0.76 V 


Cd2+(aq) -f 2e- 

^ Cd(s) 

E°r 

= -0.40 V 

(b) 

Ag+(aq) -F e ^ Ag(s) E\ = 

= 0.80 V 


AP’^(aq) -F 3 e 

^ Al(s) 

E°r 

= -1.66 V 

(c) 

Fe2+(aq) -F 2 e” 

^ Fe(s) 

E°r 

= -0.44 V 


Al^+(aq) -F 3 e“ 

^ Al(s) 

E°r 

= -1.66 V 


35. Write the balanced ionic equation and determine 
A£°r (ceu) for each of the galvanic cells based on the 
following pairs of half-reaction equations. (Refer to 
Table 1 in Appendix B7.) (10.2) BID EZI 

(a) 2H+(aq) + 2 e" ^ H 2 (g) 

Al^’^(aq) -f 3 e" ^ Al(s) 

(b) Cr 207 ^“(aq) -f 14H’^(aq) -f 6e“—> 

2Cr^+(aq) + 7 H20(I) 
H202(aq) + 2 H+(aq) + 2 e" ^ 2 H20(l) 

36. Calculate A£°j values for the following cells. 
Predict which reactions are spontaneous as written 
(under standard conditions). (Refer to Table 1 in 
Appendix B7.) (10.2) EZIIB 

(a) Pb^'^(aq) -I- Cu(s) — > Pb(s) -I- Cu^’^(aq) 

(b) Au^+(aq) -f 3 Ag(s) ^ 3 Ag+(aq) -f Au(s) 

(c) 2 Cu'^(aq) ^ Cu(s) + Cu^^(aq) 
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37. Calculate A£°j values for the cells represented by 
the following chemical equations. Which reactions are 
spontaneous as written (under standard conditions)? 
Balance the equations in acid. (10.2) EZD 

(a) Mn 04 “(aq) + r(aq) ^l 2 (s) + Mn2+(aq) 

(b) Mn 04 “(aq) + F"(aq) ^ F 2 (aq) + Mn^+faq) 

38. (a) What is the electrolyte in a typical alkaline dry cell? 
(b) What safety precautions would you recommend 

when handling a corroded alkaline dry cell? 
Explain. (10.3) QQEai 

39. Rust is a familiar product of a redox reaction. (10.6) QQ 

(a) What two substances must always be present for 
rusting to occur? 

(b) Explain why rust forms more readily in a damp 
environment than in dry conditions. 

40. Create a graphic organizer, such as a Venn 
diagram, to communicate the differences between 
electrochemical cells, galvanic cells, and electrolytic 
cells. Include at least two examples of chemical 
reactions in your answer. (10.1,10.3, 10.7) Big BO B 

41. Many automobile parts that were once made of steel 
are now being made of aluminum. 

(a) What effect would this change have on the mass 
and fuel efficiency of the automobile? 

(b) What positive and negative impacts might this 
change have on the environment? (10.7) QCl B 

42. Ionic compounds can be electrolyzed in much the 
same way as water. They must first be either dissolved 
in water or melted until they are liquid, to allow the 
ions to move freely. Write the half-reaction equations 
for the reaction that will take place at the anode and 
the cathode when each of the following molten ionic 
compounds is electrolyzed using inert electrodes. 
(Assume SATR) (10.7) BBBD 

(a) potassium fluoride, KF(s) 

(b) copper(II) chloride, CuCl 2 (s) 

(c) magnesium iodide, Mgl 2 (s) 

Analysis and Application 

43. An electrical load requires at least 1.2 V to operate. 
(10.1, 10.2) EBB 

(a) Suggest a galvanic cell that could be used to 
supply the required potential difference. 

(b) Write the half-reaction equations for the 
reactions involved, and calculate the standard 
cell potential, AE°j. 

(c) Describe the cell using line notation. 

44. For a Unit Task, a student is given strips of silver, 
zinc, copper, and tin and 500.0 mL each of 1.0 mol/L 
solutions of silver nitrate, zinc nitrate, copper(II) 
nitrate, and tin(II) nitrate. The student is required 


to construct a cell that will produce the maximum 
potential difference. (10.1, 10.2) EBB 

(a) Explain how the student could determine 
experimentally which combination would 
produce the maximum potential difference. 

(b) What other materials and equipment would the 
student require, to carry out this task? 

(c) Draw a labelled sketch of the setup necessary 
to complete this task, and calculate the cell 
potential. 

45. Figure 1 shows two galvanic cells, each with a platinum 
electrode. For each cell, write the balanced ionic 
equation and determine A£°j (10.2) mEB 





Figure 1 
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46. For the reaction represented by each of the following 
unbalanced equations, sketch the galvanic cell in 
which the reaction occurs. Show the direction of 
electron flow and the direction of ion migration 
through the salt bridge, and identify the cathode 
and anode. Give the overall balanced equation and 
determine E°^ Assume that all reactants are at 
standard conditions. (10.1, 10.2) QQ 

(a) I 03 “(aq) + Fe2+(aq) ^ Fe^+(aq) + l 2 (aq) 

(b) Zn(s) + Ag+(aq) ^ Zn^+(aq) + Ag(s) 

47. A student has the following materials: a piece of copper 
metal, a 1.0 mol/L solution of copper(II) nitrate, a 
piece of an unknown metal, and a 1.0 mol/L solution 
of the unknown metals salt. The student uses these 
materials to set up a galvanic cell, and determines that 
the cell potential is 2.00 V. (10.1,10.2) Dl 

(a) What is the unknown metal? 

(b) Write the net ionic equation for the reaction. 

48. Consider only the entities in the following list when 
answering these questions. (Assume that all reactions 
take place at SATP.) 

Na’^(aq), Cr(aq), Ag'^(aq), Ag(s), Zn^^(aq), Zn(s), 
Pb(s) 

Give reasons for your answers. (10.2) □□ EZD 

(a) Which entity is the strongest oxidizing agent? 

(b) Which entity is the strongest reducing agent? 

(c) Which entities can be oxidized by sulfate ions, 
S 04 ^“(aq), in acid? 

(d) Which entities can be reduced by aluminum metal? 

49. Consider only the entities in the following list when 
answering these questions. (Assume that all reactions 
take place at SATP.) 

Br"(aq), Br 2 (l), H+(aq), H 2 (g), La^+(aq), Ca(s), Cd(s) 
Give reasons for your answers. (10.2) QQ EBl 

(a) Which entity is the strongest oxidizing agent? 

(b) Which entity is the strongest reducing agent? 

(c) Which entities can be oxidized by permanganate 
ions, Mn 04 “(aq), in acid? 

(d) Which entities can be reduced by zinc metal? 

50. Use a redox table to select a reagent that meets each 
of the following requirements (at SATP in acidic 
solution): (10.2) QCIEJII 

(a) oxidize bromide ions to bromine gas, Br 2 (g), but 
not oxidize chloride ions to chloride gas 

(b) oxidize magnesium to magnesium(II) ions, but 
not oxidize iron to iron(II) ions 

(c) reduce copper(II) ions to copper metal, but not to 
copper(I) ions 


51. The saturated calomel electrode (SCE) is often used 
as a reference electrode for making electrochemical 
measurements. The SGE is composed of mercury 
in contact with a saturated solution of calomel 
(mercury(I) chloride, Hg 2 Cl 2 (aq)). The electrolyte 
solution is saturated potassium chloride solution, 
KGl(aq). A£°j(sce) is +0.242 V relative to the standard 
hydrogen electrode. Calculate the net cell potential, 
AE°j for each of the following galvanic cells 
containing a saturated calomel electrode and the 
given half-cell components at SATP. In each case, 
indicate whether the SCE is the cathode or the anode. 

(a) Cu^’^(aq) + 2 e" ^ Cu(s) 

(b) Fe^'^(aq) + e“ —> Fe^"^ 

(c) AgCl(aq) + e“ -> Ag(s) + Cr(aq) 

(d) AP+(aq) + 3 e- ^ Al(s) 

(e) NP+(aq) + 2 e’ ^ Ni(s) 

52. Chlorine dioxide, C102(g), is widely used as a 
disinfectant for municipal water treatment. Chlorine 
dioxide is produced by the reaction of sodium 
chlorite solution with chlorine gas: 

2 NaC102(aq) + Cl 2 (g) ^ 2 C102(g) + 2 NaCl(aq) 
(10.2, 10.3) Dl 

(a) Calculate AE°^ at SATP for the production of 
C102(g). 

(b) Would electrolysis be required for the production 
of chlorine dioxide? Explain. 

53. When jump-starting a car that has a “dead” battery, 
the ground jumper connection should be attached 
to a remote part of the engine block. Why? (10.3) 

54. All nuclear power generators currently in operation 
use fission reactions, in which unstable isotopes 

of heavy elements break down to release elements 
with lower atomic masses and a great deal of energy. 
However, governments around the world are investing 
billions of dollars in research into fusion as a source of 
energy. How does fusion differ from fission, and what 
are the advantages of fusion? (10.5) Bll D 

55. Dissolved carbon dioxide is always present in natural 
water. What effect does dissolved carbon dioxide have 
on the rusting of metallic iron? (10.6) Dl D 

56. A homeowner is building a deck on the side of a 
house. She uses galvanized nails for most of the deck, 
but runs out and completes the deck using untreated 
iron nails. After a few months the ungalvanized nails 
begin to rust, except for the ones hammered through 
the aluminum siding to attach the deck to the house. 
Explain these observations, using terminology that a 
non-chemist would understand. (10.6) EOD 
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57. In theory, we would predict that most metals 
corrode in air. Observation shows that a few metals, 
sometimes called the noble metals, rarely corrode 
in air. The noble metals include gold, platinum, and 
silver. (10.6) QlDDll 

(a) Speculate why these elements are called the noble 
metals. 

(b) Suggest a reason why the noble metals do not 
generally corrode. 

58. Pure silver is too soft to be used to make functional 
objects such as silverware. Silver is strengthened by 
alloying it with copper to produce “sterling silver” 
(92.5% Ag, 7.5 % Cu). Use the standard reduction 
potentials table to explain why sterling silver corrodes 
more readily than pure silver or gold. (10.6) QID O 

59. Gold metal does not react or corrode in either 
concentrated nitric acid or concentrated hydrochloric 
acid. It will react, however, in aqua regia, a mixture 
of the two concentrated acids. The products of the 
reaction are AuCl 4 ^(aq) ions, water, and gaseous 
nitrogen monoxide, NO(g). Write a balanced 
chemical equation for the reaction of gold in aqua 
regia. (10.6) QISElll 

60. Electroplating involves an electrolytic cell in which 
the object to be plated is made to be one of the 
electrodes. What reactions take place at the cathode 
and the anode when each of the following solutions 
is used in an electrolytic cell? Write the half-reaction 
equations for the anode and cathode, and state 
whether the reaction would result in metal being 
plated onto the object. (10.7) ISIS till 

(a) 1.0 mol/L nickel bromide solution, NiBr 2 (aq) 

(b) 1.0 mol/L aluminum fluoride solution, AlF 3 (aq) 

(c) 1.0 mol/L manganese iodide solution, Mnl 2 (aq) 

Evaluation 

61. Hydrazine, N2H4(1), is somewhat toxic and 
flammable. Use the half-reaction equations 
shown below to decide whether it is safe to mix 
household bleach (a highly basic solution of sodium 
hypochlorite, NaClO(aq)) with household ammonia 
or glass cleaners that contain ammonia. (Assume 
SATP.) (10.2) QlDEaiD 

ClO-(aq) + H20(1) + 2 e”^ 2 OH-(aq) + Cr(aq) 
E\ = 0.90 V 

N 2 H 4 (aq) -f 2 H 20 (l) -f 2 e“ ^ 2 NH 3 (g) -f 

2 0H"(aq) E°, = -0.10 V 


62. Mercury(I) and mercury(II) ions are toxic. Elemental 
mercury metal, however, is relatively unreactive 
and safe. The Canadian Dental Association has 
determined that dental fillings containing elemental 
mercury (Figure 2) pose minimal health risks, even 
if the filling is swallowed. Evaluate the Canadian 
Dental Associations position, using evidence from 
a redox table to assess whether there is any danger 
from mercury if swallowed fillings were to mix with 
stomach acid. (10.2) qq ESI D 



Figure 2 The amalgam commonly used for denfal fillings 
contains a mixture of metals, including mercury. 


63. The scientific meaning of the word “battery” is 
quite different from its everyday use. In everyday 
language, for example, most people refer to both the 
AA alkaline dry cell and the 9 V alkaline battery as 
batteries. Do you think that the scientific definition 
of battery should be changed? Defend your answer. 

64. Evaluate the accuracy of the following statements 
concerning the corrosion of steel. Correct any 
inaccurate statements. (10.6) QQ BO 

(a) Corrosion is an example of an electrolytic 
process. 

(b) The corrosion of steel involves the reduction of 
iron coupled with the oxidation of oxygen. 

(c) Steel rusts more easily in humid climates than in 
dry ones. 

(d) Salting roads in the winter has the added benefit 
of hindering the corrosion of steel. 

(e) The key to cathodic protection is to connect 
a metal more easily oxidized than iron to the 
surface to be protected. 
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65. Three methods that protect iron from corrosion are 
impressed current, use of a sacrificial metal, and 
coating the iron with an inert substance. Design 

an experiment to evaluate the effectiveness of 
each of these methods. Include a list of materials, 
a detailed procedure, and predictions of the 
observations you would expect to make if the 
method is effective and if it is ineffective. Also, 
predict which method you think will be most 
effective, giving reasons. (10.6) DQ D 

66. Although aluminum is one of the most abundant 
elements on Earth, production of pure aluminum 
proved to be extremely difficult until the late 1800s. 

At this time, the Hall-Heroult process made it 
relatively easy to produce the pure metal. (10.7) 

(a) Why was pure aluminum so difficult to produce 
and what was the key discovery behind the Hall- 
Heroult process? 

(b) How did this process affect the price and use of 
aluminum? 

Reflect on Your Learning 

67. In Chapter 10 you learned about the use of a standard 
hydrogen electrode as a reference electrode. Is the 
use of an arbitrary standard a difficult concept for 
you? What are its benefits? What other examples of 
measured quantities can you think of that have an 
arbitrary "zero”? EZl D 

68. Before you began studying this chapter, what was 
your concept of the processes inside a commercial 
cell or battery? Did you know what happens 
when a battery goes “dead”? Were you aware 

that recharging a battery reverses the chemical 
reactions that normally release energy? How has 
your understanding of the operation of cells and 
batteries changed? EZD D 

69. In this chapter you learned about the spontaneous 
electrochemical reactions that release energy and 
about non-spontaneous electrochemical reactions 
that consume electrical energy. How do these types 
of reactions relate to each other? How do they affect 
your life? EQ D 

70. In Section 10.5 (Chemistry Journal: Cold Fusion) 
you read about a potential scientific discovery that 
was publicized before it was properly checked and 
confirmed by other scientists. Were you surprised 
to learn that scientists often keep quiet about their 
discoveries for months or even years, while their 
results are replicated by their peers? Do you think this 
is a good process, or is there a better way to confirm 
scientific discoveries? Discuss. EZil 


Research web link 

71. For the holidays, you would like to create decorative 
ornaments for family members and friends. To create 
a unique gift, research a metal-plating procedure that 
can be safely completed at home. Create a plan for 
creating a holiday ornament that describes how to 
plate a metal on the ornament. Refer to the MSDS for 
all materials in order to include safety precautions and 
a waste disposal method with your procedure. B D 

72. Commercial galvanic cells are used in many products 
today. Choose one type of galvanic cell or battery 
and research how it is made, its uses, its disposal, and 
any drawbacks associated with it. Include an example 
of its use. Present your findings as a poster to be 
displayed where these cells or batteries are sold, or as 
an “expert advice” web page. DD B D 

73. Research the advantages and limitations of 
lithium-ion batteries. Summarize your findings in 
some form of graphic organizer. EZO B B 

74. Research the process used to recycle lead storage 
batteries (car batteries) in your part of Ontario, 
including any environmental benefits or drawbacks 
of this process. Draw a flow chart to summarize the 
steps involved. EZD B D 

75. Compare and contrast lithium-ion batteries and lead 
storage batteries for use in vehicles. Conclude with a 
statement outlining the pros and cons of each. ESI B 

76. Old batteries that corrode in land-fill sites are a major 
source of toxic metal ions in groundwater. To prevent 
future contamination, many scientists argue that a 
“cradle to grave” analysis of new batteries should be 
conducted before they are introduced to consumers. 
What does a “cradle to grave” analysis involve? Do 
you agree that it is necessary? Present your case in a 
format of your choice. EZD B B 

77. Electrochemical processes can have serious 
environmental consequences. Recycling aluminum 
has many benefits. Research the benefits and 
consequences of recycling aluminum, and find 
out the percentage of aluminum that is recycled 

in Canada. Make a t-chart of your findings 
and provide two suggestions for increasing the 
percentage of recycled aluminum. EZD B B 

78. In electrochemistry, an electrical energy source is 
often used to drive a non-spontaneous redox reaction. 
One of the problems with industrial redox reactions is 
that there is often a harmful by-product generated by 
the reaction. Research “greener” electrolytic reactions 
that do not produce harmful by-products. Briefly 
report on at least two such reactions in a format of 


Chapter 10 Review 683 



UNIT 5 UNIT TASK 


J 


The Energy Pack 


Batteries are sources of portable electrical energy in 
our mobile lives. Cellphones, automobiles, and medical 
equipment are just a few examples of devices that use 
batteries to provide electrical energy. Batteries contain 
galvanic cells that convert chemical energy to electrical 
energy. In order to be functional, batteries must deliver a 
required quantity of electrical energy for a certain length 
of time. Batteries must also be practical and safe. 

In this Unit Task, you will use materials that are readily 
available at home or at school to construct a battery. Your 
teacher may give you a list of materials to choose from, 
and will supply the necessary equipment and materials for 
you to test. Your aim is to design a battery that allows an 
electrical device to work efficiently for 1 min. Then, you 
will describe how your battery works, and how it compares 
to commercial batteries. Finally, you will evaluate your 
battery’s effectiveness, safety, and environmental impact, 
and suggest steps to improve your battery. # web link 

Purpose 

To design and construct galvanic cells from various 
available materials, compare their cell potentials (voltages), 
and test their effectiveness as batteries to allow a small 
electrical device to operate 

Prediction 

Predict, using your previous knowledge and a table 
of standard reduction potentials, which cell design, 
electrodes, and electrolytes will make the most successful 
cell. 

Equipment and Materials 

• chemical safety goggles 

• lab apron 

• protective gloves 

• several low voltage electrical devices (for example, 
small digital clock, LED, small motor) 

• voltmeter 

• variety of materials to be used to construct a battery, 
including 

- glass jars or beakers 

- U-tube with cotton batting for plugs 

- a variety of electrolytic solutions @ © 

- a variety of solid materials to use as electrodes 

- paper towels 


© 


The electrolytes used In this task may be corrosive, irritating 
or toxic. Any spills on the skin, splashes in the eyes, or on 
clothing shouid be washed immediately with plenty of cool 
water. Report any spills to your teacher. Wash your hands 
before leaving the laboratory. 


Do not bring materials from home without your teacherSIs 
approval. Do not do any preliminary tests at home. All 
necessary equipment and materials will be supplied to you 
by your teacher. 


)K » * 


Procedure 

1. Outline a plan, using a flow chart or a series of steps, 
that will enable you to safely explore the effectiveness 
of various cells and/or batteries. List the equipment 
for a suitable cell design, and plan to test different 
electrode materials and different solutions to 
determine which combination produces the highest 
cell potential (voltage). Be sure to include safety 
precautions and disposal methods. 


2. Once you have received your teacher’s approval for 
your investigation, assemble the necessary equipment 
and materials and proceed with your tests. Continue 
testing, recording all modifications, until you have 
identified the optimum combination for your cell. 
Record your observations. 


3. Test your cell’s ability to make a small electrical device 
operate for at least a minute. 


4. Obtain permission from your teacher to connect 
your cell with another group’s cell. Test the resulting 
battery with the voltmeter and a variety of electrical 
devices. 


Observations 

Create a data table in which to record voltages as you test 

electrodes and electrolytes. 

Analyze and Evaluate 

(a) What variables were measured, recorded, and/or 
manipulated in this investigation? Which were the 
independent variables and which were dependent? [213 

(b) Which was the cell design and combination of 
electrodes and electrolyte(s) that produced the highest 
voltage? BQ 

(c) If the cell reactions are known, write half-reaction 
equations for the reduction and oxidation reactions 
involved in your “best” cell. E2i 


684 Unit 5 • Electrochemistry 






(d) Compare your observations with your prediction. 
Does your evidence support your prediction? If not, 
why not? Bi 

(e) Justify the choice of materials used in your battery. EZO 

(f) Justify the way in which the cells in your battery were 
assembled, if more than one cell was used. Include a 
diagram of how the cells were connected. DD 

(g) Research commercially produced cells and batteries 
that are designed for use in small, portable devices 
such as those you used in this task. Explore their 
physical design, their materials, their environmental 
impact, whether they are rechargeable, and any other 
relevant characteristics. EZD D 

(h) Evaluate your “battery” by carefully considering its 
design, the materials used, and how it was tested. Is it 
effective? Is it safe? Is it environmentally benign? Is it 
rechargeable? How could it be made better? Da D 

(i) Compare your battery to a commercially available 
battery. What are the pros and cons of each? DO D 

(j) Present your findings as a report. Include in the 
report the purpose of the investigation; your 
prediction, procedure, and data; and a final paragraph 
describing what electrical device your battery was 
able to operate, and how your cell compares to 
commercially developed cells. BD B 

Apply and Extend 

(k) What specific design modifications would you make 
to your battery to make it more usable as a source of 
portable electrical energy? BO WM 


Your completed Unit Task will be assessed according to 

the following criteria: 

Knowledge/Understanding 

/ Demonstrate an understanding of the components of a 
galvanic cell and their roles in converting chemical energy 
into electrical energy. 

Thinking/Investigation 

/ Plan and safely conduct an investigation to determine the 
best design and materials for making a galvanic cell. 

/ Research commercially made batteries. 

/ Evaluate the design of your constructed cell or battery. 

/ Compare the design and operation of your constructed 
battery to a commercially made battery. 

Communication 

/ Synthesize your findings clearly and concisely in a written 
report. 

Application 

/ Justify the use of certain materials in the design of a cell. 

/ Provide a rationale for suggested improvements to the 
battery. 
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UNIT 5 SELF-QUIZ 


D Knowledge/Understanding DU Thinking/Investigation 


For each question, select the best answer from the four 
alternatives. 

1. Which of the following entities has an oxidation 
number of 0? (9.1) QQ 

(a) an atom in an element 

(b) a monatomic ion 

(c) hydrogen in its covalent compounds 

(d) oxygen in its compounds 

2. What is the oxidation number of hydrogen in 
ammonia, NH 3 (g)? (9.1) QQ 

(a) -1 (c) +1 

(b) 0 (d) -3 

3. What is the oxidation number of phosphorus in the 
phosphate ion, PO 4 ? (9.1) QID 

(a) -5 (c) 0 

(b) -3 (d) +5 

4. What happens to an atom that experiences an 
increase in oxidation number? (9.1) QQ 

(a) It is reduced. 

(b) It is an oxidizing agent. 

(c) It loses electrons. 

(d) It gains mass. 

5. Which of the following statements is true about the 
nitrogen atom in the reaction represented by the 
following equation? (9.1) 013 

HN 03 (aq) + H 2 S(g) ^ NO(g) + S(s) + H 20 (l) 

(a) Its oxidation number changes from +5 to +2. 

(b) It loses 3 electrons. 

(c) It is oxidized by gaining 3 electrons. 

(d) It is the reducing agent. 

6 . Which of the following half-reaction equations 
represents the reduction half-reaction for the equation 
2 AgN 03 (aq) -f Cu(s) ^ Cu(N 03 ) 2 (aq) -f 2 Ag(s)? 
(9.1) m 

(a) 2 Ag+ (aq) -f 2 e“ ^ 2 Ag(s) 

(b) 2 Ag+(aq)^ 2 Ag(s) + 2 0 " 

(c) Cu(s) —> Cu^'''(aq) -I- 2 e“ 

(d) Cu(s) -I- 2 e“ —> Cu^^(aq) 

7. Which of the following chemical equations represents 
a redox reaction? (9.1) Qd 

(a) H 2 C 03 (aq) ^ H 20 (l) + C 02 (g) 

(b) CaC 03 (s) + 2 HCl(aq) ^ 

CaCl2(aq) + H20(l) + C02(g) 

(c) 2 KC 103 (aq) ^ 2 KCl(aq) + 3 02 (g) 

(d) none of the above 


8 . Which of the following statements best describes a 
reducing agent? (9.1) QQ 

(a) A reducing agent gains electrons and causes 
oxidation. 

(b) A reducing agent gains electrons and causes 
reduction. 

(c) A reducing agent loses electrons and causes 
oxidation. 

(d) A reducing agent loses electrons and causes 
reduction. 

9. Metals are typically 

(a) good oxidizing agents 

(b) easily reduced 

(c) easily oxidized 

(d) good electron acceptors (9.1) QQ 

10. Which of the following is the correct balanced 
equation for the reaction of potassium dichromate 
with water and sulfur to produce a solution of 
potassium hydroxide and chromium oxide plus sulfur 
dioxide gas? 

K 2 Cr 207 (aq) + H 20 (l) + S(s) ^ 

KOH(aq) + Cr 203 (aq) + S 02 (g) (9.2) m 

(a) K 2 Cr 207 (aq) + H 20 (l) + S(s) ^ 

KOH(aq) + Cr 203 (aq) + S 02 (g) 

(b) 2 K 2 Cr 207 (aq) + 2 H 20 (l) + 3 S(s) ^ 

4 KOH(aq) -f 2 Cr 203 (aq) -f 3 S 02 (g) 

(c) 4 K 2 Cr 207 (aq) -f H 20 (l) -f S(s) ^ 

4 KOH(aq)-f Cr 203 (aq) -f S 02 (g) 

(d) 2 K 2 Cr 207 (aq) -f H 20 (l) -f S(s) ^ 

4 KOH(aq)-f Cr 203 (aq) -f S 02 (g) 

11. Copper is a stronger oxidizing agent than zinc. What 
happens when a zinc rod is placed into a solution of 
copper(II) sulfate? (9.3) m 

(a) Electrons are transferred from copper atoms to 
zinc ions. 

(b) The copper metal slowly dissolves. 

(c) No reaction occurs. 

(d) The zinc rod becomes copper plated. 

12. What is a half-cell? (10.1) BID 

(a) a U-shaped tube that allows the passage of 
electrons from one electrode to another 

(b) two electrodes connected by a wire along which 
electrons travel and a salt bridge through which 
ions transfer 

(c) an electrode in a solution of its ions 

(d) a solution in which both reduction and oxidation 
occur simultaneously 
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13. Which of the following statements is true for a 
galvanic cell? (10.1) QID 

(a) Electrons flow from cathode to anode. 

(b) Oxidation takes place at the anode. 

(c) The reducing agent is at the cathode. 

(d) none of the above 

14. A galvanic cell 

(a) produces current from a non-spontaneous 
reaction 

(b) uses electrical energy from an outside source to 
produce chemical change 

(c) is used in electroplating 

(d) uses current produced by the oxidation of a 
substance to cause the reduction of another 
substance (10.1) QQ 

15. What is the cell potential of the cell that can be 
described with the following line notation? (Refer to 
Table 1 in Appendix B7.) (10.2) QlDEIll 
Cu(N 03 ) 2 (aq) | Cu(s) || Ag(s) | AgN 03 (aq) 

(a) 1.99 V (c) 1.65 V 

(b) 0.46 V (d) -1.65 V 

16. What is a battery? (10.3) QQ 

(a) a group of galvanic cells connected in series 

(b) a device that uses electrical energy to produce a 
chemical change 

(c) a group of half-cells connected in parallel 

(d) none of the above 

17. Which of the following metals could be used to 
galvanize iron? (10.6) QIS 

(a) zinc 

(b) magnesium 

(c) copper 

(d) Any of the above could be used for galvanizing 
iron. 

18. What is electroplating? (10.7) QID 

(a) the use of electrolysis to coat a material with a 
layer of metal 

(b) the use of electrolysis to produce important 
metals such as aluminum and sodium 

(c) the use of a redox reaction to separate a 
compound into its ions 

(d) the use of a galvanic cell to coat a metal with 
electrons 

19. During electrolysis, which of the following processes 
occurs? (10.7) m 

(a) Oxidation takes place at the cathode. 

(b) Reduction takes place at the anode. 

(c) Oxidation takes place at the anode. 

(d) none of the above 


Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

20. Oxidation is the process in which one or more 
electrons are gained. (9.1) QID 

21. The oxidation number of oxygen in hydrogen 
peroxide, H202(aq), is —2. (9.1) QID 

22. In redox reactions, elements undergo changes in 
oxidation number. (9.1) QID 

23. The oxidizing agent is the reactant that gains electrons 
during a redox reaction. (9.1) QID 

24. The oxidation number of a monatomic ion is the 
same as the charge on the ion. (9.1) QID 

25. In the synthesis reaction that produces ammonia, 
N 2 (g) + 3 H 2 (g) —> 2 NH 3 (g), nitrogen is reduced. 
(9.1) m 

26. In the reaction between magnesium and sulfur to 
produce magnesium sulfate, MgS(s), magnesium is 
the oxidizing agent. (9.1) QID 

27. The oxidation number of manganese in the 
permanganate ion, Mn 04 ^“, is +6. (9.1) QID 

28. It is sometimes necessary to add the formulas for 
water and hydrogen ions or hydroxide ions to redox 
half-reaction equations in order to balance the 
equation. (9.2) QID 

29. Strong oxidizing agents easily give up electrons. 

(9.3) QID 

30. A galvanic ceU is an arrangement of two half-cells 
that spontaneously produces electric current. (10.1) 

31. In a galvanic cell, a salt bridge is a connection 
between two half-cells designed so that ions cannot 
travel between the two half-reactions. (10.1) QID 

32. A battery is a group of galvanic cells connected in 
parallel. (10.3) QID 

33. Corrosion results from a spontaneous redox reaction. 
(10.6) QID 

34. Magnesium can be used as a sacrificial anode to 
protect iron because it undergoes oxidation more 
easily than iron. (10.6) QID 

35. Impressed current prevents steel from corroding 
by applying a current that gives the steel a positive 
charge. (10.6) QID 

36. In an electrolytic cell, chemical energy is converted to 
electrical energy. (10.7) QID 

37. An electrolytic cell can generate electricity only if 
the oxidation and reduction half-cells are completely 
separate from each other. (10.7) QID 

38. Electrolytic cells are similar to galvanic cells in that 
reduction always occurs at the anode. (10.7) QID 
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UNIT 5 


3 Knowledge/Understanding ESI Thinking/Investigation 


Knowledge 

For each question, select the best answer from the four 
alternatives. 

1. Which of the following equations does not represent 
a redox reaction? (9.1) QIS 

(a) 2 HCl(aq) + CaC 03 (s) ^ 

CaCljCaq) + C02(g) + H20(l) 

(b) 2 KClOaCs) ^ 2 KCl(s) + 3 02 (g) 

(c) 2 Na(s) + Cl 2 (g) ^ 2 NaCl(s) 

(d) Fe(s) + CuS 04 (aq) ^ FeS 04 (aq) + Cu(s) 

2. In which of the following compounds does chlorine 
have the largest oxidation number? (9.1) QIS 

(a) KCIO4 

(b) CaCl2 

(c) CCI4 

(d) CIO 2 

3. What is the oxidation number of oxygen in 
dinitrogen monoxide, N20(g)? (9.1) Em 

(a) -2 

(b) 0 

(c) +1 

(d) +2 

4. What is the oxidation number of chromium in 
potassium dichromate, K 2 Cr 207 (aq)? (9.1) Em 

(a) -7 

(b) -6 

(c) +6 

(d) +7 

5. What is the role of copper in the reaction represented 
by the following equation? (9.1) QIS 

2 Ag+ (aq) + Cu(s) 2 Ag(s) + Cu^'^(aq) 

(a) It is being oxidized. 

(b) It gains 2 electrons. 

(c) It is the oxidizing agent. 

(d) It loses 1 electron. 

6. Which of the following events can happen during a 
reduction half-reaction? (9.1) QIS 

(a) loss of electrons 

(b) loss of hydrogen from a molecule 

(c) the shift of electrons away from an atom in a 
covalent bond 

(d) gain of electrons 

7. Which of the following equations represents a redox 
reaction? (9.1) QQ 

(a) Zn(s) + 2 HCl(g) ^ ZnCl 2 (s) + H 2 (g) 

(b) C2H4(g) + 3 02 (g) ^ 2 C02(g) + 2 H20(g) 

(c) 6 C 02 (aq) + 6 H 20 (l) ^ QHi 206 (aq) + 6 02 (g) 

(d) all of the above 


8. Which of the following statements is a step used in 
balancing redox equations? (9.2) 013 

(a) If the reaction takes place in a basic solution, add 
H20(1) and H+(aq). 

(b) If the reaction takes place in a basic solution, add 
OH (aq) and H20(l). 

(c) If the reaction takes place in an acidic solution, 
add OH-(aq) and H20(l). 

(d) If the reaction takes place in an acidic solution, 
add H+(aq) and OH-(aq). 

9. Consider the unbalanced equation 
H20(1) -f Mn04"(aq) -f C2042“(aq) ^ 

Mn02(s) -f C02(g) + OH“(aq) 
When the equation is balanced, what is the coefficient 
of carbon dioxide? (9.2) 013 

(a) 2 (c) 6 

(b) 4 (d) 8 

10. Which of the following redox equations is balanced? 
(9.2) m 

(a) 2 Na(s) -f Br 2 (l) ^ NaBr(s) 

(b) H20(1) + S02(g) ^ H 2 S 04 (aq) 

(c) C 2 H 4 (g) + 02 (g) ^ C 02 (g) + H 20 ( 1 ) 

(d) 4 NH3(g) + 5 02 (g) ^ 4 NO(g) + 6 H20(l) 

11. For a magnesium-copper cell, which of the following 
half-reactions would occur as written? (9.3) 1213 

(a) Mg —> Mg^^(aq) -f 2 e“ 

(b) Cu^’''(aq) —> Cu(s) -I- 2 e^ 

(c) Cu(s) —> Cu^'''(aq) -I- 2 e^ 

(d) none of the above 

12. Which of the following combinations of reactants will 
result in a spontaneous reaction? (9.3) QQ 

(a) zinc metal in sodium chloride solution 

(b) copper metal in zinc nitrate solution 

(c) magnesium metal in nickel(II) nitrate solution 

(d) silver metal in potassium chloride solution 

13. Which of the following statements best describes a 
galvanic cell? (10.1) QI3 

(a) a cell in which either oxidation or reduction occurs 

(b) a cell that uses an external source of electrical 
energy to produce a chemical change 

(c) a metal in a solution of its ions 

(d) two electrodes in electrolytes, connected by a 
wire and a salt bridge 

14. Which of the following statements correctly describes 
the cathode in a galvanic cell? (10.1) 1213 

(a) It is the negative electrode. 

(b) It is where oxidation takes place. 

(c) It is where the reducing agent is found. 

(d) none of the above 
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What is the function of the salt bridge in a galvanic 
cell? (10.1) m 

(a) It separates two electrolytes, but allows ions to 
travel between the two half-cells. 

(b) It produces current from the oxidation of a metal. 

(c) It prevents ions from travelling between the two 
half-cells. 

(d) It prevents the electrodes from corroding. 

The ability of a half-cell to attract electrons under 
standard conditions is called the 

(a) standard cell potential 

(b) standard oxidation potential 

(c) standard reduction potential 

(d) spontaneity potential (10.2) 

A battery is best described as 

(a) a rechargeable cell 

(b) several cells connected in series 

(c) a device for converting thermal energy to 
chemical energy 

(d) an apparatus consisting of two connected 
electrodes in solutions of electrolytes (10.3) 

Methods that can be used to prevent corrosion include 

(a) anodic protection 

(b) use of a sacrificial cathode 

(c) galvanizing 

(d) all of the above (10.6) 1213 

Which phrase best describes electrolysis? (10.7) QIS 

(a) delivering chemical energy as a result of a 
spontaneous reaction 

(b) using chemical energy to cause a non- 
spontaneous reaction to occur 

(c) producing current when an oxidation-reduction 
reaction proceeds spontaneously 

(d) forcing a current through a cell to produce a 
chemical change 

What is the difference between a galvanic cell and an 
electrolytic cell? (10.1, 10.7) 013 

(a) A galvanic cell uses electrical energy to bring 
about a chemical reaction. An electrolytic cell uses 
a chemical reaction to produce electrical energy. 

(b) A galvanic cell uses a chemical reaction to produce 
electrical energy. An electrolytic cell uses electrical 
energy to bring about a chemical reaction. 

(c) In a galvanic cell, oxidation takes place at the 
anode. In an electrolytic cell, oxidation takes 
place at the cathode. 

(d) In a galvanic cell, oxidation takes place at the 
cathode. In an electrolytic cell, oxidation takes 
place at the anode. 


21. What are the products of the electrolysis of water? 
(10.7) 1313 

(a) hydrogen ions and hydroxide ions 

(b) water vapour and liquid hydrogen 

(c) hydrogen gas and oxygen gas 

(d) an acid and a base 

Indicate whether each statement is true or false. If you think 
the statement is false, rewrite it to make it true. 

22. Reduction is the process in which one or more 
electrons are gained. (9.1) 013 

23. In a redox reaction, electrons are lost in the reduction 
half-reaction. (9.1) 1313 

24. Oxidation causes a decrease in oxidation number. 

(9.1) m 

25. Substances in their elemental form have oxidation 
numbers of 1. (9.1) 1213 

26. The sum of the oxidation numbers in a polyatomic 
ion must equal 0. (9.1) 1313 

27. The oxidation number of phosphorus in the 
dihydrogen phosphate ion, H 2 P 04 “, is -1-5. (9.1) 1213 

28. In the synthesis reaction that produces sulfur dioxide 
from elemental sulfur and oxygen gas, sulfur is 
reduced. (9.1) 1213 

29. A change in the oxidation number of an element 
indicates that a redox reaction has occurred. (9.1) QSI 

30. Iodine, l 2 (s), is not able to oxidize zinc metal to Zn^^ 
ions. (9.3) QQ 

31. When elemental iron is processed from iron ore, the 
iron in iron(III) oxide, Fe 203 , is reduced when it gains 
3 electrons. (9.3) 1213 

32. The more reactive a metal, the greater its tendency to 
lose electrons. (9.3) 1313 

33. In a galvanic cell, oxidation takes place at the anode. 

(10.1) 1313 

34. A galvanic cell is a device in which electrical energy is 
converted to another form of energy. (10.1) 1313 

35. The voltage of a cell depends on the concentrations of 
the reactants present in the solution. (10.2) 1213 

36. A primary cell is designed with a redox reaction that 
can be reversed by running a current through the cell. 
(10.3) 1313 

37. A fuel cell is a galvanic cell for which the reactants are 
continuously supplied. (10.3) 1313 

38. Corrosion is the oxidation of metal. (10.6) 1313 

39. Electrolysis is the application of current through a cell 
to produce a chemical change. (10.7) 1213 

40. Electric current must be supplied to carry out the 
synthesis of water. (10.7) CIS 
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Match each term on the left with the most appropriate 
description on the right. 


41. (a) 


(i) standard cell potential 

(b) 

line notation 

(ii) a method of cathodic 

(c) 

electrolysis 

protection 

(d) 

half-reaction 

(iii) standard reduction 


equation 

potential 

(e) 

primary cell 

(iv) a description of either the 

(f) 

A£°r(ceU) 

oxidation or reduction 

(g) 

redox table 

process 

(h) 

sacrificial anode 

(v) a ranking of half- 


reactions according to 
their reduction potentials 

(vi) the use of electricity to 
force a non-spontaneous 
reaction to occur 

(vii) a brief way of describing 
a cell 

(viii) involving a reaction that 
cannot easily be reversed 
(9.1, 9.3, 10.1, 10.2, 10.3, 
10.6,10.7) ™ 

Write a short answer to each question. 

42. What is the oxidation number of each element in 
each of the following compounds? (9.1) BQ Bi 

(a) P2O5 

(b) NO 2 

(c) Na 2 S 04 

(d) Cu(N 03)2 

(e) KMn 04 

(f) Na 3 Fe(OH )6 

(g) XeOF 4 

43. What is the oxidation number of sulfur in each of the 
following compounds or ions? (9.1) EZD 

(a) Na 2 S 04 (c) S 2 O 32 - 

(b) K 2 S 2 O 8 (d) SO 2 

44. What are the roles of oxidizing agents and reducing 
agents in redox reactions? (9.1) BIl 

45. Why must oxidation always occur with reduction? 
(9.1) m 

46. Identify the entity that is reduced in each of the 
following reactions: (9.1) ESI 

(a) H 2 (g) + Cl 2 (g) ^ 2 HCl(g) 

(b) H 2 (g) + 02 (g) ^ 2 H 20 ( 1 ) 

(c) S(s) + Cl 2 (g) ^ SCl 2 (l) 

(d) 2 Li(s) + F 2 (g) ^ 2 LiF(s) 

47. For each of the following equations, identify the 
element that is oxidized, the element that is reduced, 
the oxidizing agent, and the reducing agent: (9.1) BD 

(a) Pb 02 (aq) + 4Hl(aq)^ 

l2(aq) + Pbl2(s) + 2 H20(I) 


(b) Mg(s) + Cu(N 03 ) 2 (aq) -> 

Mg(N 03 ) 2 (aq) + Cu(s) 

(c) As 203 (s) + Cl 2 (g) + H 20 ( 1 ) ^ 

H 3 As 04 (aq) + HCl(aq) 

(d) l203(s) + CO(g) ^ l2(s) + C02(g) 

48. Write equations for the following half-reactions: (9.1) BIl 

(a) reduction of chlorine, CI 2 

(b) reduction of sulfur, Sg 

(c) oxidation of zinc 

(d) oxidation of sodium 

49. Write equations for the half-reactions that occur 
when magnesium ribbon is placed into a solution of 
copper(II) sulfate. Identify the oxidation half-reaction 
and the reduction half-reaction. (9.1) BD 

50. Consider the reaction between sodium metal and 
fluorine gas to form solid sodium fluoride. (9.2) BB 

(a) Using oxidation numbers, how many electrons 
would each sodium atom lose, and how many 
electrons would each fluorine atom gain? 

(b) How many sodium atoms are needed to react 
with one fluorine molecule? Explain. 

(c) Write a balanced chemical equation for this reaction. 

51. Refer to Table 1 in Appendix B7 to determine 
whether or not each of the following reactions will 
occur spontaneously: (9.3) EBl 

(a) Ca(s) + Fe^^(aq) —>■ Ca^'^(aq) + Fe(s) 

(b) Ca"+(aq) -F Fe(s) ^ Ca(s) -F Fe"+(aq) 

(c) 3 Ca(s) + 2 Au^'^(aq) -> 3 Ca^’^(aq) + Au(s) 

(d) Au^’^(aq) + 3 Fe(s) 2 Au(s) + 3 Fe^'^(aq) 

(e) Fe(s) + 2 H+(aq) ^ Fe^+(aq) + H 2 (g) 

(f) 3 Mg(s) -F 2 Cr^+(aq) —> 3 Mg^^(aq) + Cr(s) 

(g) 3 Cu(s) + 2 N 03 “(aq) + 8 H+(aq) ^ 

3 Cu2+(aq) + 2 NO(g) -F 4 H20(l) 

52. Figure 1 shows a magnesium-iron galvanic cell. (9.3, 

10.1) BBB 

(a) Determine which metal will be the cathode and 
which the anode. 

(b) Copy Figure 1 into your notebook and add labels 
to indicate all parts of the cell, including the ions 
in the solutions. 
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53. Describe the structure and purpose of a salt bridge. 

(10.1) m 

54. What is the difference between a cathode and an 
anode? (10.1) Bi 

55. A cell is constructed for which the line notation is 
Mg(s)|Mg^^(aq) || Fe^^(aq)|Fe (10.1) QlDEai 

(a) Write the half-reaction equations and the net 
ionic equation. 

(b) Determine the cell potential. 

56. A student constructs a nickel-zinc galvanic cell. 

(10.1) mma 

(a) Write the net ionic equation. 

(b) Determine the cell potential. 

(c) Represent the cell using line notation. 

57. Write the line notation for the galvanic cell that uses 
the reaction 

Zn(s) -f Cu^’''(aq) —>Zn^’''(aq) + Cu(s) (10.1) E2i 

58. Refer to Table 1 in Appendix B7 to identify the 
standard reduction potential for each of the following 
half-reactions, then rank the substances on the right 
side of each equation in order of increasing strength 
as reducing agents: (9.3,10.2) QQ 

2 H20(1) + 2 e" H 2 (g) + 2 OH-(aq) 

NT’^(aq) -I- 2 e“ Ni(s) 

Au^^(aq) -f 3 e“ v ^ Au(s) 

I 03 “(aq) -H 6 H+(aq) -H 5 e“ | l 2 (s) -H 3 H20(l) 
LR(aq) -f e“ v Li(s) 

59. What is the relationship between cells and batteries? 
(10.3) m 

60. What is a dry cell battery? (10.3) D1 

61. Compare and contrast corrosion and rusting. (10.6) 

62. Write the balanced chemical equation representing the 
overall cell reaction for the corrosion of iron. (10.6) OH 

63. In an electrolytic cell used for plating chromium onto 
an object, should the chromium be present as ions or 
as the metallic element? Explain your answer. (10.7) 

64. Write the half-reaction equations that take place at 
the cathode and the anode when each of the following 
ionic compounds is electrolyzed: (10.7) EZO 

(a) molten nickel bromide, NiBr 2 (l) 

(b) molten aluminum fluoride, A 1 F 3 ( 1 ) 

(c) molten magnesium iodide, Mgl 2 (l) 

65. List three commercial processes that use electrolytic 
cells. (10.7) QQ 

66. What is the function of an electrolyte such as sodium 
sulfate, Na 2 S 04 (aq), during the electrolysis of water? 
(10.7) m 


Understanding 

67. What is the relationship between the ionic charge and 
the oxidation number of a monatomic ion? (9.1) DD 

68. What is the relationship between oxidation and 
reduction? (9.1) Dl 

69. Given its position on the reduction potentials table, 
is chlorine gas, Cl 2 (g), more likely to be oxidized or 
reduced in chemical reactions? Why? (9.1) BiB 

70. What is the purpose of writing half-reactions for 
redox reactions? (9.1) Bi 

71. Create a table in which to communicate which of 
the following equations represent redox reactions, 
and the identity of the element that is oxidized, the 
element that is reduced, the oxidizing agent, and the 
reducing agent (if relevant): (9.1) EBIB 

(a) Cu(s) -F 2 Ag+(aq) ^ 2 Ag(s) -F Cu^+(aq) 

(b) HCl(g) + NH3(g) ^ NH4C1 (s) 

(c) SiCl 4 (l) + 2 H20(1) ^ 4 HCl(aq) + Si02(s) 

(d) SiCl 4 (l) + 2 Mg(s) ^ 2 MgCl 2 (s) + Si(s) 

72. Balance each of the following redox equations using 
the oxidation numbers method: (9.2) Bi 

(a) C 2 H,(g) + 02 (g) ^ C 02 (g) + H 20 (g) 

(b) Mg(s) + HCl(aq) ^ Mg^+(aq) + Cl-(aq) + H 2 (g) 

(c) KI 04 (aq) + Kl(aq) + HCl(aq) ^ 

KCl(q) + l 2 (s) + H20(1) 

(d) Cl 2 (g) + KOH(aq) ^ 

KC 103 (aq) + KCl(aq) + H20(l) 

(e) K 2 Cr 207 (aq) + HCl(aq) ^ 

CrCl 3 (aq) + KCl(aq) + Cl 2 (g) + H20(l) 

(f) Mn02(s) + H 2 C 204 (aq) + H 2 S 04 (aq) ^ 

MnS 04 (aq) + C02(g) + H20(l) 

73. Why is it possible to add hydrogen ions or hydroxide 
ions to half-reactions when balancing redox equations 
in acidic or basic solutions? (9.2) Bi 

74. Balance the following equations for redox reactions 
that occur in acidic solution: (9.2) Bi 

(a) MnO(s) -F Pb02(s) ^ Mn 04 “ (aq) -F Pb^+(aq) 

(b) I-(aq) + ClO-(aq) ^ l 3 -(aq) + Cl-(aq) 

(c) As 203 (s) -F N 03 “(aq) ^ H 3 As 04 (aq) -F NO(g) 

(d) Br“(aq) -F MnO^ (aq) Br 2 (l) + Mn^’''(aq) 

(e) CH 30 H(aq) -F Cr20^“(aq) ^ 

CH20(aq) -F Cr^+(aq) 

75. Consider the reaction that occurs between manganese 
metal and a solution of gold(III) ions. (9.2) Bi 

(a) Write the unbalanced net ionic equation for the 
reaction. 

(b) Identify the oxidizing agent in the reaction. 

(c) Identify the reducing agent. 

(d) Write the half-reaction equations. 

(e) Write the balanced equation. 
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76. Balance the following equation for a redox reaction 
that occurs in basic solution: (9.2) EZa 
Mn 04 “(aq) + CN“(aq) ^ Mn02(aq) + CNO"(aq) 

77. What reaction occurs spontaneously, if any, when 
each of the following operations is performed at 
SATP? For the reactions that do occur, write a 
balanced chemical equation. (9.3) I3ZSEZD 

(a) Crystals of iodine are added to a solution of 
sodium chloride. 

(b) Chlorine gas is bubbled into a solution of sodium 
iodide. 

(c) A silver wire is placed in a solution of copper(II) 
chloride. 

(d) An acidic solution of iron(II) sulfate, FeS 04 (aq), 
is exposed to air. 

78. Write the half-reaction equations and the overall 
balanced chemical equation for the reactions 
that would occur spontaneously in the following 
situations. If no reaction would occur spontaneously, 
write “no reaction.” (9.3) ED 

(a) Aqueous potassium permanganate is used to 
titrate an acidic solution of iron(II) sulfate. 

(b) A strip of copper is placed in a beaker of 
hydrochloric acid. 

(c) An iron pipe is exposed to the wind and the rain. 

79. Describe what you expect to happen if you poured a 
solution of copper(II) nitrate into an empty steel can. 
Explain your prediction. (9.3) QIDEZII 

80. When magnesium metal is added to a beaker of 
hydrochloric acid, HCl(aq), a gas is produced. (9.1, 
9.2, 10.1) m 

(a) Identify the oxidizing agent and the reducing agent. 

(b) Write the balanced chemical equation for the 
reaction. 

(c) How many electrons are transferred per 
magnesium atom reacting? 

(d) Does the reaction produce useful electrical 
energy when magnesium is added directly to the 
beaker of hydrochloric acid? Explain. 

(e) How can you harness this reaction to produce an 
electric current? 

81. Draw a labelled diagram of a galvanic cell constructed 
using magnesium metal and 1.0 mol/L magnesium 
nitrate solution along with copper metal and 1.0 mol/L 
copper(II) nitrate solution. Include the half-reactions 
and the net ionic equation. (10.1) BISB 

82. Explain the electrochemical process that occurs in a 
galvanic cell. (10.1) EBl 


83. Draw a labelled diagram of a galvanic cell constructed 
using magnesium metal and 1.0 mol/L magnesium 
nitrate solution along with copper metal and 1.0 mol/L 
copper(II) nitrate solution. Label the anode, cathode, 
reducing agent, and oxidizing agent, and draw arrows 
indicating the direction of electron transfer and ion 
transfer. Include the half-reactions and the net ionic 
equation. (10.1) ISZSB 

84. What do the double vertical lines represent in the line 
notation used to describe galvanic cells? (10.1) Dl 

85. What mass changes are expected as a galvanic cell 
operates? Explain. (10.1) EBl 

86. A zinc electrode and a 1.0 mol/L solution of zinc 
nitrate are used to make a half-cell. Another half¬ 
cell is constructed using a nickel electrode and a 
1.0 mol/L solution of nickel(II) nitrate. (10.1) D1B 

(a) Draw the galvanic ceU that could be constructed 
from these half-cells. Label the anode, the 
cathode, the salt bridge, and the direction of the 
electron and ion flow. 

(b) Write equations for the half-reactions that occur 
at each electrode. 

(c) Write the net ionic equation. 

(d) Use cell notation to summarize this cell. 

87. Use Table 1 in Appendix B7 to determine whether 
aluminum foil immersed in an electrolyte solution 
can be used to restore the lustre to silverware. Show 
the balanced equation and the cell potential for the 
overall reaction. Assume 1.0 mol/L solutions for all 
reactants. (10.2) BOB 

88. When silver metal is placed in 1.0 mol/L hydrochloric 
acid, HCl(aq), under standard conditions, there is 

no observable reaction. However, when magnesium 
metal is placed in the same acid solution, the metal 
oxidizes and hydrogen gas is produced. Explain these 
two observations. (10.2) Dl 

89. The term “battery” is commonly used to refer to a 
portable source of electrical energy. Explain why this 
usage is not always correct. (10.3) OISB 

90. Create an illustration showing how four cells should 
be connected in series to provide energy to light an 
electric bulb. (10.3) BBB 

91. How does a fuel cell differ from a conventional 
galvanic cell? (10.3) DD 

92. List two advantages of lithium-ion batteries over 
hydrogen fuel cells, and two advantages of hydrogen 
fuel cells over lithium-ion batteries. (10.4) BD B 

93. (a) Use the standard reduction potentials table to 

predict whether gold can be oxidized by oxygen, 
(b) Suggest one reason why most metals are found 
in nature in oxidized form rather than as pure 
elements. (10.6) BIl 
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94. In order to prevent corrosion of steel hulls of ships, 
blocks of metals such as magnesium, aluminum, or 
zinc are placed in contact with the steel hull. How 
would these sacrificial anodes prevent or reduce the 
rusting of steel hulls? (10.6) DD 

95. Producing 1 kg of silver from its ions by electrolysis 
requires much less electrical energy than producing 

1 kg of aluminum from its ions. Explain why this is so, 
referring to standard reduction potentials. (9.3,10.7) Bn 

96. Construct a Veim diagram comparing and contrasting 
galvanic and electrolytic cells. (10.1,10.7) EZD D 

97. Name three practical applications of electrolysis. (10.7) EZD 

98. A molten solution of tin(II) chloride is placed in an 
electrolytic cell. (10.7) EZD 

(a) Predict the product formed at the anode. 

(b) Predict the reactant formed at the cathode. 

(c) What visible evidence would confirm your 
predictions in (a) and (b)? 

(d) Write the net ionic equation for this cell. 

(e) Predict the minimum voltage that must be supplied 
to the cell. 

99. Describe electroplating in a short paragraph. Draw a 
diagram summarizing the process. (10.7) QQ B 

100. Predict what happens to the pH of the solution 
near the cathode and near the anode when aqueous 
sodium chloride undergoes electrolysis. (10.7) EZD 

Analysis and Application 

101. Fluorine gas cannot be prepared from by the chemical 
oxidation of sodium fluoride. Explain. (9.1) E31 

102. In disproportionafion, an element is simultaneously 
reduced and oxidized to form two different products. 
(9.1) EZD 

(a) Write the chemical equation for the 
disproportionation of hydrogen peroxide into 
water and oxygen. 

(b) Which element is both oxidized and reduced? 

(c) How many electrons are lost in the oxidation 
reaction? 

(d) How many electrons are gained in reduction? 

103. Oxidizing agents have important industrial appHcations. 
They are used to dissolve metals, as disinfectants, and in 
photography, etching, and dyeing. (9.1) ESIB 

(a) Explain why oxidizing agents are stored 
separately from other substances. 

(b) What type of safety equipment should be worn 
when working with strong oxidizing agents? 

(c) Why should strong oxidizing agents be stored in 
a cool, dry place? 


104. A police officer might use a breathalyzer to determine 
whether a person has been drinking beverages 
containing ethanol, CH3CH20H(aq). One type of 
breathalyzer relies on a reaction involving yellowish- 
orange dichromate ions, Cr 207 ^“(aq) and green 
chromium (III) ions, Cr^^(aq). The equation for this 
reaction is 

CH3CH20H(g) -f Cr 2072 "(aq) + H+(aq) ^ 

CH3C02H(aq) + Cr^+(aq) + H20(l) 

(a) Determine the oxidation number for each of the 
elements in this reaction. 

(b) Balance the equation. 

(c) Predict what colour change would occur if a 
person exhales air containing alcohol into this 
solution. 

105. Predict whether silver metal in a solution of chloride 
ions will produce silver ions and chlorine gas. Explain 
your prediction. (9.3) EZD D 

106. Predict what will happen if you use an iron spoon to stir 
a solution of copper(II) chloride, CuCl 2 (aq). (9.3) EZD D 

107. How can you determine experimentally which 
electrode in a galvanic cell is the anode and which is 
the cathode? (10.1) EZDD 

108. A redox reaction is represented by the following net 
ionic equation: 

Ni2+(aq) + Fe(s) ^Ni(s)+ Fe2+(aq) 

(10.1, 10.2) E31B 

(a) Sketch a galvanic cell in which this reaction takes 
place. On your diagram, label the cathode and 
anode. Indicate the charges on the electrodes, the 
direction of electron flow, and the direction of 
flow of cations and anions. 

(b) If the concentrations of the ions are each 
1.0 mol/L, what is the potential of the cell? 

109. An electrochemical cell is constructed using zinc and 
silver metals. Solutions of zinc nitrate and silver nitrate 
(both 0.1 mol/L) are also used. (10.1,10.2) EZDB 

(a) Draw the cell, labelling all parts and indicating 
the direction of electron flow and the direction of 
ion flow. 

(b) Describe this cell using line notation. 

(c) Predict the reaction occurring at the anode. 

(d) Predict the reaction occurring at the cathode. 

(e) Predict the cell potential, assuming standard 
conditions. 

(f) Would the cell potential be more or less than 
your prediction in (e)? Explain your answer. 
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110. A silver battery is smaller than an alkaline battery and 
is used to provide energy for devices such as hearing 
aids, watches, and cameras. The silver battery uses the 
same anode half-reaction as the alkaline battery with 
the following cathode half-reaction: 

Ag20(s) -f H20(1) -f 2 e“ ^ 2 Ag(s) -f 2 OH“(aq) 
Use this information to determine the chemical 
reaction that takes place in the battery. Write a 
balanced chemical equation for the reaction. 

(10.3) EBID 

111. Fuel cells can be used to generate electricity. List 
at least two advantages of using fuel cells over 
generating electricity from fossil fuels. (10.3, 10.4) D 

112. Steel screws and bolts can be plated with cadmium to 
minimize rusting. (10.6) DO D 

(a) From the following balanced equation, determine 
the half-cell potential for the reduction of 
cadmium: 

Cd^’^(aq) + Ni(s) Cd(s) + NP’^(aq) 

AE\ = -0.17 V 

(b) What is the significance of the negative sign in 
the value of A£°j? 

113. What is cathodic protection? Would copper metal 
make a good cathodic protector to prevent iron from 
rusting? Explain. (10.6) Baa 

114. Zinc is often found as sphalerite, a zinc sulfide ore. A 
geochemist combines the ore with sulfuric acid and 
oxygen gas. The resulting reaction is represented by 
the following unbalanced equation: 

ZnS(s) + H2S04(aq) + 02(g) ^ 

ZnS04(aq) -F S(s) -F H20(l) 
(9.1, 9.2, 10.2, 10.7) ma 

(a) Determine the oxidation number of each of the 
elements in the unbalanced equation. 

(b) Write the balanced equation. 

(c) The geochemist then subjects the solution to 
electrolysis. Predict the products of electrolysis. 

(d) What is the minimum potential difference that 
must be supplied to the cell? 

115. For each application below, state whether it involves a 
chemical process that produces electricity or involves 
the use of electrical energy to drive a chemical 
process. (10.3, 10.6, 10.7) m 

(a) using a flashlight 

(b) producing aluminum from its ore 

(c) electroplating jewellery 

(d) galvanizing metal 


116. An electrolytic cell is constructed using graphite 
electrodes in an aqueous copper(II) iodide solution. 
(10.7) m 

(a) Predict the products at the anode and cathode. 
Show your reasoning. 

(b) What evidence would you expect to see of the 
product at each electrode? 

117. One method of obtaining copper metal is to let a 
solution containing copper(II) ions trickle over scrap 
iron. Is this an efficient process? Explain. (10.7) a 

118. Alkaline AA and the larger C cells have the same 
voltage: 1.5 V. Why are C cells better suited than AA 
cells for use in remote-controlled cars? (10.7) BO D 

119. When jump-starting a car with a dead battery, the 
ground jumper should be attached to a remote part of 
the engine block. Why? (10.7) EBl D 

120. If you wished to plate a steel spoon with a layer of 
silver using an electrolytic cell, should the spoon be 
the anode or the cathode? What would you use as the 
other electrode? Use half-cell reaction equations in 
your explanation. (10.7) BO a D 

121. An electrolytic cell is constructed using inert 
electrodes. During electrolysis, the cell releases 
bromine vapour and hydrogen gas. After electrolysis, 
the cell is found to contain a concentrated solution of 
potassium hydroxide, KOH(aq). (10.7) BO D 

(a) Write a balanced chemical equation to show the 
redox reaction taking place. 

(b) What was the composition of the cell before 
electrolysis began? 

Evaluation 

122. Consider the statement, “Oxidation numbers 
were developed simply for bookkeeping. Except 
for simple ions like Na’^ or F“, the charges are 
fictitious.” Discuss the truth of this statement 
and its impact on predicting oxidation-reduction 
reactions. (9.1) DID 

123. Traditionally, oxidation has been defined as the loss 
of electrons while reduction was defined as the gain 
of electrons. Recently, it has been suggested that these 
definitions be updated to: 

• oxidation is an increase in oxidation number of an 
element 

• reduction is the decrease of oxidation number of 
an element 

What are the advantages or disadvantages of the 
proposed definitions? In your opinion, should the 
definitions be changed? (9.1) BO 
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124. All of the following phosphorus compounds are 
stable. What can you infer about the oxidation 
number of phosphorus in its compounds? 


125. What are the similarities and differences between 
primary and secondary cells? Which do you think is 
the best? Why? (10.3) ESI D 

126. What advantages and disadvantages do hydrogen fuel 
cells offer over other common sources of energy for 
transportation? Should the use of fuel cells in vehicles 
be extended? (10.3, 10.4) EBID 

127. Compare the different methods used to halt 
iron corrosion. Discuss when each would be an 
appropriate method to use to protect a large steel 
bridge. (10.6) EZID 

128. One way of preventing the corrosion of iron is 
to prevent oxygen and water from coming into 
contact with the iron. Is this a practical approach to 
preventing corrosion on a large scale? What are the 
drawbacks? Explain. (10.6) E21D 

129. Sodium metal can be produced from the electrolysis 
of molten sodium chloride. (10.2, 10.7) Bi D 

(a) What is the other product of this electrolysis? 

(b) Solid sodium chloride must be heated to very 
high temperature to produce the molten salt. 
Aqueous sodium chloride is much easier to 
produce. Would it be possible to produce sodium 
by the electrolysis of a sodium chloride solution? 
Explain. 

130. Some people consider aluminum to be an “infinitely 
recyclable” manufactured material. Do you think they 
are right? Explain your reasoning. (10.7) Bi D 

Reflect on Your Learning ^1) web link 

131. Construct a concept map using electrochemical 
processes as the central concept and include all of the 
key terms from this unit. Bi B 

132. Were there any concepts in this unit that you felt were 
particularly confusing or hard to understand? If so, 
how could you improve your grasp of these concepts? 
Make a plan for learning and put it into action. D 


Research web link 

133. Use Internet resources to research the contributions 
to our knowledge of redox reactions of one of the 
following scientists: Robert Boyle, Joseph Black, 
Joseph Priestley, Henry Cavendish, or Antoine 
Lavoisier. Present your findings as a paper, a comic 
strip, or in some other format. EB B B 


134. Find out why coating iron or steel with a layer of zinc 
is called galvanizing. Prepare a poster or cartoon to 
communicate your discovery. EH 

135. Many of the biological processes that take place in 
the human body involve redox reactions. Choose 
one such process, research it, and create a drawing or 
computer graphic that illustrates the process. Include 
complete, balanced chemical equations and a written 

136. There are many applications of electrochemical 
processes in the world around us. Write a paper 
describing how electrochemical processes affect 
living organisms and the environment, researching 
additional information as necessary. Focus on three 
specific examples and include the complete chemical 
equations for all reactions. Describe the social and 
economic implications of each reaction. EBl B D 

137. Research and evaluate the cost and environmental 
impact of several types of single-use and rechargeable 
batteries. Include the advantages and disadvantages of 
each type. Summarize your findings into a web page, 
poster, or brochure designed to make consumers 
better informed. B B 


138. There are many chemical reactions involved in photo¬ 
graphy. Use Internet resources to research and write a 
paper on this topic geared to a specific audience. E!D B 

139. Iron is often protected from rust by contact with a 
more active metal. Research, compare, and evaluate 
the effectiveness of different metals used by automobile 
manufacturers to prevent the corrosion of body panels. 
Present your findings in a format that is accessible and 
interesting to potential car buyers. B B 

140. Canada is the third-largest copper producer in 
the world. Research the various methods used 
in this country to produce copper. Also research 
the financial costs and environmental impacts of 
each method. Prepare a report, in the medium of 
your choice, comparing and evaluating at least two 
different methods. B B 
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A1 Safety 


A1.1 Safety Conventions and Symbols 

Although we make every effort to make the science experi¬ 
ence a safe one, there are some inherent risks. These risks 
are generally associated with the materials and equipment 
used, and with disregard of safety instructions when con¬ 
ducting investigations. Most of these risks pose no more 
danger than we normally experience in everyday life. We 
can reduce these risks hy doing the following: being aware 
of the possible hazards, knowing the rules, behaving appro¬ 
priately, and using common sense. 

Remember, you share the responsibility not only for 
your own safety, but also for the safety of those around 
you (Figure 1). Always alert your teacher in case of an 
accident. In this textbook, chemicals, equipment, and 
procedures that are hazardous are indicated by the appro¬ 
priate Workplace Hazardous Materials Information System 
(WHMIS) symbol or by 


and accurate information about hazardous products. All 
chemical products supplied to schools, businesses, and 
industries must contain standardized labels and be accom¬ 
panied by a Material Safety Data Sheet (MSDS). The MSDS 
provides detailed information about the product. Clear 
and standardized symbols are an important component of 
WHMIS (Table 1, p. 698). These symbols must be present 
on the products original container and shown on other 
containers if the product is transferred. 

The Canadian Hazardous Products Act requires manu¬ 
facturers of consumer products containing chemicals to 
include a symbol that specifies the nature of the hazard and 
whether it is the contents or the container that is dangerous. 
In addition, the label must state any secondary hazards, 
first-aid treatment, and storage and disposal instructions. 
Household Hazardous Product Symbols (HHPS) are used 
to show the type of hazard. The shape of the frame around 
the symbol indicates whether the hazard is due to the con¬ 
tents or the container (Figure 2). 



Figure 1 Taking the proper safety precautions will ensure a safe 
environment for you and your classmates. 


Explosive 

This container can explode if it is 
heated or punctured. 



Corrosive 

This product will burn skin or eyes on contact, 
or throat and stomach if swallowed. 



Flammable 

This product, or its fumes, will catch fire easily 
if exposed to heat, flames, or sparks. 



Poisonous 

Licking, eating, drinking, or sometimes smelling, 
this product is likely to cause illness or death. 

J 


WHMIS SYMBOLS AND HHPS 

The Workplace Hazardous Materials Information System 
(WHMIS) provides workers and students with complete 


Figure 2 Household Hazardous Products Symbols (HHPS) appear 
on many products. A triangular frame indicates that the container is 
potentially dangerous. An octagonal frame indicates that the contents 
pose a hazard. 
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Table 1 The Workplace Hazardous Materials Information System (WHMIS) 


Class and type of compounds 

WHMIS 

symbol 

Risks 

Precautions 

Class A: Compressed Gas 

Material that is normally 
gaseous and kept in a 
pressurized container 

© 

• could explode due to pressure 

• could explode if heated or dropped 

• possible hazard from both the force 
of explosion and the release of 
contents 

• ensure container is always secured 

• store in designated areas 

• do not drop or allow to fall 

Class B: Flammable and 
Combustible Materials 

Materials that will continue to 
burn after being exposed to a 
flame or other ignition source 

@ 

• may ignite spontaneously 

• may release flammable products if 
allowed to degrade or when exposed 
to water 

• store in designated areas 

• work in well-ventilated areas 

• avoid heating 

• avoid sparks and flames 

• ensure that electrical sources are safe 

Class C: Oxidizing Materials 
Materials that can cause other 
materials to burn or support 
combustion 

® 

• can cause skin or eye burns 

• increases fire and explosion hazards 

• may cause combustibles to explode 
or react violently 

• store away from combustibles 

• wear body, hand, face, and eye protection 

• store in container that will not rust or 
oxidize 

Class D: Toxic Materials 
Immediate and Severe 

Poisons and potentially fatal 
materials that cause immediate 
and severe harm 

@ 

• may be fatal if ingested or inhaled 

• may be absorbed through the skin 

• small volumes have a toxic effect 

• avoid breathing dust or vapours 

• avoid contact with skin or eyes 

• wear protective clothing, and face and 
eye protection 

• work in well-ventilated areas and wear 
breathing protection 

Class D: Toxic Materials 
Long-Term Concealed 

Materials that have a harmful 
effect after repeated exposures 
or over a long period 

© 

• may cause death or permanent injury 

• may cause birth defects or sterility 

• may cause cancer 

• may be sensitizers causing allergies 

• wear appropriate personal protection 

• work in well-ventilated areas 

• store in appropriate designated areas 

• avoid direct contact 

• use hand, body, face, and eye protection 

• ensure respiratory and body protection is 
appropriate for the specific hazard 

Class D: Biohazardous 

Infectious Materials 

Infectious agents or a biological 
toxin causing a serious disease 
or death 

@ 

• may cause anaphylactic shock 

• includes viruses, yeasts, moulds, 
bacteria, and parasites that affect 
humans 

• includes fluids containing toxic 
products 

• includes cellular components 

• special training is required to handle 
materials 

• work in designated biological areas with 
appropriate engineering controls 

• avoid forming aerosols 

• avoid breathing vapours 

• avoid contamination of people and/or area 

• store in special designated areas 

Class E: Corrosive Materials 

Materials that react with metals 
and living tissue 

@ 

• eye and skin irritation on exposure 

• severe burns/tissue damage on 
longer exposure 

• lung damage if inhaled 

• may cause blindness if contacts eyes 

• environmental damage from fumes 

• wear body, hand, face, and eye protection 

• use breathing apparatus 

• ensure protective equipment is 
appropriate 

• work in well-ventilated areas 

• avoid all direct body contact 

• use appropriate storage containers and 
ensure non-venting closures 

Class F: Dangerously Reactive 
Materials 

Materials that may have 
unexpected reactions 

(D 

• may react with water 

• may be chemically unstable 

• may explode if exposed to shock 
or heat 

• may release toxic or flammable 
vapours 

• may vigorously polymerize 

• may burn unexpectedly 

• handle with care, avoiding vibration, 
shocks, and sudden temperature 
changes 

• store in appropriate containers 

• ensure storage containers are sealed 

• store and work in designated areas 
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A1.2 Safety in the Laboratory 

Safety in the laboratory is an attitude and a habit more than 
it is a set of rules. It is easier to prevent accidents than to 
deal with the consequences of an accident. Most of the fol¬ 
lowing rules are common sense: 

• Do not enter a laboratory unless a teacher or other 
supervisor is present, or you have permission to do so. 

• BCnow your school’s safety regulations. 

• Tell your teacher about any allergies or medical 
problems you may have. 

• Wear eye protection, a lab apron, and safety gloves 
when instructed by your teacher. Wear closed shoes. 

• Tie back long hair and wear a protective lab coat 
over loose clothing. Remove any loose jewellery and 
finger rings. 

• Keep yourself and your work area tidy and clean. 
Keep aisles clear. 

• Never eat, drink, or chew gum in the laboratory. 

• Do not taste any substance in a laboratory or remove 
substances from the laboratory to consume elsewhere. 

• Know the location of MSDS information, exits, and 
all safety equipment, such as the first-aid kit, fire 
blankef, fire extinguisher, and eyewash station, and 
be familiar with their contents and operation. 

• Avoid moving suddenly or rapidly in the laboratory, 
especially near chemicals or sharp instruments. 

• If you are not sure what to do, ask your teacher for 
directions. 

• Never change anything, or start an investigation on 
your own, without your teacher’s approval. 

• Before you start an investigation that you have 
designed yourself, get your teacher’s approval. 

• Never attempt unauthorized experiments. 

• Never work in a crowded area or alone in the laboratory. 

• Always stand up when doing laboratory practical 
work. Do not sit down. 

• Use stands, clamps, and holders to secure any 
potentially dangerous or fragile equipment that 
could be tipped over. 

• Never smell chemicals unless specifically instructed 
to do so by your teacher. Do not inhale the vapours, 
or gas, directly from the container. Take a deep 
breath to fill your lungs with air, then waft or fan the 
vapours toward your nose. 

• Report all accidents. 

• Inform your teacher of any spills and follow your 
teacher’s instructions on how to clean up the spill. 
Clean up all spills, even water spills, immediately. 

• Wash your hands with soap and warm water when 
you finish an investigation, and before you leave the 
laboratory. 


• Remember safety procedures when you leave the 
laboratory. Accidents can also occur outdoors, at 
home, and at work. 

EYE, EAR, AND FACE SAFETY 

• Always wear approved eye protection in a laboratory. 
Keep the safety glasses or goggles over your eyes, not 
on top of your head. For certain experiments, full 
face protection may be necessary. 

• If you must wear contact lenses in the laboratory, be 
extra careful; whether or not you wear contact lenses, 
do not touch your eyes without first washing your 
hands. If you do wear contact lenses, make sure that 
your teacher is aware of it. Carry your lens case and a 
pair of glasses with you. 

• If you wear prescription eyeglasses, you must still 
wear the appropriate eye protection on top of them. 

• Do not stare directly at any bright source of light 
(for example, burning magnesium ribbon). You will 
not feel any pain if your retina is being damaged by 
intense radiation. You cannot rely on the sensation of 
pain to protect you. 

• If a piece of glass or other foreign object enters your 
eye, seek immediate medical attention. 

HANDLING GLASSWARE SAFELY 

• Never use glassware that is broken, cracked, or 
chipped. Give such glassware to your teacher or 
dispose of it as directed. Do not put the item back 
into circulation. 

• Never pick up broken glassware with your fingers. 

Use a broom and dustpan. 

• Dispose of glass fragments in special containers 
marked “Broken Glass.” 

• Gheck with your teacher before heating any glassware. 
Heat glassware only if it is approved for heating. 

• Be very careful when cleaning glassware. There is an 
increased risk of breakage from dropping when the 
glassware is wet and slippery. 

• If you cut yourself, inform your teacher immediately 
and get appropriate first aid. Embedded glass or 
continued bleeding requires medical attention. 

USING SHARP INSTRUMENTS SAFELY 

• Make sure that your instruments are sharp. Dull 
cutting instruments require more pressure than sharp 
instruments and are, therefore, much more likely to slip. 

• Select the appropriate instrument for the task. Never 
use a knife when scissors would work best. 

• Always cut away from yourself and others. 

• If you cut yourself, inform your teacher immediately 
and get appropriate first aid. 
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HEAT SAFETY 

• Make sure that heating equipment, such as the 
burner, hot plate, or electric heater, is secure on the 
bench and clamped in place when necessary. 

• Do not use a laboratory burner near wooden 
shelves, flammable liquids, or any other item that is 
combustible. 

• Do not allow overheating if you are performing an 
experiment in a closed area. 

• Always assume that hot plates and electric heaters 
are hot and use protective gloves when handling. 

• In a laboratory where burners or hot plates are being 
used, never pick up a glass or metal object without 
first checking the temperature by placing your hand 
near but not touching it. It may be hot enough to 
burn you. 

• Do not touch a light source that has been on for 
some time. It may be hot and cause burns. 

• If you burn yourself, immediately run cold water 
gently over the burned area or immerse the burned 
area in cold water and inform your teacher. 

• Never look down the barrel of a laboratory burner. 

• Always pick up a burner by its base, never by its barrel. 

• Never leave a lighted burner unattended. 

• Any metal powder can be explosive. Do not put these 
in a flame. 

• When heating a test tube over a laboratory burner, 
use a test-tube holder or a utility clamp. Holding the 
test tube at an angle, with the open end pointed away 
from you and others, gently move the test tube back 
and forth through the flame. 

• To heat a beaker, put it on the hot plate and secure 
with a ring support attached to a utility stand. 
(Placing a wire gauze under the beaker is optional.) 

• Remember to include a cooling time in your 
experiment plan; do not put away hot equipment. 

FIRE SAFETY 

To use a burner: 

• Tie back long hair and tie back or roll up long sleeves 
or other loose clothing. 

• Secure the burner to a stand using a metal clamp. 

• Check that the rubber hose is properly connected to 
the gas valve. 

• Close the air vents on the burner. Use a sparker to 
light the burner. 

• Open the air vents just enough to get a blue flame. 

• Control the size of the flame using the gas valve. 


Immediately inform your teacher of any fires. A very 
small fire in a container may be extinguished by 
covering the container with a wet paper towel or a 
ceramic square to cut off the supply of air. Alternatively, 
sand may be used to smother small fires. A bucket of 
sand with a scoop should be available in the laboratory. 
If anyone’s clothes or hair catch fire, tell the person to 
drop to the floor and roll. Then use a fire blanket to 
smother the flames. Never wrap the blanket around a 
standing person on Are. 

For larger Ares, immediately evacuate the area. Call 
the office or sound the Are alarm. Do not try to 
extinguish larger Ares. As you leave the classroom, 
make sure that the windows and doors are closed. 

If you use a Are extinguisher, direct the extinguisher 
at the base of the Are and use a sweeping motion, 
moving the extinguisher nozzle back and forth across 
the front of the Are’s base. 

Different extinguishers are effective for different classes 
of Ares. The Are classes are outlined in Table 2. Fire 
extinguishers in the laboratory are 2A10BC. They 
extinguish class A, B, and C fires. 


Table 2 Classes of Fires 


Class 

Description 

Firefighting 

strategy 

Class A 

• ordinary 
combustible 
materials that 
leave coals or 
ashes (e.g., 
wood, paper, 
cloth) 

• water or dry 
chemical 
extinguishers 

Class B 

• flammable 
liquids (e.g., 
gasoline or 
solvents) 

• carbon dioxide 
or dry chemical 
extinguishers 

Class C 

• live electrical 
equipment (e.g., 
appliances, 
photocopiers, 
computers, 
laboratory 
equipment) 

• carbon dioxide 
or dry chemical 
extinguishers 

• do not use 
water 

Class D 

• burning metals 
(e.g., sodium, 
potassium, 
magnesium, 
aluminum) 

• sand, salt, or 
graphite 

• do not use 
water 

Class E 

• radioactive 
substances 

• requires special 
consideration at 
each site 
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ELECTRICAL SAFETY 

• Do not operate electrical equipment near running 
water or a large container of water. Water or wet 
hands should never he near electrical equipment 
such as a hot plate, a light source, or a microscope. 

• Check the condition of electrical equipment. Do not 
use it if wires or plugs are damaged, or if the ground 
pin has been removed. 

• Make sure that electrical cords are not placed where 
someone could trip over them. 

• When unplugging equipment, remove the plug 
gently from the socket. Do not pull on the cord. 

WASTE DISPOSAL 

Waste disposal at school, at home, and at work is a societal 
issue. It is your responsibility to follow procedures and to 
dispose of waste in the safest possible manner according to 
your teacher’s instructions. 

FIRST AID 

The following guidelines apply in case of an injury, such as 
a burn, cut, chemical spill, ingestion, inhalation, or splash 
in the eyes: 

• Always inform your teacher immediately of any 
injury. 


If the injury is a minor cut or abrasion, wash the 
area thoroughly. Using a compress (for example, 
clean paper towels), apply pressure to the cut to stop 
the bleeding. When bleeding has stopped, replace 
the compress with a sterile bandage. If the cut is 
serious, apply pressure and seek medical attention 
immediately. 

If you get a chemical in your eye, quickly use the 
eyewash or nearest running water. Continue to rinse 
the eye with water for at least 15 min. Unless you 
have a plumbed eyewash system, you will also need 
assistance in refilling the eyewash container. Have 
another student inform your teacher of the accident. 
The injured eye should be examined by a doctor. 

If the injury is a burn, immediately immerse the 
affected area in cold water, or run cold water 
gently over the burned area. This will reduce the 
temperature and prevent further tissue damage. 

In case of electric shock, unplug the appliance and 
do not touch it or the victim. Inform your teacher 
immediately. 

If a classmate’s injury has rendered him/her 
unconscious, notify your teacher immediately. 

Your teacher will perform CPR if necessary. Do not 
administer CPR unless under specific instructions 
from your teacher. Call the school office and request 
emergency medical help. 
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A2 Scientific Inquiry 

As we observe the natural world, we encounter questions, 
mysteries, or events that are not readily explainable. To 
develop explanations, we investigate using inquiry inves¬ 
tigations. An important aspect of inquiry investigations 
is that science is only one of many ways in which people 
explore, explain, and come to understand the world around 
them. Inquiry investigations generally involve the following: 

• formulating questions that can be answered through 
investigation 

• using appropriate tools and techniques to gather, 
analyze, and interpret data 

• developing descriptions, explanations, predictions, 
and models using evidence 

• thinking critically and logically to see the 
relationships between evidence and explanations 

• recognizing and analyzing alternative explanations 
and predictions 

• communicating scientific procedures and explanations 

The methods used in inquiry investigations depend, to a 
large degree, on the purpose of the inquiry. There are three 
types of inquiry investigations used in this textbook: (1) the 
controlled experiment, (2) the observational study, and 
(3) the activity. These types of inquiry investigations require 
specific skills. The skills are discussed below, followed by 
a detailed description of how they relate to each type of 
inquiry investigation. 

A2.1 Skills of Scientific Inquiry 

Certain skills are important in the process of conducting a 
scientific investigation. These skills can be organized into 
four categories: initiating and planning, performing and 
recording, analyzing and interpreting, and communicating. 

INITIATING AND PLANNING 

1. Questioning: Most inquiry investigations begin with 
a question. It is important to ask the right questions. 
In certain types of inquiry investigations, the 
question must be testable. This means that it must 
ask about a possible cause-and-effect relationship. 

A cause-and-effect relationship is one in which 
a change in one variable (see point 3 below) causes a 
change in another variable. A testable question 
might start in one of the following ways: What is 
the relationship between ... and... ? How does ... 
affect... ? If..., what happens to ... ? 

2. Researching: This is a skill that occurs across all four 
categories of scientific investigation and includes 
preparing for research, accessing resources, processing 
information, and transferring learning. The process 
involves identifying the type of information that is 


required, using strategies to locate and access the 
information, recording the information, synthesizing 
findings, and formulating conclusions. 

3. Identifying variables: Considering the variables 
involved in an investigation is an important step 
in designing an effective investigation. Variables 
are any factors that could affect the outcome of an 
investigation. There are three kinds of variables in a 
controlled experiment: the manipulated variable, the 
responding variable, and the controlled variables. 

• The manipulated variable (also known as the 
independent variable or cause variable) is the 
variable that is deliberately changed by the 
investigator. 

• The responding variable (also known as the 
dependent variable or effect variable) is the 
variable that the investigator believes will be 
affected by a change in the manipulated variable. 

• The controlled variables are variables that may 
affect the responding variable, but that are held 
constant so that they cannot affect the responding 
variable. A controlled experiment is a test of 
whether (and how) a manipulated variable affects 
a responding variable. To make the test fair, all 
other variables that may affect the responding 
variable are kept constant (unchanging). 

4. Hypothesizing: A hypothesis is a predicted answer 
to the testable question. It proposes a possible 
explanation based on an already known scientific 
theory, law, or other generalization. 

A hypothesis may be written in the form of an 
“If..., then... because ...” statement. If the manipu¬ 
lated (independent) variable is changed in a particular 
way, then we predict that the responding (dependent) 
variable will change in a particular way, and we pro¬ 
vide a theoretical explanation for the prediction. For 
example: 

If an air-filled balloon is placed in a freezer and 
its temperature is decreased, then its volume will 
decrease because, according to the kinetic molecular 
theory, atoms and molecules slow down and occupy 
less space at lower temperatures. 

You may create more than one hypothesis from the 
same testable question. 

When you conduct an investigation, your observa¬ 
tions do not always support the prediction in your 
hypothesis. When this happens, you may re-evaluate and 
modify your hypothesis and design a new experiment. 

5. Planning: Planning an inquiry investigation 
involves developing an experimental design, 
identifying variables, selecting necessary 
equipment and materials, addressing safety concerns, 
and writing a step-by-step procedure. 
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PERFORMING AND RECORDING 


1. Conducting the inquiry investigation: As you perform 
an investigation, follow the steps in the procedure 
carefully and thoroughly. Check with your teacher if 
you find that you need to make significant alterations 
to your procedure. Use all equipment and materials 
safely, appropriately, and with precision. 

2. Making observations: When you conduct an inquiry 
investigation, you should make accurate observations 
at regular intervals and record them carefully 

and accurately. Record exactly what you observe. 
Observations from an experiment may not always be 
what you expect them to be. Qualitative (descriptive) 
and quantitative (measured) observations may be 
made during an investigation. Some observations 
may also be provided for you during an investigation. 

Quantitative observations are based on measured 
quantities, such as temperature, volume, and mass. 
They are usually recorded in data tables. 

Qualitative observations describe characteristics that 
cannot be expressed in numbers, such as texture, 
smell, and taste. They can be recorded using words, 
pictures, tables, or labelled diagrams. 

3. Collecting, organizing, and recording data: During 
an investigation you should collect and record all 
data and observations, and organize these into 
formats that are easily interpreted (such as tables, 
charts, etc.). 


ANALYZING AND INTERPRETING 

1. Analyzing: Analyzing involves looking for patterns 
and relationships that will help explain your results 
and give new information about the question you are 
investigating. Your analysis will tell you whether your 
observations support your hypothesis. 

2. Evaluating: It is very important to evaluate the evidence 
that is obtained through observations and analysis. 
When evaluating the results of an investigation, here are 
some aspects you should consider: 

• Experimental design: Were there any problems 
with the way you planned your experiment? 

Did you control all the variables except for the 
manipulated variable? 

• Equipment and materials: Was the equipment 
adequate? Would other equipment have been 
better? Was equipment used incorrectly? Did you 
have difficulty with a piece of equipment? 

• Skills: Did you have the appropriate skills for the 
investigation? Did you have to use a skill that you 
were just beginning to learn? 

• Qbservations: Did you accurately record all the 
relevant observations? 


COMMUNICATING 

1. It is important to share both your process and your 
results. Other people may want to repeat your 
investigation, or they may want to use or apply your 
results in another situation. Your write-up or report 
should reflect the process of scientific inquiry that 
you used in your investigation. 

2. At this stage, you should be prepared to extend 
insights and opinions from your findings, suggest 
areas for further investigation, and relate research 
findings to the world around you. 

In the following sections, we will detail the components of 
the three types of inquiry investigation: controlled experi¬ 
ments, observational studies, and activities. 

A2.2 Controlled Experiments 

A controlled experiment is an inquiry investigation in which 
a manipulated variable is intentionally changed to determine 
its effect on a responding variable. All other variables are 
controlled (kept constant). Controlled experiments are per¬ 
formed when the purpose of the inquiry is to create, test, or 
use a scientific concept. 

The common components of controlled experiments are 
outlined below. Note that there are normally many cycles 
through the steps during an actual experiment. 

TESTABLE QUESTION 

A testable question forms the basis for your controlled 
experiment: the investigation is designed to answer the 
question. Controlled experiments are about relationships 
among variables, so your question could inquire about 
changes to variable A that may occur as a result of changes 
to variable B. 

VARIABLES 

The primary purpose of a controlled experiment is to deter¬ 
mine whether a change in a manipulated variable causes a 
noticeable change in a responding variable while all other 
variables remain constant. Therefore, you must identify 
all major variables that you will measure and/or control in 
your investigation. What is the manipulated (independent) 
variable? What is the responding (dependent) variable? 
What are the controlled variables? 

When conducting a controlled experiment, change only 
one manipulated variable at a time, holding all the others 
(except the responding variable) constant. This way, you 
can assume that the results are caused by the manipulated 
variable and not by any of the other variables. 
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HYPOTHESIS 

When formulating a hypothesis, first read the testable 
question, the experimental design, and the procedure, if 
provided. Then, try to identify the manipulated variable, 
the responding variable, and the controlled variables. Your 
hypothesis will be a predicted answer to your testable ques¬ 
tion accompanied by a theoretical explanation for your 
prediction. 

EXPERIMENTAL DESIGN 

The design of a controlled experiment shows how you plan 
to answer your question. The design outlines how you will 
change the manipulated variable, measure any variations in 
the responding variable, and control all the other variables. 
It is a summary of your plan for the experiment. 

EQUIPMENT AND MATERIALS 

Make a detailed list of all equipment and materials used, 
including sizes and quantities where appropriate. Be sure to 
include safety equipment, such as eye protection, lab apron, 
protective gloves, and tongs, where needed. Draw a diagram 
to show any complicated setup of apparatus. 

PROCEDURE 

Write a step-by-step description of how you will perform 
your investigation. It must be clear enough for someone 
else to follow and it must explain how you will deal with 
each of the variables in your investigation. The first step in a 
procedure usually refers to any safety precautions that need 
to be addressed, and the last step relates to any cleanup that 
needs to be done. 

OBSERVATIONS 

There are many ways you can gather and record observa¬ 
tions during your investigation. It is helpful to plan ahead 
and think about what data you will need to answer the ques¬ 
tion and how best to record them (for example, data tables, 
pictures, or labelled diagrams may be helpful). This helps to 
clarify your thinking about the question posed at the begin¬ 
ning, the variables, the number of trials, the procedure, the 
materials, and your skills. It will also help you organize your 
evidence for easier analysis. 

ANALYZE AND EVALUATE 

You will need to analyze and interpret your observations— 
this may include graphing your data and analyzing any 
patterns or trends that may be evident in your graphs. 
After thoroughly analyzing your observations, you may 
have sufficient and appropriate evidence to enable you to 
answer the testable question posed at the beginning of the 
investigation. 

You must evaluate the processes that you followed to 
plan and perform the investigation. Identify and take into 
account any sources of error and uncertainty in your mea¬ 
surements. Note that experimental error does not include 


human error, such as careless measurements or spilled 
reactants or products. Rather, it includes contaminated 
chemicals, unwanted reactions, and the unavailability of 
ideal equipment. 

You will also evaluate the outcome of the investigation, 
which involves evaluating your hypothesis/prediction. You 
must identify and take into account any sources of error and 
uncertainty in your measurements. 

Finally, compare your hypothesis/prediction with the 
evidence. Is your hypothesis supported by the evidence? 

APPLY AND EXTEND 

Reflect on how your investigation relates to the world around 
you: how can you use your findings in everyday life? 

REPORTING ON THE INVESTIGATION 

Your lab report should describe your planning process and 
procedure clearly and in enough detail that the reader could 
duplicate your experiment. You should present your obser¬ 
vations, your analysis, and your evaluation of your experi¬ 
ment clearly, accurately, and honestly. 

A2.3 Observational Studies 

Often, the purpose of an inquiry is simply to study a natural 
phenomenon with the intention of gaining scientifically 
significant information to answer a question. Observational 
studies involve observing a subject or phenomenon in an 
unobtrusive manner, usually with no specific hypothesis. The 
inquiry does not start off with a hypothesis, but a hypothesis 
may be generated as information is collected. 

The stages and processes of observational studies are 
summarized below. Even though the sequence is presented 
as linear, there are normally many cycles through the steps 
during an actual study. 

PURPOSE 

In planning an observational study, it is important to pose 
a general question about the natural world. Choose a topic 
that interests you. Determine whether you are going to repli¬ 
cate or revise a previous study, or create a new one. Indicate 
your decision in a statement of the purpose. 

EQUIPMENT AND MATERIALS 

Make a detailed list of all equipment and materials used, 
including sizes and quantities where appropriate. Be sure to 
include safety equipment, such as eye protection, lab apron, 
protective gloves, and tongs, where needed. Draw a diagram 
to show any complicated setup of apparatus. 

PROCEDURE 

Write a step-by-step description of how you will make your 
observations. It must be clear enough for someone else to 
follow. The first step in a procedure usually refers to any 
safety precautions that need to be addressed, and the last 
step relates to any cleanup that needs to be done. 
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OBSERVATIONS 

There are many ways you can gather and record observations— 
including quantitative observations—during an observational 
study. All observations should be objective and unambig¬ 
uous. Organize your information for easier analysis. 

ANALYZE AND EVALUATE 

After thoroughly analyzing your observations, you may 
have sufficient and appropriate evidence to enable you to 
answer the question posed at the beginning of the investiga¬ 
tion. You may also have enough observations and informa¬ 
tion to form a hypothesis for a controlled experiment. 

At this stage of the investigation, you will evaluate the pro¬ 
cesses used to plan and perform the investigation. Evaluating 
the processes includes evaluating the materials, the design, 
the procedure, and your skills. The results of most such 
investigations will suggest further studies, perhaps controlled 
experiments or correlational studies, to explore tentative 
hypotheses you may have developed. 

APPLY AND EXTEND 

At this stage you should reflect on how your investigation 
relates to the world around you: how can you use what you 
have learned in your everyday life? 

REPORTING ON THE INVESTIGATION 

In your report, describe your design and procedure accu¬ 
rately, and report your observations accurately and honestly. 

A2.4 Activities 

An activity is a type of scientific inquiry that provides oppor¬ 
tunities to demonstrate knowledge and understanding of 
specific concepts. In many cases, an activity might involve 
constructing a device, reasoning your way through a problem 
(thought experiment), or using given information to com¬ 
plete a task. You can also consider creative ways of presenting 
the concept, be it through performance, digital platforms, 
or print material. The materials required for an activity can 
vary greatly, so will need special planning and attention. 
Activities do not have structured stages and processes, but to 
demonstrate a thorough understanding of the concept being 
modelled, it is important to communicate key points. You will 
need to analyze and evaluate your presentation—this may 
include looking at how your understanding of the concept 
has grown and applying what you have learned in the chapter 
to other areas. 

A2.5 Lab Reports 

When carrying out inquiry investigations, it is important 
that scientists keep records of their plans and results, and 
share their findings. In order to have their investigations 
repeated (replicated) and accepted by the scientific commu¬ 
nity, scientists generally share their work by publishing 
reports in which details of their design, materials, proce¬ 
dure, evidence, analysis, and evaluation are provided. 


Lab reports are prepared after an investigation is 
completed. To ensure that you can accurately describe 
the investigation, keep thorough and accurate records of 
your activities as you carry out the investigation. Your 
lab book or report should reflect the type of scientific 
inquiry that you used in the investigation (controlled 
experiment, observational study, or activity), and should 
be based on the following headings, as appropriate: 

TITLE 

At the beginning of your report, write the number and title 
of your investigation. If you are designing your own inves¬ 
tigation, create a title that suggests what the investigation 
is about. Include the date the investigation was conducted 
and the names of all lab partners (if you worked as a team). 

PURPOSE 

State the purpose of the investigation. Why are you doing 
this investigation? 

TESTABLE QUESTION 

State the question that you attempted to answer in the inves¬ 
tigation. Sometimes the question is provided for you; other 
times you are expected to formulate your own. If it is appro¬ 
priate to do so, state the question in terms of manipulated 
and responding variables. 

HYPOTHESIS/PREDICTION 

For a controlled experiment you will usually have to com¬ 
pose a hypothesis or prediction. This will be a proposed 
answer to your testable question. When writing a hypoth¬ 
esis, include both a prediction and a reason for the predic¬ 
tion, based on scientific theory, law, or other generalization. 
You may use the “If..., then... because...” form. A simple 
prediction may be written in the “If..., then ...” form. 

VARIABLES 

Identify all major variables that you measured and/or con¬ 
trolled in the investigation. What is the manipulated vari¬ 
able? What is the responding variable? What are the major 
controlled variables? 

EXPERIMENTAL DESIGN 

Provide a brief general overview (one to three sentences) 
of what you did in your investigation. If your investigation 
involved manipulated, responding, and controlled variables, 
list them and indicate how they were changed, measured, or 
held constant. Identify any control or control group that was 
used in the investigation. 

EQUIPMENT AND MATERIALS 

Include a detailed list of all equipment and materials used, 
including sizes and quantities where appropriate. Be sure to 
include safety equipment, such as eye protection, lab apron. 
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protective gloves, and tongs, where needed. Draw a diagram 
to show any complicated setup of apparatus. 

PROCEDURE 

Describe, in detailed, numbered steps, the procedure you 
followed to carry out your investigation. Your teacher 
may specify which style you should use. Examples of three 
common writing styles are 

1. third person past tense (“The test tubes were 
heated...”) 

2. first person plural past tense (“We heated the test 
tubes ...”) 

3. second person imperative (“Heat the test tubes ...”) 
Include steps to clean up and dispose of waste. 

OBSERVATIONS 

Present your observations in a form that is easily under¬ 
stood. This includes all the qualitative and quantitative 
observations that you made. Be as precise as possible when 
describing quantitative observations. Include any unex¬ 
pected observations and present your information clearly. 
If you have only a few observations, this could be a list; for 
controlled experiments and for many observations, a data 
table, labelled diagram, or written descriptions would be 
more appropriate. 

ANALYSIS 

Complete the questions found in the Analyze and Evaluate 
section of the investigation outline. These questions will 
prompt you to analyze and interpret your observations, 
answer a testable question, draw conclusions, and evaluate 
both your experiment and your conclusions. You will also 


be prompted to graph your data and analyze these graphs 
where applicable. 

If you are writing up an investigation for which there 
are no questions, write your own analysis. Interpret your 
observations and present the evidence in the form of titled 
tables, graphs, or illustrations, as appropriate. Include any 
calculations, the results of which can be shown in a table. 
Make statements about any patterns or trends you observed. 
Conclude the analysis with a statement based only on the 
evidence you have gathered, answering the question that 
initiated the investigation. 

EVALUATION 

The evaluation is your judgment about the quality of evidence 
obtained and about the validity of the prediction and hypoth¬ 
esis (if present). This section can be divided into two parts: 

1. Evaluation of the procedure and/or experimental 
design: Did your procedure/design provide rehable and 
valid evidence to enable you to answer the question? 
Consider the experimental design, the procedure, and 
your laboratory skills. Were they all adequate? Are you 
confident enough in the evidence to use it to evaluate 
any prediction and/or hypothesis you made? 

2. Evaluation of the prediction/hypothesis: Was your 
prediction or hypothesis supported or not supported 
by the evidence? Answer the question that you posed 
at the beginning of the investigation on the basis of 
your evaluation of your prediction or hypothesis. 

APPLY AND EXTEND 

Answer any Apply and Extend questions in the investiga¬ 
tion outline. Number your answers as they appear in the 
Apply and Extend section in the textbook. 
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A3 Laboratory Skills and Techniques 


A3.1 Lighting and Using a Laboratory 
Burner 

Practise and memorize the procedure outlined below. Note 
the safety caution. You are responsible for your safety and 
the safety of others near you. 

1. Turn the air and gas adjustments to the off position. 

2. Connect the burner hose to the gas outlet on the 
bench. 

3. Turn the bench gas valve to the fully on position. 

4. If you suspect that there may be any gas leaks, 
replace the burner. (Give the leaky burner to your 
teacher.) 

5. Holding a spark lighter ready above and to one side 
of the barrel, open the burner gas valve. Immediately 
strike a few sparks until a small yellow flame results 
(Figure 1). 

6. Adjust the airflow and obtain a pale blue flame with 
a dual cone (Figure 2). In most common types of 
burners, rotating the barrel adjusts the air intake. 
Rotate the barrel slowly. If too much air is added, 
the flame may go out. If this happens, immediately 
turn the gas flow off. Relight the burner using the 
procedure outlined previously. 



Figure 1 Lighting a iaboratory burner Figure 2 A biue fiame 
indicates compiete 
combustion. 


7. Adjust the gas valve on the burner to increase or 
decrease the height of the blue flame. The hottest part 
of the flame is the tip of the inner blue cone. You will 
usually use a 5 to 10 cm flame that just about touches 
the object being heated. Never leave a lit burner 
unattended. If the burner is on but not being used. 


adjust the air and gas intakes to obtain a small yellow 
flame. This flame is more visible and, therefore, less 
likely to cause problems. 

© When lighting or using a laboratory burner, never position 
your head or fingers directly above the barrel. Tie back long 
hair and secure loose clothing. 

A3.2 Using a Laboratory Balance 

A balance is a sensitive instrument used to measure the mass 
of an object or substance. There are some general rules that 
you should follow when using a balance. 

• All balances must be handled carefully and kept clean. 
The pan of an electronic balance should be removed 
for cleaning. 

• To avoid error due to convection currents in the 
air, allow hot or cold samples to return to room 
temperature before placing them on the balance. Do 
not lean on the bench when using the balance. 

• Always place chemicals into a container such as a 
beaker or plastic boat, or use a weighing paper, to 
avoid contamination and corrosion of the balance 
pan. 

• Place the empty container or weighing paper on the 
pan and reset (tare) the balance so the mass of the 
container registers as zero. 

• The last digit may not be constant, indicating 

uncertainty due to air currents or the high sensitivity 
of the balance. 

• Always record masses showing the correct precision. 
On a centigram balance, mass is measured to the 
nearest hundredth of a gram (0.01 g). 

• When it is necessary to move a balance, hold the 
instrument by the base and steady the beam. Never 
lift a balance by the beams or pans. 

• To avoid contaminating a whole bottle of reagent, a 
scoop should not be placed in the original container 
of a chemical. A quantity of the chemical should be 
poured out of the original reagent bottle into a clean, 
dry beaker or bottle, from which samples can be 
taken. Another acceptable technique for dispensing 
a small quantity of chemical is to rotate or tap the 
chemical bottle. 

A3.3 Using a Pipette 

A pipette is a specially designed glass tube used to measure 
precise volumes of liquids. There are two types of pipettes 
and a variety of sizes for each type. A volumetric pipette 
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(Figure 3(a)) is used to measure a fixed volume, such as 
10.00 mL or 25.00 mL, accurate to within 0.04 mL. A grad¬ 
uated pipette (Figure 3(b)) measures a range of volumes 
within the limit of the scale, just as a graduated cylinder 
does. A 10 mL graduated pipette measures volumes accu¬ 
rate to within 0.1 mL. 



Figure 3 (a) A volumetric pipette measures the volume printed on the 
labei if the temperature is near room temperature, (b) To use a graduated 
pipette you must be able to start and stop the flow of the liquid. 

O Never use your mouth to draw a liquid into a pipette. Always 
use a pipette bulb or pump. 

To use a pipette: 

1. Rinse the pipette with small volumes of distilled 
water using a wash bottle, then with the sample 
solution. A clean pipette has no visible residue or 
liquid drops clinging to the inside wall. 

2. Hold the pipette with your thumb and fingers near 
the top. Leave your index finger free. 

3. Place the pipette in the sample solution, resting the tip 
on the bottom of the container if possible. Be careful 
that the tip does not hit the sides of the container. 

4. Squeeze the bulb into the palm of your hand and 
place the bulb firmly and squarely on the end of the 
pipette (Figure 4) with your thumb across the top of 
the bulb. 



Figure 4 Release the bulb slowly. Pressing down with your thumb 
placed across the top of the bulb maintains a good seal. Setting the 
pipette tip on the bottom slows the rise or fall of the liquid. 


5. Release your grip on the bulb until the liquid has 
risen above the calibration line. This may require 
bringing the level up in stages: remove the bulb, put 
your finger on the pipette, squeeze the air out of the 
bulb, replace the bulb, and continue the procedure. 

6. Remove the bulb, placing your index finger over the 
top. If you are using a dispensing bulb (Figure 5) or 
a pipette pump (Figure 6), leave it attached to the 
pipette. 



Figure 5 A dispensing bulb uses a Figure 6 A pipette pump 
small valve in the side stem to control has a small roller that can be 
the flow of liquid in a pipette. turned to draw liquid in or to 

let liquid out of the pipette. 

7. Wipe all solution from the outside of the pipette 
using a paper towel. 

8. While touching the tip of the pipette to the inside 
of a waste beaker, gently roll your index finger 
(or squeeze the valve of the dispensing bulb) to 
allow the liquid level to drop until the bottom of 
the meniscus reaches the desired calibration line 
(Figure 7). To avoid errors, read the meniscus at 
eye level. Use the bulb to raise the level of the liquid 
again if necessary. 



Figure 7 To allow the liquid to drop slowly to the calibration line, it is 
necessary for your finger and the pipette top to be dry. Also keep the 
tip on the bottom to slow down the flow. 

9. While holding the pipette vertically, touch the 
pipette tip to the inside wall of a clean receiving 
container. Remove your finger or adjust the valve 
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and allow the liquid to drain freely until the solution 
stops flowing. 

10. Finish hy touching the pipette tip to the inside of 
the container held at about a 45° angle (Figure 8). 

Do not shake the pipette. The delivery pipette is 
calibrated to leave a small volume in the tip. 



Figure 8 A vertical volumetric pipette is drained by gravity and then 
the tip is placed against the inside wall of the container. A small 
volume is expected to remain in the tip. 

A3.4 Filtration 

In filtration, solids are separated from a mixture using 
porous filter paper. The more porous papers are called 
qualitative filter papers. Quantitative filter papers allow only 
invisibly small particles through the pores of the paper. 

1. Set up a filtration apparatus (Figure 9): stand with 
ring clamp, filter funnel, waste beaker, wash bottle, 
and a stirring rod with a flat plastic or rubber end for 
scraping. 



Figure 9 The tip of the funnel should touch the inside wall of the 
collecting beaker. 

2. Fold the filter paper along its diameter and then 
fold it again to form a cone. A better seal of the filter 
paper on the funnel is obtained if a small piece of 
the outside corner of the filter paper is torn off 
(Figure 10). 



(a) (c) 


(b) (d) 

Figure 10 To prepare a filter paper, fold it in half twice and then 
remove the outside corner as shown. 

3. Measure and record the mass of the filter paper after 
removing the corner. 

4. While holding the open filter paper in the funnel, 
wet the entire paper and seal the top edge firmly 
against the funnel with the tip of the cone centred 
in the bottom of the funnel. 

5. With the stirring rod touching the spout of the 
beaker, decant most of the solution into the funnel. 
Transferring the solid too soon clogs the pores of 
the filter paper. Keep the level of liquid about two- 
thirds up the height of the filter paper. The stirring 
rod should be rinsed each time it is removed. 

6. When most of the solution has been filtered, pour 
the remaining solid and solution into the funnel. Use 
the wash bottle and the flat end of the stirring rod to 
clean any remaining solid from the beaker. 

7. Use the wash bottle to rinse the stirring rod and the 
beaker. 

8. Wash the solid two or three times to ensure that 
no solution is left in the filter paper. Direct a gentle 
stream of water around the top of the filter paper. 

9. When the filtrate has stopped dripping from the 
funnel, remove the filter paper. Press your thumb 
against the thick (three-fold) side of the filter paper 
and slide the paper up the inside of the funnel. 

10. Transfer the filter paper from the funnel onto a 
labelled watch glass and unfold the paper to let the 
precipitate dry. 

11. Determine the mass of the filter paper and dry 
precipitate. 
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A3.5 Preparing Standard Solutions 

Laboratory procedures often call for the use of a solution of 
specific, precise concentration. 

A STANDARD SOLUTION FROM A SOLID 

Sometimes you will have to prepare a solution of known 
concentration from a solid solute and water. 

1. Calculate the required mass of solute from the 
volume and concentration of the solution. 

2. Obtain the required mass of solute on a weighing 
paper or in a clean, dry heaker. (Refer to A3.2 Using 
a Laboratory Balance earlier in this section.) 

O lf water is added directly to some solids or concentrated 
liquids, there may be boiling or splattering. Always add a 
solid solute or concentrated liquids to water. 

3. Pour distilled water into a beaker to a volume that 
is less than half of the final volume of the solution. 
Transfer the solute to the water. Stir to dissolve. 

4. Transfer the solution into a clean volumetric flask. 
Use a funnel to avoid spills. Rinse the beaker and any 
other equipment two or three times with distilled 
water, adding the rinse water to the volumetric flask. 
Add more distilled water to the flask until the level 
of the liquid is a few millilitres less than the desired 
volume. 

5. Use a dropper bottle to add the final few millilitres 
of distilled water. Use a meniscus finder to set the 
bottom of the meniscus on the calibration line. 

6. Place a stopper in the mouth of the flask. Swirl the 
flask to mix the solution. 

A STANDARD SOLUTION FROM A CONCENTRATED 
SOLUTION 

Sometimes you will have to prepare a solution of known con¬ 
centration using an existing stock (concentrated) solution. 

1. Calculate the volume of stock solution required. 

2. Add approximately one-half of the final volume of 
distilled water to the volumetric flask. 

3. Measure the required volume of stock solution using 
a pipette. (Refer to A3.3 Using a Pipette.) 

4. Transfer the stock solution slowly into the volumetric 
flask, using a funnel. Rinse the container two or three 
times with distilled water, adding the rinse water to 
the volumetric flask. Add more distilled water to the 
flask until the level of the liquid is a few millilitres 
less than the desired volume. 

5. Use a dropper bottle to add the final few millilitres 
of distilled water. Use a meniscus finder to set the 
bottom of the meniscus on the calibration line. 

6. Place a stopper in the mouth of the flask. Swirl the 
flask to mix the solution. 


A3.6 Titration 

Titration is used in the volumetric analysis of an unknown 
concentration of a solution. Titration involves adding a 
solution (the titrant) from a burette to another solution 
(the sample) in an Erlenmeyer flask until a recognizable 
endpoint, such as a colour change, occurs. 

1. Rinse the burette with small volumes of distilled 
water using a wash bottle. Using a burette funnel, 
rinse with small volumes of the titrant (Figure 11). 

(If liquid droplets remain on the sides of the burette 
after rinsing, scrub the burette with a burette brush. 

If the tip of the burette is chipped or broken, replace 
the tip or the whole burette.) 



Figure 11 A burette should be rinsed with water and then the titrant 
before use. Use a burette brush only if necessary. 


2. When filling a burette, always use a funnel. Work 
with the top of the burette below eye level to reduce 
the possibility of the solution splashing into your 
eyes. Pour the solution into the burette until the level 
is near the top. Open the valve for maximum flow to 
clear any air bubbles from the tip and to bring the 
liquid level down to the scale. 

3. Record the initial burette reading to the nearest 

0.1 mL. Avoid parallax errors by reading volumes at 
eye level with the aid of a meniscus finder. 

4. Use a pipette to transfer a sample of the solution of 
unknown concentration into a clean Erlenmeyer flask. 
Place a piece of white paper beneath the Erlenmeyer 
flask to make it easier to detect colour changes. 

5. Add an indicator if one is required. Add the smallest 
quantity necessary (usually 1 to 2 drops) to produce 
a noticeable colour change in your sample. 

6. Add the solution from the burette quickly at first, 
and then slowly, drop-by-drop, near the endpoint 
(Figure 12). Stop as soon as a drop of the titrant 
produces a permanent colour change in the sample 
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Figure 12 Near the endpoint, continuous gentle swirling of the 
solution is particularly important. 

solution. A permanent colour change is considered 
to be a noticeable change that lasts for 10 s after 
swirling. 

7. Record the final burette reading to the nearest 0.1 mL. 

8. The final burette reading for one trial becomes the 
initial burette reading for the next trial. Three trials 
with results within 0.2 mL are normally required for 
a reliable analysis of an unknown solution. 

Table 1 Some Standard Diagnostic Tests 


9. Drain and rinse the burette with pure water. Store 
the burette upside down with the valve open. 

A3.7 Diagnostic Tests 

The tests described in Table 1 are commonly used to detect 
a specific substance. All diagnostic tests include a brief pro¬ 
cedure, some expected evidence, and an interpretation of the 
evidence obtained. This is conveniently communicated using 
if-then statements. 

Diagnostic tests can be constructed using any charac¬ 
teristic empirical property of a substance, like determining 
the pH of certain solutions. For specific chemical reactions, 
properties of the products that the reactants do not have, 
such as the insolubility of a precipitate or the production of 
a gas can be used to construct diagnostic tests. 

If possible, you should use a control to illustrate that the 
test does not give the same results with other substances. 
For example, in the test for oxygen, you typically insert a 
glowing splint into a test tube that contains a gas suspected 
to be oxygen. You should also conduct the test on a test tube 
containing air, to compare the effects. This is the control 
test. If the splint reacts the same way in both test tubes, you 
could not conclude that the “oxygen” test tube contains any 
more oxygen than is present in air. 


Substance tested 

Diagnostic test 

water 

if cobalt(ll) chloride paper is exposed to a liquid or vapour, and the paper turns from blue to pink, 
then water is likely present. 

oxygen 

If a glowing splint is inserted into the test tube, and the splint glows brighter or relights, then 
oxygen gas is likely present. 

hydrogen 

If a flame is inserted into the test tube, and a squeal or pop is heard, then hydrogen is likely 
present. 

carbon dioxide 

If the unknown gas is bubbled into a limewater solution, and the limewater turns cloudy, then 
carbon dioxide is likely present. 

halogens 

If a few millilitres of mineral oil is added, with shaking, to a solution in a test tube, and the colour 
of the oil appears to be 

• light yellow-green, then chlorine is likely present 

• orange, then bromine is likely present 

• purple, then iodine is likely present 

acid 

If strips of blue and red litmus paper are dipped into the solution, and the blue litmus turns red, 
then an acid is present. 

base 

If strips of blue and red litmus paper are dipped into the solution, and the red litmus turns blue, 
then a base is present. 

neutral solution 

If strips of blue and red litmus paper are dipped into the solution, and neither changes colour, then 
only neutral substances are likely present. 

neutral ionic solution 

If a neutral substance is tested for conductivity with a voltmeter or multimeter, and the solution 
conducts a current, then a neutral ionic substance is likely present. 

neutral molecular solution 

If a neutral solution is tested and does not conduct a current, then a neutral molecular substance 
is likely present. 
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A4 Scientific Publications 


Communicating in Science 

Advances in science and our understanding of the natural 
world are the result of scientists sharing ideas and informa¬ 
tion. Ernest Rutherford used alpha particles emitted by 
the radioactive element polonium to discover the nucleus. 
Rutherfords discovery was possible only because Marie 
Curie had recognized, a few years earlier, that polonium is 
radioactive. 

It is important for scientists to share ideas and research 
with other scientists. New research findings are shared at 
conferences or in journal publications. Research scientists 
take pride in being published. Being published confirms 
fhaf fhe research adds fo the knowledge base of the sci¬ 
entific community. Sharing information helps to spread 
knowledge, solve problems, and inspire other scientists. 
For an example, please see the RE Frame paper cited in the 
“Further Reading” section. 

The Scientific Journal 

Scientific journals are publications that are used to report 
the results of new research. There are thousands of dif¬ 
ferent science journals published worldwide, and in many 
languages. A scientific journal may be specific fo a subjecf 
(for example. Journal of Atmospheric Chemistry) or con- 
fain articles that cover a variety of subjects within a field 
(for example. Nature). These publications may be elec¬ 
tronic (online) or in print and may be published weekly, 
monthly, bimonthly or quarterly. 

Peer Review 

When an article is submitted to a journal the research find¬ 
ings are critically reviewed by experts in that discipline. 
This ensures that the research presents ideas that are sup¬ 
ported by practices of good science. High-quality evidence 
and appropriate conclusions are necessary for the article 
to be accepted for publication. An article that is submitted 
to a reputable journal may take months to be approved for 
publication. The article may be returned to the author(s) for 
revision if necessary. 

Scientists aim to be published in the most respected jour¬ 
nals. The peer-review process contributes to the reputation 
of a journal. It helps to maintain standards and provide cred¬ 
ibility. A scientific journal becomes repufable by ensuring 
fhaf only articles of high quality are published. Very 
prestigious journals (such as Nature, Science, and Pure and 
Applied Chemistry) are known for publishing research 
backed by only the best practices of science. Reputable 


journals are widely read and considered reliable by the 
scientific community. Publication in a reputable journal 
brings immediate recognition for the author(s). Research 
that is not published in a peer-reviewed journal is often 
overlooked. 

Format of Research Articles 

Research articles have specific sections. Articles often include 
an abstract, introduction, methods, results, discussion, con¬ 
clusions, and references. Go to the Nelson Science website 
to see an example of a real research article with a descrip¬ 
tion of each section. # web link 

THE ABSTRACT 

The abstract is a short summary of the article. It presents 
the purpose of the research, outlines the design of the 
methods used, and summarizes findings or conclusions. 
A well-written abstract is useful when looking for articles 
with specific informafion. Time may be saved by reading the 
abstract and then deciding if the article is going to be helpful 
in supporting research. The background material, methods 
used, results, main subject, and discussion are all summa¬ 
rized within the abstract. 

CITING SOURCES AND GIVING CREDIT 

Once a scientist has found useful sources and included 
them in an article or paper, information must be provided 
about the article so that someone else who is interested in 
learning more will be able to find it. This also shows the 
reader that information supporting the research is current. 

More importantly, citing another scientists work pro¬ 
vides a measure of value of what he or she has published. It 
gives credit to the scientist. More citations often mean that 
the work is worthwhile and influential. For example, in 1939 
Finns Pauling wrote a very influential book entitled The 
Nature of the Chemical Bond. By 1969, fhis book had been 
died over 16 000 limes by other scientists working the field! 
Similarly, Ronald Gillespie of McMaster University devel¬ 
oped a simple yet powerful theory to explain the shapes 
of molecules. Soon after his work was published in 1957, 
citations started appearing in scholarly journals, and have 
continued to appear ever since. 

Further Reading 

Day, R.A., & Gastel, B. (2006). How to write and publish a 
scientific paper (6th ed.). Cambridge: Cambridge 
University Press. 

Frame, P.F, Hik, D.S., Cluff, H.D., & Paquet, PC. (June 
2004). Fong foraging movement of a denning tundra 
wolf. Arctic, 57 (2), 196-203. 
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A5 Exploring Issues and Applications 

Throughout this textbook you will have many opportunities 
to examine the connections between science, technology, 
society, and the environment (STSE) by exploring issues 
and applications. 

An issue is a situation in which several points of view 
need to be considered in order to make a decision. There 
can be many positions, generally determined by the values 
that an individual or a society holds, on a single issue. 
Which solution is “best” is a matter of opinion; ideally, the 
solution that is implemented is the one that is most appro¬ 
priate for society as a whole. Researching information about 
an issue will help you make an educated decision about 
it. All the skills listed in Section A5.1 may be useful in an 
activity that involves exploring an issue. 

Scientific research produces knowledge or understanding 
of natural phenomena. Technologists and engineers look 
for ways to apply this knowledge in the development of 
practical products and processes. Technological inventions 
and innovations can have wide-ranging applications for, 
and impacts on, society and the environment. The pur¬ 
pose of exploring an application is to research a particular 
technological invention or innovation to determine how 
it works, how it is used, and how it may affect society and 
the environment. The skills of researching, communicating, 
and evaluating may be useful in an activity that involves 
exploring an application. 

A5.1 Research Skills 

The following skills are involved in many types of research. 
Some of these skills will help you research issues only, while 
some will help you research issues or applications. Refer to 
this section when you have questions about any of the fol¬ 
lowing skills and processes. 

DEFINING THE ISSUE 

When exploring an issue, the first step in understanding 
the issue is to explain why it exists, the problems associ¬ 
ated with it, and, if applicable, the individuals or groups, 
also known as stakeholders, that are involved in it. The 
issue includes information about the role a person takes 
when thinking about an issue as well as a description of 
who your audience will be. You could brainstorm questions 
involving who, what, where, when, why, and how. Develop 
background information on the issue by clarifying facts and 
concepts, and identifying relevant attributes, features, or 
characteristics of the problem. 

RESEARCHING 

When beginning your research for both issues and applica¬ 
tions, you need to formulate a research question that helps 
to limit, narrow, or define the scope of your research. You 
then need to develop a plan to find reliable and relevant 
sources of information. This includes outlining the stages of 


your research: gathering, sorting, evaluating, selecting, and 
integrating relevant information. You should gather infor¬ 
mation from a variety of sources if possible (for example, 
print, web, and personal interviews). 

As you collect information, do your best to ensure that 
the information is reliable, accurate, and current. Avoid 
biased opinions: those that are not supported by or that 
ignore credible evidence. It is important to ensure that the 
information you have gathered addresses all aspects of the 
issue or application you are researching. 

IDENTIFYING ALTERNATIVES 

When exploring an issue, examine the situation and think of 
as many alternative solutions as you can. Be creative about 
combining the solutions. At this point, it does not matter if 
the solutions seem unrealistic. To analyze the alternatives, 
you should examine the issue from a variety of perspectives. 
Stakeholders may bring different viewpoints to an issue and 
these may influence fheir position on the issue. Consider 
these viewpoints as you brainstorm or hypothesize how dif¬ 
ferent stakeholders would feel about your alternatives. 

ANALYZING THE ISSUE 

An important part of exploring an issue is analyzing the issue. 
First, you should establish criteria for evaluating your infor¬ 
mation to determine its relevance and significance. You can 
then evaluate your sources, determine what assumptions may 
have been made, and assess whether you have enough infor¬ 
mation to make your decision. 

To effectively analyze an issue you should 

• establish criteria for determining the relevance and 
significance of the data you have gathered 

• evaluate the sources of information 

• identify and defermine what assumptions have been 
made 

• challenge unsupported evidence 

• evaluate the alternative solutions, possibly by 
conducting a risk-benefit analysis 

Once the issue has been analyzed, you may begin to 
consider possible solutions. You may decide to carry out a 
risk-benefit analysis—a tool that enables you to look at each 
possible result of a proposed action and helps you make a 
decision. (See Section A5.2 for more information.) 

DEFENDING A DECISION 

After analyzing your information on your issue, you can 
answer your research question and take an informed posi¬ 
tion or draw a conclusion on the issue. If you are working 
as a group, this is the stage where everyone gets a chance 
to share ideas and information gathered about the issue. 
Then the group needs to evaluate all the possible alterna¬ 
tives and decide on their preferred solution based on the 
criteria. 
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Your position on the issue, or conclusion, must be justi¬ 
fied using supporting information that you have researched. 
You should be able to defend your position to people with 
different perspectives. Ask yourself the following questions: 

• Do I have supporting evidence from a variety of sources? 

• Can I state my position clearly? 

• Can I show why this issue is relevant and important 
to society? 

• Do I have solid arguments (with solid evidence) 
supporting my position? 

• Have I considered arguments against my position, 
and identified their faults? 

• Have I analyzed the strong and weak points of each 
perspective? 

COMMUNICATING 

When exploring an issue, there are several things to con¬ 
sider when communicating your decision. You need to state 
your position clearly and take into consideration who your 
audience is. You should always support your decision with 
objective data and a persuasive argument if possible. Be 
prepared to defend your position against any opposition. 

You should be able to defend your solution in an appro¬ 
priate format—debate, class discussion, speech, position 
paper, multimedia presentation, brochure, poster, video, etc. 

When exploring an application you should communicate 
the “need or want” for the application (why the applica¬ 
tion was developed in the first place); the “how” (how the 
application/technology actually works); and the risks and 
benefits to society, individuals, and the environment. You 
should conclude with your “assessment” of the application. 

EVALUATING 

The final phase of your decision making when exploring an 
issue includes evaluating the decision itself and the process 
used to reach the decision. After you have made a decision, 
carefully examine the thinking that led to your decision. 
Some questions to guide your evaluation are as follows: 

• What was my initial perspective on the issue? How 
has my perspective changed since I first began to 
explore the issue? 


• How did we make our decision? What process did 
we use? What steps did we follow? 

• To what extent were my arguments factually accurate 
and persuasively made? 

• In what ways does our decision resolve the issue? 

• What are the likely short- and long-term effects of 
the decision? 

• To what extent am I satisfied with the final decision? 

• What reasons would I give to explain our decision? 

• If we had to make this decision again, what would I 
do differently? 

A5.2 Risk-Benefit Analysis Model 

Risk-benefit analysis is a tool used to organize and analyze 
information gathered in research, especially when exploring 
a socio-scientific issue. A thorough analysis of the risks and 
benefits associated with each alternative solution can help 
you decide on the best alternative. 

• Research as many aspects of the situation as possible. 
Look at it from different perspectives. 

• Collect as much evidence as you can, including 
reasonable projections of likely outcomes if the 
proposal is adopted. 

• Classify every individual potential result as being 
either a benefit or a risk. 

• Quantify the size of the potential benefit or risk 
(perhaps as a dollar figure, or a number of lives 
affected, or on a scale of 1 to 5). 

• Estimate the probability (percentage) of that event 
occurring. 

• By multiplying the size of a benefit (or risk) by the 
probability of its happening, you can calculate a 
probability value for each potential result. 

• Total the probability values of all the potential risks, 
and all the potential benefits. 

• Compare the sums to help you decide whether to 
accept the proposed action. 
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A6 Math Skills 


A6.1 Scientific Notation 

It is difficult to work with very large or very small num¬ 
bers when they are written in common decimal notation. 
Usually it is possible to accommodate such numbers by 
changing the SI prefix so that the number falls between 0.1 
and 1000. For example, 237 000 000 mm can be expressed as 
237 km, and 0.000 000 895 kg can be expressed as 0.895 mg. 
However, this prefix change is not always possible, either 
because an appropriate prefix does not exist or because it is 
essential to use a particular unit of measurement in a calcu¬ 
lation. In these cases, the best method of dealing with very 
large and very small numbers is to write them using sci¬ 
entific notation. Scientific notation expresses a number by 
writing it in the form a X 10", where 1 < |a| < 10 and the 
digits in the coefficient a are all significant. Table 1 shows 
situations where scientific notation would be used. 


Table 1 Examples of Scientific Notation 


Expression 

Common decimal 
notation 

Scientific notation 

“124.5 million 
kilometres” 

124 500 000 km 

1.245 X 10“ km 

“154 thousand 
picometres” 

154 000 pm 

1.54 X 10= pm 

“602 sextillion 
molecules” 

602 000 000 

000 000 000 

000 000 molecules 

6.02 X 10^= 
molecules 


To multiply numbers in scientific notation, multiply the coef¬ 
ficients and add the exponents. To divide numbers in scientific 
notation, divide the coefficients and subtract the exponents. The 
answer is always expressed in scientific notation. Note that the 
coefficient should always be between 1 and 10. For example. 


(4.73 X 10= m) (5.82 X 10"m) = 27.5 X lO'^m" 
= 2.75 X 10” m" 


(6.4 X 10® m) 
(2.2 X 10= s) 


= 2.9 X 10= m/s 


When evaluating exponents, the following rules apply; 


ixr = x‘‘>’ 


ixyY = x'’y'’ 



For example, to enter 

7.5 X 10^ press 7.5 EXP 4 

3.6 X 10-= press 3.6 EXP +/- 3 

Depending on the type of calculator you have, +/— may 
need to be entered after the relevant number. 

A6.2 Logarithms 

Any positive number N can be expressed as a power of some 
base b where b> 1. Some obvious examples are: 

16 = 2'* base 2, exponent 4 

25 = 5= base 5, exponent 2 

27 = 3= base 3, exponent 3 

0.001 = 10~= base 10, exponent —3 
In each of these examples, the exponent is an integer; 
however, exponents may be any real number, not just an 
integer. If you use the x^ button on your calculator, you can 
experiment to obtain a better understanding of this concept. 

The most common base is base 10. Some examples for 
base 10 are 
10“= = 3.162 
10' = = 19.95 
10“2-^ = 0.001 995 

By deftnition, the exponent to which a base b must be 
raised to produce a given number N is called the logarithm 
of N to base b (abbreviated as logt,). When the value of the 
base is not written, it is assumed to be base 10. Logarithms to 
base 10 are called common logarithms. We can express the 
previous examples as logarithms: 
log 3.162 = 0.5000 
log 19.95 = 1.299 
log 0.001 995 = -2.700 

Most measurement scales you have encountered are 
linear in nature. For example, a speed of 80 km/h is twice as 
fast as a speed of 40 km/h and four times as fast as a speed 
of 20 km/h. However, there are several examples in science 
where the range of values of the variable being measured is 
so great that it is more convenient to use a logarithmic scale 
to base 10. One example of this is the scale for measuring 
the acidity of a solution (the pH scale). For example, a solu¬ 
tion with a pH of 3 is 10 times more acidic than a solution 
with a pH of 4 and 100 times (10^) more acidic than a solu¬ 
tion with a pH of 5. Other situations that use logarithmic 
scales are sound intensity (the dB scale) and the intensity of 
earthquakes (the Richter scale). 


SCIENTIFIC NOTATION WITH CALCULATORS 

On many calculators, scientific notation is entered using a 
special key: EXP or EE. This key includes “X 10” from the 
scientific notation; you need to enter only the exponent. 


A6.3 Uncertainty in Measurements 

There are two types of quantities that are used in science: 
exact values and measurements. Exact values include 
defined quantities (1 m = 100 cm) and counted values 
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(5 beakers or 10 trials). Measurements, however, are not 
exact because there is some uncertainty or error associated 
with every measurement. 

PRECISION AND ACCURACY 

“Precision” and “accuracy” are terms used to describe how 
close a measurement is to a true value. The precision of a 
measurement depends upon the gradations of the measuring 
device. Precision is the place value of the last measurable 
digit. For example, a measurement of 12.74 cm is more 
precise than a measurement of 127.4 cm because the first 
value was measured to hundredths of a centimetre, whereas 
the latter was measured only to tenths of a centimetre. 

No matter how precise a measurement is, it still may not 
be accurate. Accuracy refers to how close a value is to its 
true, or accepted, value. An accurate measurement has a low 
uncertainty. Figure 1 shows an analogy between precision 
and accuracy: the positions of darts on a dartboard. 

How certain you are about a measurement depends on 
two factors: the precision of the instrument used and the 
size of the measured quantity. More precise instruments 
give more certain values. For example, a mass measurement 
of 13 g is less precise than a measurement of 13.12 g; you are 
more certain about the second measurement than the first. 
Certainty also depends on the size of the measurement. For 
example, consider the measurements 0.4 cm and 15.9 cm; 
both have the same precision. However, if the measuring 
instrument is precise to ± 0.1 cm, the first measurement is 
0.4 ±0.1 cm (0.3 cm or 0.5 cm) for an error of 25 %, whereas 
the second measurement could be 15.9 ± 0.1 cm (15.8 cm 
or 16.0 cm) for an error of 0.6 %. For both factors—the pre¬ 
cision of the instrument used and the value of the measured 
quantity—the more digits there are in a measurement, the 
more certain you are about the measurement. 

ROUNDING 

When adding or subtracting measurements of different pre¬ 
cisions, the answer is rounded to the same precision as the 
least precise measurement. For example, using a calculator, 
11.7 cm ± 3.29 cm ± 0.542 cm = 15.532 cm 


The answer must be rounded to 15.5 cm because the first 
measurement limits the precision to a tenth of a centimetre. 
Follow these rules to round answers to calculations: 

1. When the first digit to be dropped is 4 or less, the 
last digit retained should not be changed. 

3.141 326 rounded to 4 digits is 3.141 

2. When the first digit to be dropped is greater than 5, 
or if it is a 5 followed by at least one digit other than 
zero, the last digit retained is increased by 1 unit. 
2.221 682 rounded to 5 digits is 2.2217 

4.168 501 rounded to 4 digits is 4.169 

3. When the first digit discarded is 5 followed by only 
zeros, the last digit retained is increased by 1 if it is 
odd, but not changed if it is even. 

2.35 rounded to 2 digits is 2.4 
2.45 rounded to 2 digits is 2.4 
— 6.35 rounded to 2 digits is —6.4 

SIGNIFICANT DIGITS 

The certainty of any measurement is communicated by the 
number of significant digits in the measurement. In a mea¬ 
sured or calculated value, significant digits are the digits that 
are known reliably, or for certain, and include the last digit 
that is estimated or uncertain. Significant digits include all 
digits correctly reported from a measurement. 

Follow these rules to decide if a digit is significant: 

1. All non-zero digits are significant. 

2. If a decimal point is present, zeros to the left of other 
digits (leading zeros) are not significant. 

3. If a decimal point is not present, zeros to the right of the 
last non-zero digit (trading zeros) are not significant. 

4. Zeros placed between other digits are always significant. 

5. Zeros placed after other digits to the right of a 
decimal point are significant. 

6. When a measurement is written in scientific 
notation, all digits in the coefficient are significant. 

7. Counted and defined values have infinite significant 
digits. 
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Table 2 shows examples of significant digits. 


Table 2 Certainty in Significant Digits 


Measurement 

Number of significant digits 

32.07 m 

4 

0.0041 g 

2 

5.23X10= kg 

3 

7002 N-m 

4 

6400 s 

2 

6.0000 A 

5 

204.0 cm 

4 

10.0 kJ 

3 

100 people (counted) 

infinite 


MULTIPLICATION AND DIVISION 

An answer obtained by multiplying and dividing measure¬ 
ments is rounded to the same number of significant digits as the 
measurement with the fewest significant digits. For example, 
using a calculator to solve the following equation, you obtain 
77.8 km/h X 0.8967 h = 69.76326 km 
However, the certainty of the answer is limited to three sig¬ 
nificant digits because the value with the fewest significant 
digits is 77.8 km/h. So, the answer is rounded up to 69.8 km. 

SCIENTIFIC NOTATION 

The same rule applies to adding, subtracting, multiplying, 
and dividing numbers written in scientific notation. For 
example, the answer obtained when adding two numbers 
written in scientific notation is 

(5.5 X 10^) -I- (4.236 X 10^) = 9.736 X 10'‘ 

The answer is rounded to two significant digits, or 9.7 X 10^ 
because the number with the fewest significant digits, 5.5 X 10^ 
has only two significant digits. 

Similarly, in the calculation 
(7.23 X 10^)(3.2 X 10**) = 2.3136 X lO'' 
the answer is rounded to 2.3 X 10^^ because the number 
with the fewest significant digits is 3.2 X 10®, which has two 
significant digits. 

Note that only the real number to the left of the multipli¬ 
cation sign is considered when determining the number of 
significant digits in scientific notation. 

LOGARITHMS 

When using logarithms, for instance in the calculations of 
pH, the number of decimal places in the log value must 


equal the number of significant digits in the original value. 
For example, consider this calculation; 
pH = -log (8.82 X 10“**) 

The significant digits are 3, giving an answer of 4.055. 

MEASUREMENT ERROR 

There are two types of measurement error: random error and 
systematic error. Random error results when an estimate is 
made to obtain the last significant digit for any measurement. 
The size of the random error is determined by the precision 
of the measuring instrument. For example, when measuring 
length with a measuring tape, it is necessary to estimate 
between the marks on the measuring tape. If these marks are 
1 cm apart, the random error will be greater and the precision 
will be less than if the marks are 1 mm apart. Such errors can 
be reduced by taking the average of several readings. 

Systematic error is associated with an inherent problem 
with the measuring system, such as the presence of an inter¬ 
fering substance, incorrect calibration, or room conditions. 
For example, if a balance is not zeroed at the beginning, all 
measurements will have a systematic error; using a slightly 
worn metre stick will also introduce a systematic error. 

REPORTING DATA INVOLVING MEASUREMENTS 

A formal report of an experiment involving measure¬ 
ments should include an analysis of uncertainty, percentage 
uncertainty, and percentage error or percentage difference. 
Uncertainty is often assumed to be plus or minus half of the 
smallest division of the scale on the instrument; for example, the 
estimated uncertainty of 15.8 cm is ± 0.05 cm or ± 0.5 mm. 

Whenever calculations involving addition or subtraction 
are performed, the uncertainties accumulate. Thus, to find 
the total uncertainty, the individual uncertainties must be 
added. For example, 

(34.7 cm ± 0.05 cm) - (18.4 cm ± 0.05 cm) = 16.3 cm ± 0.10 cm 
Percentage uncertainty is calculated by dividing the 
uncertainty by the measured quantity and multiplying by 
100. Use your calculator to prove that 28.0 cm ± 0.05 cm has 
a percentage uncertainty of ± 0.18 %. 

Whenever calculations involving multiplication or divi¬ 
sion are performed, the percentage uncertainties must be 
added. If desired, the total percentage uncertainty can be 
converted back to uncertainty. For example, consider the 
area of a certain rectangle: 

A = Iw 

= (28.0 cm ± 0.18 %)(21.5 cm ± 0.23 %) 

= 602 cm^ ± 0.41 % 

A = 602 cm^ ± 2.5 cm^ 

Percentage error can be determined only if it is possible 
to compare a measured value with that of the most com¬ 
monly accepted value. The equation is 

measured value — accepted value 

% error = -;—-X 100 

accepted value 
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Percentage difference is useful for comparing two mea¬ 
surements when the true measurement is not known or 
for comparing a measured value to a predicted value. The 
percentage difference is calculated as 

measured value — predicted value 

% difference =-;-;—;-X 100 

predicted value 

A6.4 Use of Units 

When solving problems in science it is important to denote 
the units that go with a numerical value. The measurement 170 
is unacceptable since there are no units. The measurement 
170 g/mL denotes a density, 170 °C denotes a tempera¬ 
ture, 170 K denotes a temperature in kelvins, and 170 kPa 
denotes a pressure. Understanding and placing units with a 
value gives the proper context of the value. 

You can also identify a formula by looking at the units. 
For instance, if a density of 9.01 g/cm^ is given, you can 
note that the density units have grams (mass) divided by 
cm^ (volume), so the formula for density is mass divided by 
volume or d = ^. 

A6.5 Graphing 

There are many types of graphs that you can use to organize 
your data. You need to identify which type of graph is best 
for your data before you begin graphing. Three of the most 
useful kinds are bar graphs, circle (pie) graphs, and point- 
and-line graphs. When both variables are quantitative, use a 
point-and-line graph. The following guidelines show how to 
construct a point-and-line graph from the data in Table 3. 

Table 3 Experimental Data for a Sample of Argon 


Temperature (°C) 

Volume (ml) 

11 

95.6 

25 

100.0 

47 

107.4 

73 

116.1 

159 

145.0 

233 

169.8 

258 

178.1 


1. Use graph paper and construct your graph on a grid. 
The horizontal edge on the bottom of this grid is the 
x-axis and the vertical edge on the left is the y-axis. 
Do not be too thrifty with graph paper—a larger 
graph is easier to interpret. 

2. Decide which variable goes on which axis and label 
each axis, including the units of measurement. The 
manipulated (independent) variable is generally 


plotted along the x-axis and the responding 
(dependent) variable along the y-axis. 

3. Title your graph. The title should be a concise 
description of the data contained in the graph. 

4. Determine the range of values for each variable. 

The range is the difference between the largest and 
smallest values. Graphs often include extra length on 
each axis, to make them appear less cramped. 

5. Choose a scale for each axis. This will depend on 
how much space you have and the range of values 
for each axis. Each line on the grid usually increases 
steadily in value by a convenient number, such as 

1, 2, 5, 10, 50, or 100. 

6. Plot the points. Start with the first pair of values, 
which may or may not be at the origin of the graph. 

7. After you have plotted and checked all the points, 
draw a line through them to show the relationship 
between the variables, if possible. Not all points may 
lie exactly on a line; small errors in each measurement 
may have occurred, causing the data points to move 
away from the perfect line. Draw a line that comes 
closest to most of the points. This is called the line of 
best fit—a smooth line that passes through or between 
the points so that there are about the same number 

of points on each side of the line. The line of best fit 
may be straight or curved (Figure 2). Graphs often use 
different colours or symbols to indicate the different 
sets, and include a legend. In some cases, it might be 
more appropriate to “join the dots” when graphing 
values that are counted rather than measured (for 
example, when plotting the counted number of 
bubbles produced rather than the measured volume of 
gas produced). 

Graph of Volume against Temperature 
for a Sample of Argon Gas 
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A7 Choosing Appropriate 
Career Pathways 

Often, one of the most difficult tasks in high school is 
deciding what career path to follow after graduation. The 
science skills and concepts presented in this book will be 
of benefit to many careers, whether you are planning a 
career in scientific research (such as research geneticist or 
astrophysicist) or in areas related to science (such as envi¬ 
ronmental lawyer, pharmaceutical sales rep, or electrician). 
The strong critical-thinking and problem-solving skills that 
are emphasized in science programs are a valuable asset for 
any career. 

Career Links and Pathways 

Throughout this textbook you will have many opportu¬ 
nities to explore careers related to your studies in chem¬ 
istry. The Career Links icons found at the ends of some 
paragraphs indicate that you can learn more about these 
careers on the Nelson Science website. At the end of each 
chapter you will also find a Career Pathways feature that 
illustrates sample educational pathways for some of the 
careers mentioned. 

It is wise to begin researching academic requirements 
as early as possible. Understanding the options available to 
pursue a particular career will help you make decisions on 
whether to attend university or college, and which program 
of study you should take. In addition, understanding the 
terminology used by universities and colleges will play an 
integral role in planning your future. 

University and College Programs 

Undergraduate university programs generally lead to a 
three-year general bachelor degree or a four-year honours 
bachelor degree. These degree designations begin with a 
“B” followed by the area of specialization; for example, a 
B.Sc. (Hons.) indicates an Honours Bachelor of Science 
degree. These degrees can lead to employment or to fur¬ 
ther education in postgraduate programs at the masters or 
doctoral level. The length of postgraduate degrees generally 
varies from one to four years. 


College programs typically fall into three categories: one- 
year certificates, two-year diplomas, and three-year advanced 
diplomas. Certificates and diplomas can lead directly to 
employment opportunities or to graduate certificate programs. 
In some programs, there are transfer agreements with 
universities, which allow college graduates to enter university 
programs with advanced standing toward a university degree. 

Pathways in Chemistry 

The Career Pathways graphic organizer illustrates possible 
pathways to follow after high school. Certain pathways lead 
to careers via university while others may lead to careers 
via college. Look at Figure 1 below. The pathways of three 
students are shown. Student A wishes to become a research 
scientist and must complete the Grade 11 and 12 University 
Chemistry courses (along with other prerequisites) and 
enter an undergraduate university program. Student A must 
obtain a Bachelor of Science degree, and then continue on 
to further education in masters and doctorate programs 
before becoming a research scientist. 

Student B wishes to become a food scientist and must 
complete the Grade 11 University Ghemistry course (along 
with other prerequisites) and enter an undergraduate uni¬ 
versity program. Student B must obtain a Bachelor of 
Science degree in food science or a related degree such as 
biochemistry before becoming a food scientist. 

Student G wishes to become a dental hygienist, and 
must complete Grade 12 University or Gollege Preparation 
Ghemistry followed by a diploma course in dental hygiene. 

Planning for Your Future 

Planning ahead for your educational and career paths will 
provide a rewarding future. You should consult your guid¬ 
ance counsellors for specific advice on career planning and 
which courses you should take in high school. Take the 
time to research university and college websites for spe¬ 
cific program information, as these sites will provide the 
prerequisite information and, most often, career-planning 
advice. While it may seem overwhelming at times, utilizing 
as many resources as possible will help alleviate some of the 
stress in planning your future. 


12U Chemistry 


11U Chemistry 





M.Sc. 


food scientist 


dentai hygienist 


Ph.D. 


research 

scientist 


Figure 1 This graphic organizer shows pathways to several careers that invoive chemistry. The blue pathway 
Indicates a career that requires a college diploma. The green pathway shows a career path following an undergraduate 
degree. The orange career pathway involves one or more postgraduate university degrees. 
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Periodic Table 

13 

of the Elements 

14 15 16 17 

2 

He 

4.00 


Measured values are subject 
to change as experimental 
techniques improve. Atomic 
molar mass values in this 
table are based on lUPAC 
website values (2011). 


5 

2.0 

B 

10.81 

6 

2.5 

c 

carbon 

12.01 

7 3- 

3.0 

N 

nitrogen 

14.01 

8 2- 

3.5 

0 

oxygen 

16.00 

9 1- 

4.0 

F 

fluorine 

19.00 

10 

Ne 

20.18 






13 3+ 

14 

15 3- 

16 2- 

17 1 - 

18 






1.5 

1.8 

2.1 

2.5 

3.0 

- 






Al 

Si 

P 

s 

Cl 

Ar 






aiuminum 

silicon 

phosphorus 

sulfur 

chiorine 

argon 

10 


11 

12 


26.98 

28.09 

30.97 

32.07 

35.45 

39.95 

28 

2+ 

29 2+ 

30 

2+ 

31 3+ 

32 

33 3 - 

34 2- 

35 1 - 

36 

1.9 


1.9 

1.6 


1.6 

1.8 

2.0 

2.4 

2.8 

3.0 

Ni 


Cu 

Zn 

Ga 

Ge 

As 

Se 

Br 

Kr 

nicke 


copper 

zinc 


gaiiium 

germanium 

arsenic 

selenium 

bromine 

krypton 

58.6! 

9 

63.55 

65.38 

69.72 

72.64 

74.92 

78.96 

79.90 

83.80 

46 

2+ 

47 1+ 

48 

2+ 

49 3+ 

50 4+ 

51 3^ 

52 2- 

53 1- 

54 

2.2 

3+ 

1.9 

1.7 


1.7 

1.8 

1.9 

2.1 

2.5 

2.6 

Pd 


Ag 

Cd 


In 

Sn 

Sb 

Te 

I 

Xe 

palladium 


cadmium 

indium 

tin 

antimony 

tellurium 

iodine 

xenon 

106.42 

107.87 

112.41 

114.82 

118.71 

121.76 

127.60 

126.90 

131.29 

78 

4+ 

79 3 + 

80 

2+ 

81 1 + 

82 2+ 

83 3+ 

84 2+ 

85 1 

86 

2.2 


2.4 

1.9 


1.8 

1.9 

1.9 

2.0 

2.2 

- 

Pt 


Au 

Hg 

Tl 

Pb 

Bi 

Po 

At 

Rn 



gold 

mercury 

thaiiium 

lead 

bismuth 

poionium 

astatine 

radon 

195.08 

196.97 

200.59 

204.38 

207.2 

208.98 

(209) 

(210) 

(222) 

110 


111 

112 


113 

114 

115 

116 

117 

118 

Ds 

Rg 

Cn 

Uut 

Uuq 

Uup 

Uuh 

Uus 

Uuo 

darmstadtium 

roentgenium 

copernicium 

ununtrium 

ununquadium 

ununpentium 

ununhexium 


ununoctium 

(281) 

(272) 

(285) 

(284) 

(289) 

(288) 

(291) 

(294) 

(294) 










Haiogens 

Nobie gases 

63 

3+ 

64 3+ 

65 

3+ 

66 3+ 

67 3+ 

68 3+ 

69 3+ 

70 3+ 

71 2+ 

— 

2+ 

1.2 

— 


1.2 

1.2 

1.2 

1.3 

— 

1.3 

Eu 


Gd 

Tb 


Dy 

Ho 

Er 

Tm 

Yb 

Lu 

europium 

gadolinium 

terbium 

dysprosium 

holmium 

erbium 

thuiium 

ytterbium 

iutetium 

151.96 

157.25 

158.93 

162.50 

164.93 

167.26 

168.93 

173.05 

174.97 

95 

3+ 

96 3+ 

97 

3+ 

98 3+ 

99 3+ 

100 3+ 

101 2+ 

102 2+ 

103 3+ 

1.3 

4+ 

1.3 

1.3 

4+ 

1.3 

1.3 

1.3 

1.3 

1.3 

— 

Am 

Cm 

Bk 

Cf 

Es 

Fm 

Md 

No 

Lr 

(243) 

(247) 

(247) 

(251) 

(252) 

(257) 

(258) 

(259) 

(262) 


Reference 


721 












































B2 Units, Symbols, Quantities, 
and Prefixes 


Throughout Nelson Chemistry 12 and in this reference 
section, we have attempted to be consistent in the presen¬ 
tation and usage of units. As far as possible, the text uses 
the International System of Units (SI). However, some 
other units have been included because of their practical 
importance, wide usage, or use in specialized fields. Nelson 
Chemistry 12 has followed the most recent Canadian 
Metric Practice Guide (CAN/CSA-Z234.1-00), published 
in 2000 and updated in 2003 by the Canadian Standards 
Association. 


Table 4 Stoichiometry Symbols and Units 


Quantity 

Quantity symbol 

Unit(s) 

amount of substance 

n 

mol 

mass of substance 

m 

gorkg 

amount concentration of 
solution 

c 

mol/L 

volume of solution or gas 

V 

mLorL 

molar mass of substance 

M 

- 

molar volume of gas 

- 

L 


Table 1 SI Base Units 


Quantity 

Symbol 

Unit 

Symbol 

amount of substance 

n 

mole 

mol 

electric current 

1 

ampere 

A 

length 

L, /, h, d IV 

metre 

m 

luminous intensity 

K 

candela 

cd 

mass 

m 

kilogram 

kg 

temperature 

T 

kelvin 

K 

time 

t 

second 

s 


Table 2 Some Si-Derived Units 


Quantity 

Symbol 

Unit 

Symbol 

SI base 
unit 

pressure 

P 

newton per 
square metre 

N/m® 

kg/m-s® 

amount 

concentration 

c 

mole per litre 

mol/L 

kmol/m® 

volume 

V 

cubic metre 

m® 

m® 


Table 3 Defined and Measured Quantities 


Defined (exact) quantities 

Measured (uncertain) quantities 

1 1 = 1000 kg = IMg 

STP = 0°C and 101.325 kPa 
(use 0 °C and 101 kPa) 

SATP = 25 °C and 100 kPa 

0 °C = 273.15 K (use 273 K) 

1 atm = 101.325 kPa 
(use 101 kPa) 

1 atm = 760 mm Hg 

1 bar = 100 kPa 

/?= 8.314 kPa-U(mol-K) 

1/sTP = 22.4 Umol 

1/sATP = 24.8 Umol 

/Va = 6.02 X 10®® entities/mol 


Table 5 Numerical Prefixes 


Powers and subpowers of ten 

Prefix 

Power 

Symbol 

deca 

10' 

da 

hecto 

10® 

h 

kilo 

10® 

k 

mega 

10® 

M 

giga 

10® 

G 

tera 

10'2 

T 

peta 

10'® 

P 

deci 

10' 

d 

centi 

10-2 

c 

mini 

10-® 

m 

micro 

10-® 

A 

nano 

10® 

n 

pico 

10-'2 

P 

femto 

10-'® 

f 

atto 

10-18 

a 


Some Examples of Prefix Use 

0.00350 L = 3.50 X 10^^ L = 3.50 ml 
0.27 m = 27 X 10-2 m =27 cm 

3 000 000 000 Hz = 3 X 10® Hz =3 GHz 
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Table 6 Greek Letters Used in Chemistry 


A 

a 

alpha 

B 

H 

beta 

r 

y 

gamma 

A 

8 

delta 


Table 7 Physical Constants 


Quantity 

Symbol 

Approximate value 

atomic mass unit 

u 

1.661 X 10-2^ kg 

Avogadro’s constant 

Wa 

6.022 141 99 X lO^^ 

(use 6.02 X 10^^) 


SI Prefixes 

Sometimes it is difficuit to remember the metric prefixes. A 
mnemonic is a saying that helps you remember something. “King 
Henry Doesn’t Mind Drinking Chocolate Milk” is a mnemonic for 
kilo, hecto, deca, metre, deci, centi, and miili. Another helpful hint is 
that mega (M) represents a miiiion (x 10®) and tera (T) represents 
a triiiion (x 10'^). The first ietter of each prefix and of what it 
represents are the same. 


B3 Elements and Compounds 


Table 1 Common Chemicals 


Common name 

Recommended name 

Formula 

Common use/source 

acetic acid 

ethanoic acid 

CHgCOOHOq) 

vinegar 

acetone 

propanone 

(CH3)2C0(I) 

nail polish remover 

acetylene 

ethyne 

C2H2(g) 

cutting/weiding torch 

ASA (Aspirin) 

acetyisalicyiic acid 

C6H4C00CH3C00H(s) 

for pain relief medication 

baking soda 

sodium hydrogen carbonate 

NaHC03(s) 

leavening agent 

battery acid 

suifuric acid 

H2S04(aq) 

car batteries 

bleach 

sodium hypochlorite 

NaCIO(s) 

bleach for clothing 

bluestone 

copper(ll) sulfate pentahydrate 

CuS04-5 H20(s) 

algicide/fungicide 

brine 

aqueous sodium chloride 

NaCI(aq) 

water-softening agent 

carbon monoxide 

carbon monoxide 

CO(g) 

toxic product of incomplete combustion 

citric acid 

2-hydroxy-1,2,3-propanetricarboxylic acid 

C3H40H(C00H)3 

in fruit and beverages 

CFC 

chlorofiuorocarbon 

C^CiyF.O); e.g., C2Cl2F4(l) 

refrigerant 

charcoal/graphite 

carbon 

C(s) 

fuel/lead pencils 

dry ice 

carbon dioxide 

C02(g) 

“fizz” in carbonated beverages 

ethylene 

ethene 

C2H4(g) 

for polymerization 

ethylene glycol 

1,2-ethandiol 

C2H4(0H)2(I) 

radiator antifreeze 

formaldehyde 

methanai 

CH20(g) 

preservative, solvent 

Freon-12 

dichlorodifluoromethane 

CCl2F2(l) 

refrigerant 


Reference 


723 










































Table 1 Common Chemicals (continued) 


Common name 

Recommended name 

Formula 

Common use/source 

Glauber’s salt 

sodium sulfate decahydrate 

Na2S04-10H20(s) 

solar heat storage 

glucose 

D-glucose; dextrose 

C6Hi20e(s) 

in plants and blood 

grain alcohol 

ethanol (ethyl alcohol) 

C2H50H(I) 

beverage alcohol 

gypsum 

calcium sulfate dihydrate 

CaS04-2H20(s) 

wallboard 

lime (quicklime) 

calcium oxide 

CaO(s) 

masonry 

limestone 

calcium carbonate 

CaC03(s) 

chalk and building materials 

lye (caustic soda) 

sodium hydroxide 

NaOH(s) 

oven/drain cleaner 

malachite 

copper(ll) hydroxide carbonate 

Cu( 0H)2 -CuC 03 (s) 

copper mineral 

methyl hydrate 

methanol (methyl alcohol) 

CHgOHO) 

gas-line antifreeze 

milk of magnesia 

magnesium hydroxide 

Mg(0H)2(s) 

antacid (for indigestion) 

MSG 

monosodium glutamate 

NaC5H8N04(s) 

flavour enhancer 

muriatic acid 

hydrochloric acid 

HCI(aq) 

in concrete etching 

natural gas 

methane 

CH4(g) 

fuel 

nitrogen dioxide 

nitrogen dioxide 

N02(g) 

air pollutant 

ozone 

ozone 

03 (g) 

atmospheric gas; ground-level pollutant 

PCBs 

polychlorinated biphenyls 

(C6H,cy2; e.g.,(C6H4Cl2)2(l) 

in transformers 

potash 

potassium chloride 

KCI(s) 

fertilizer 

radon 

radon 

Rn(g) 

radioactive indoor air pollutant 

road salt 

calcium chloride or sodium chloride 

CaCl2(s) or NaCl2(s) 

melts ice 

rotten-egg gas 

hydrogen sulfide 

H2S(g) 

in natural gas 

rubbing alcohol 

2-propanol 

CH3CH0HCH3(I) 

for massage 

sand (silica) 

silicon dioxide 

Si02(s) 

in glass making 

slaked lime 

calcium hydroxide 

Ca(0H)2(s) 

limewater 

soda ash 

sodium carbonate 

Na2C03(s) 

in laundry detergents 

sugar 

sucrose 

Ci2H220ii(S) 

sweetener 

sulfur dioxide 

sulfur dioxide 

S02(g) 

industrial air pollutant; major cause of 
acid precipitation 

table salt 

sodium chloride 

NaCl(s) 

seasoning 

washing soda 

sodium carbonate decahydrate 

Na2C03-10 H20(s) 

water softener 

vitamin C 

ascorbic acid 

H2C6H606(S) 

vitamin 

VOCs 

mixture of volatile organic compounds 

- 

air pollutant 
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B4 Solubility Product Constants {K^p) 


Table 1 Solubility Product Constants at 25 °C 


Name 

Formula 

Ks, 

barium carbonate 

BaCOgls) 

2.6X10-® 

barium chromate 

BaCr04(s) 

1.2 X 10-^“ 

barium sulfate 

BaS04(s) 

1.1 X 10’^° 

calcium carbonate 

CaC03(s) 

5.0 X 10’® 

calcium hydroxide 

Ca(0H)2 

5.5 X 10’® 

calcium oxalate 

C3C204(s)j C300CC00(s) 

2.3 X 10-® 

calcium phosphate 

Ca3(P04)2(s) 

2.1 X 10-^3 

calcium sulfate 

03804(5) 

7.1 X 10'= 

copper(l) chloride 

CuCI(s) 

1.7 X 10'^ 

copper(l) iodide 

Cul(s) 

1.3 X 10“'2 

copper(ll) iodate 

00(103)2(8) 

6.9 X 10-® 

copper(ll) sulfide 

CuS(s) 

6.0 X 10-3' 

iron(ll) hydroxide 

Fe(0H)2(s) 

4.9 X 10-" 

iron(ll) sulfide 

FeS(s) 

6.0 X 10-'® 

iron(lll) hydroxide 

Fe(0H)3(s) 

2.6 X 10-3® 

lead(ll) bromide 

PbBr2(s) 

6.6 X 10-3 

lead(ll) chloride 

PbCl2(s) 

1.2 X 10-3 

lead(ll) iodate 

Pb(l03)2(s) 

3.7X10-'3 

lead(ll) iodide 

Pbl2(s) 

8.5X10-® 

lead(ll) sulfate 

PbS04(s) 

1.8 X 10-3 

magnesium carbonate 

MgC03(s) 

6.8 X 10-3 

magnesium fluoride 

MgF2(s) 

6.4X10-® 

magnesium hydroxide 

Mg(0H)2(s) 

5.6 X 10-'® 

mercury(l) chloride 

Hg2Cl2(s) 

1.5 X 10-'3 

silver bromate 

AgBr03(s) 

5.3 X 10-3 

silver bromide 

AgBr(s) 

5.4 X 10-'3 

silver carbonate 

Ag2C03(s) 

8.5 X 10-'® 

silver chloride 

AgCI(s) 

1.8 X 10-'° 

silver chromate 

Ag2Cr04(s) 

1.1 X 10-'® 

silver iodate 

Agl03(s) 

3.2X10-3 

silver iodide 

Agl(s) 

8.5X 10-" 

strontium carbonate 

SrC03(s) 

5.6 X 10-'° 


Reference 


725 








































Table 1 Solubility Product Constants at 25 °C (continued) 


Name 

Formula 

Ks, 

strontium fluoride 

SrF2(s) 

4.3 X 10'® 

strontium sulfate 

SrS04(s) 

3.4 X 10”' 

zinc hydroxide 

Zn(0H)2(s) 

7.7 X 10”’' 

zinc sulfide 

ZnS(s) 

2.0 X 10'®= 


• Values in this table are taken from The CRC Handbook of Chemistry and Physics, 85th Edition. 


B5 Kg and for Common Acids and Weak Bases 


Tablet MonoproticAcids 


Name 

Formula of Acid 

Formula of 
Conjugate Base 

Equilibrium 

Constant, IQ 

perchloric acid 

HCI04(aq) 

CI04-(aq) 

very large 

hydroiodic acid 

Hl(aq) 

l'(aq) 

very large 

hydrobromic acid 

HBr(aq) 

Br(aq) 

very large 

hydrochloric acid 

HCI(aq) 

Cl-(aq) 

very large 

nitric acid 

HN03(aq) 

N03'(aq) 

very large 

hydronium ion 

HjO^Oq) 

H20(I) 

1.0 

hydrogen sulfate ion 

HS04'(aq) 

S04®-(aq) 

1.2 X 10'® 

chlorous acid 

HCI02(aq) 

CI02-(aq) 

1.2x10'® 

iron(lll) ion 

Fe(H20)6®"(aq) 

Fe(H20)5(0H)®^(aq) 

1.5x10'® 

citric acid 

H3C6H507(aq) 

H2C6H507-(aq) 

7.4 X lO"* 

hydrofluoric acid 

HF(aq) 

F'(aq) 

6.6X10"* 

nitrous acid 

HN02(aq) 

N02-(aq) 

4.6X10"* 

hydrogen cyanate 

HOCN 

OCN-(aq) 

3.5X10"* 

methanoic acid 

HCHO2; 

HCOOH(aq) 

CH02'(aq) 

1.8 X 10"* 

chromium(lll) ion 

Cr(H20)6=^(aq) 

Cr(H20)5(0H)®^(aq) 

1.0X10"* 

methyl orange 

HMo(aq) 

IVIo'(aq) 

~10"* 

benzoic acid 

HC7H502(aq); 

C6H5C00H(aq) 

C7H502-(aq); 

CeHsCOOIaq) 

6.3X10'= 

ethanoic (acetic) 
acid 

HC2H302(aq); 

CH3C00H(aq) 

C2H302-(aq) 

1.8X10'= 

aluminum ion 

AI(H20)6®"(aq) 

AI(H20)5(0H)®"(aq) 

9.8X10'= 

bromothymol blue 

HBb(aq) 

Bb-(aq) 

-10”' 

hypochlorous acid 

HCIO(aq) 

ClO-(aq) 

3.5X10'= 

phenolphthalein 

HPh(aq) 

Ph-(aq) 

~10'*° 

hydrocyanic acid 

HCN(aq) 

CN-(aq) 

6.2X10'^“ 







































Table 1 Monoprotic Acids (continued) 


Name 

Formula of Acid 

Formula of 
Conjugate Base 

Equilibrium 

Constant, 

ammonium ion 

NH/(aq) 

NH3(aq) 

5.8 X 10“’° 

boric acid 

HgBOjiaq) 

HzBOj-iaq) 

5.8 X 10“’° 

phenoi 

CeHsOHiaq) 

CeHsOlaq) 

1.0 X 10“’° 

hydrogen peroxide 

H202(aq) 

H02-(aq) 

2.2 X 10“’^ 

water 

HjOil) 

OH-(aq) 

1.0 X lO-’'* 

hydroxide ion 

OHlaq) 

0^“ (aq) 

very small 


• Values in this table are taken from Lange's Handbook of Chemistry, 13th Edition for 25 °C. 
Table 2 Poiyprotic Acids 


Name 

Formula of Acid 

Formula of 
Conjugate Base 

Equilibrium Constant 

Afa, /fa, /fa. 

sulfuric acid 

H2S04(aq) 

HS04-(aq) 

very large 

1.0 X 10“° 

- 

oxalic acid 

H2C204(aq); HOOCCOOH(aq) 

HC204-(aq) 

5.4 X 10“2 

5.4X10“° 

- 

sulfurous acid (SOj + H2O) 

H2S03(aq) 

HS03-(aq) 

1.3X 10“2 

6.2 X 10-° 

- 

phosphoric acid 

H3P04(aq) 

H2P04-(aq) 

7.1 X 10“° 

6.3 X 10-° 

4.2 X 10-’° 

carbonic acid (CO2 + H2O) 

HzCOgiaq) 

HC03-(aq) 

4.4 X 10“^ 

4.7 X 10-” 

- 

hydrosulfuric acid 

HzSiaq) 

HS-(aq) 

1.1 X 10“' 

1.3 X 10-’° 

- 


• Values in this table are taken from Lange's Handbook of Chemistry, 13th Edition for 25 °C. 
Table 3 Weak Bases 


Name 

Formula 

Equilibrium 
Constant, x;, 

dimethylamine 

CH3CH3NH(aq) 

9.6 X 10“'’ 

methylamine 

CH3NH2(aq) 

4.4 X 10““ 

ethylamine 

CH3CH2NH2(aq) 

4.3 X 10““ 

butylamine 

C4HgNH2(aq) 

5.9 X 10““ 

trimethylamine 

CH3CH3CH3N(aq) 

7.4 X 10“° 

ammonia 

NH3(aq) 

1.8 X 10“° 

hydrazine 

N2H4(aq) 

1.7 X 10“° 

morphine 

Ci7Hi9N03(aq) 

7.5 X 10“' 

hypochlorite ion 

CI0“(aq) 

3.45 X 10“' 

hydroxylamine 

NHjOHiaq) 

1.1 X 10“° 

pyridine 

C5H5N(aq) 

1.7 X 10“° 

aniline 

C5H5NH2(aq) 

4.1 X 10“’° 

ethanoate ion 

C 2 H 302 “(aq) 

5.6 X 10“’° 

urea 

NH2CONH2(aq) 

1.5 X 10“’“ 


Reference 


727 











































B6 Acid-Base Indicators 


Table 1 Acid-Base Indicators 


Common Name 

Colour of 
Hln(aq) 

pH range 

Colour of 
In-(aq) 

Common name 

Colour of 
Hln(aq) 

pH range 

Colour of 

In-(aq) 

methyl violet 

yellow 

0.0-1.6 

blue 

chlorophenoi red 

yellow 

5.4-6.8 

red 

cresol red (acid range) 

red 

0.2-1.8 

yellow 

litmus 

red 

6.0-8.0 

blue 

cresol purple (acid range) 

red 

1.2-2.8 

yellow 

bromothymoi biue 

yellow 

6.2-7.6 

blue 

thymol blue (acid range) 

red 

1.2-2.8 

yellow 

phenol red 

yellow 

6.4-8.0 

red 

tropeolin oo 

red 

1.3-3.2 

yellow 

m-nitrophenoi 

colourless 

6.4-8.8 

yellow 

orange iv 

red 

1.4-2.8 

yellow 

neutral red 

red 

6.8-8.0 

yellow 

benzopurpurine-4B 

violet 

2.2-4.2 

red 

cresol red 

yellow 

7.2-8.8 

red 

2,6-dinotrophenol 

colourless 

2.4-4.0 

yellow 

m-cresol purple 

yellow 

7.6-9.2 

purple 

2,4-dinotrophenol 

colourless 

2.5-4.3 

yellow 

thymol blue 

yellow 

8.0-9.6 

blue 

methyl yellow 

red 

2.9-4.0 

yellow 

phenolphthalein 

colourless 

8.0-10.0 

red 

Congo red 

blue 

3.0-5.0 

red 

a-naphtholbenzein 

yellow 

9.0-11.0 

blue 

bromophenol blue 

yellow 

3.0-4.6 

blue-violet 

thymolphthalein 

colourless 

9.4-10.6 

blue 

methyl orange 

red 

3.1-4.4 

yellow 

alizarin yellow r 

yellow 

10.0-12.0 

violet 

bromocresol green 

yellow 

4.0-5.6 

blue 

nitramine 

colourless 

10.8-13.0 

orange-brown 

methyl red 

red 

4.4-6.2 

yellow 

tropeolin o 

yellow 

11.0-13.0 

orange-brown 

bromocresol purple 

yellow 

5.2-6.8 

purple 

indigo carmine 

blue 

11.4-13.0 

yellow 

bromophenol red 

yellow 

5.2-6.8 

red 

1,3,5-trinitrobenzene 

colourless 

12.0-14.0 

orange 

p-nitrophenol 

colourless 

5.3-7.6 

yellow 

- 

- 

- 

- 
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Decreasing Strength of Oxidizing Agents 


B7 Standard Reduction Potentials 


Table 1 Standard Reduction Potentials (or Redox) at 25 °C (298 K) for Many Common 
Half-Reactions 


Half-reaction 

f°r(V) 

Strongest Oxidizing Agent; Weakest Reducing Agent 


F2(g) + 2e- ^2F-(aq) 

2.87 

Ag2+(aq) -F e' Ag+(aq) 

1.99 

Co^+(aq) -F e’ Co^+(aq) 

1.82 

H202(aq) -F 2 H+(aq) -F 2 e" 2 H20(l) 

1.78 

Ce''+(aq) -f e' Ce^+(aq) 

1.70 

Pb02(s) -F 4 H+ -F S042-(aq) -F 2 e" PbS04(s) -F 2 H20(l) 

1.69 

Mn04-(aq) -F 4 H+(aq) -F 3 e" Mn02(s) -F 2 H20(l) 

1.68 

l04-(aq) -F 2 H+(aq) -F 2 e" l03-(aq) -F H20(l) 

1.60 

Mn04-(aq) -F 8 H+(aq) -F 5 e" Mn2+(aq) -F 4 H20(l) 

1.51 

Au^+(aq) -F 3e‘ Au(s) 

1.50 

Pb02(s) -F 4 H+(aq) -F 2e- Pb2+(aq) -F 2 H20(l) 

1.46 

Cyg) -F 2 e- 2 Cl-(aq) 

1.36 

Cr20/-(aq) -F 14 H+(aq) -F 6 e' 2 Cr^+(aq) -F 7 H20(l) 

1.33 

02(g) -F 4 H+(aq) -F 4 e- 2 H20(l) 

1.23 

Mn02(s) -F 4 H+(aq) -F 2 e' Mn2+(aq) -F 2 H20(l) 

1.21 

l03-(aq) -F 6 H"^(aq) -F 5 e’ 1 l2(s) -F 3 H20(l) 

1.20 

CI04-(aq) -F 2 H+(aq) -F 2 e" CI03-(aq) -F H20(l) 

1.19 

Br2(l) -F 2 e' 2 Br-(aq) 

1.09 

V02+(aq) -F 2 H+(aq) -F e’ V02+(aq) -F H20(l) 

1.00 

AuCl4“(aq) -F 3 e‘ Au(s) -F 4 Cl‘(aq) 

0.99 

N03-(aq) -F 4 H+(aq) -F 3 e' N0(g) -F 2 H20(l) 

0.96 

CI02(g) -F e' CI02'(aq) 

0.954 

2 Hg2+(aq) -F 2 e’ Hg2^+(aq) 

0.91 

Ag+(aq) -F e’ Ag(s) 

0.80 

Hg2'^(aq) + 2 e" ^ 2 Hg(l) 

0.80 

Fe^+(aq) -f e‘ =5^^ Fe^^(aq) 

0.77 

02(g) -F 2 H+(aq) -F 2 e- H202(aq) 

0.68 

Mn04-(aq) -F e‘ Mn04^“(aq) 

0.56 

l2(s) -F 2e- 2 |-(aq) 

0.54 


(continued) 
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Table 1 Standard Reduction Potentials (or Redox) at 25 °C (298 K) for Many Common 
Haif-Reactions (continued) 


Half-reaction 

f°r(V) 

Cu+(aq) + e‘ Cu(s) 

0.52 

02(g) + 2 H20(I) + 4 e- 4 OH-(aq) 

0.40 

Cu^+(aq) + 2 e‘ Cu(s) 

0.34 

Hg2Cl2(aq) + 2 e’ 2 Hg(l) + 2 C|-(aq) 

0.34 

AgCI(aq) + e‘ Ag(s) + Cl’(aq) 

0.22 

SO/-(aq) + 4 H+(aq) + 2 e' H2S03(aq) + H20(l) 

0.20 

Cu^+(aq) + e‘ =5^^ Cu+(aq) 

0.16 

2 H+(aq) + 2 e- ^ H2(g) 

0 

Fe^+(aq) + 3 e' Fe(s) 

-0.036 

Pb2+(aq) + 2 e- Pb(s) 

-0.13 

Sn2+(aq) + 2 e' Sn(s) 

-0.14 

Ni2+(aq) + 2 e- Ni(s) 

-0.23 

Co^+(aq) + 2 e‘ Co(s) 

-0.28 

PbS04(aq) + 2 e’ Pb + S042-(aq) 

-0.35 

Cd^+(aq) + 2 e' Cd(s) 

-0.40 

Fe^+(aq) + 2 e' Fe(s) 

-0.44 

Cr^+(aq) + e‘ Cr2+(aq) 

-0.50 

Cr^^(aq) + 3 e‘ =5^^ Cr(s) 

-0.73 

Zn^+(aq) + 2 e‘ Zn(s) 

-0.76 

2 H20(I) + 2 e- H2(g) + 2 OH-(aq) 

-0.83 

Cr2+(aq) + 2 e' Cr(s) 

-0.91 

Mn^+(aq) + 2 e' Mn(s) 

-1.18 

Al^+(aq) + 3 e- Al(s) 

-1.66 

H2(g) + 2 e- ^ 2 H-(aq) 

-2.23 

Mg2+(aq) + 2 e" Mg(s) 

-2.37 

La^+(aq) + 3 e‘ La(s) 

-2.37 

Na+(aq) + e' Na(s) 

-2.71 

Ca^+(aq) + 2 e' Ca(s) 

-2.76 

Ba^+(aq) + 2 e‘ Ba(s) 

-2.90 

K+(aq) + e- K(s) 

-2.92 

Li+(aq) + e‘ Li(s) 

Weakest Oxidizing Agent; Strongest Reducing Agent 

-3.05 
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B8 Cations and Anions 


Table 1 Common Cations Table 2 Common Anions 


Ion 

Name 

H+ 

hydrogen 

Li+ 

lithium 

Na+ 

sodium 

K-" 

potassium 

Cs+ 

cesium 

Be^^ 

beryllium 


magnesium 

Ca^^ 

calcium 

Ba2+ 

barium 

A|3+ 

aluminum 

Ag+ 

silver 


Ion 

Name 

H- 

hydride 

F 

fluoride 

ci- 

chloride 

Br- 

bromide 

|- 

iodide 

0^’ 

oxide 

S'” 

sulfide 

N'” 

nitride 

p3- 

phosphide 


Table 3 Selected Multivalent Cations 


Metal 

Ions 

Classical names 

lUPAC names 

copper, 

Cu+ 

cuprous 

copper(l) 

Cu 

Cu'+ 

cupric 

copper(ll) 

iron, 

Fe'+ 

ferrous 

iron(ll) 

Fe 

Fe'+ 

ferric 

iron(lll) 

tin. 

Sn'^ 

stannous 

tin(ll) 

Sn 

Sn'+ 

stannic 

tin(IV) 

lead. 

Pb'+ 

plumbous 

lead(ll) 

Pb 

Pb4+ 

plumbic 

lead(IV) 

manganese. 

Mn'+ 

— 

manganese(ll) 

Mn 

Mn'+ 


manganese(lll) 


Mn''+ 


manganese(l\^ 


Mn®+ 


manganese(VI) 


Mn^+ 


manganese(VII) 

chromium. 

Cr'+ 

chromous 

chromium(ll) 

Cr 

Cr'+ 

chromic 

chromium(lll) 

gold, 

Au+ 

— 

gold(l) 

Au 

Au'+ 


gold(lll) 

nickel. 

Ni'+ 

— 

nickel(ll) 

Ni 

Ni'+ 


nickel(lll) 


Table 4 Common Polyatomic Ions 


Ion 

Name 

C2H3O2” 

acetate 

NH4+ 

ammonium 

BO3'- 

borate 

Br03” 

bromate 

CO3'- 

carbonate 

CIO3- 

chlorate 

CI02” 

chlorite 

Cr04'- 

chromate 

CN” 

cyanide 

CrjO/- 

dichromate 

H2PO4” 

dihydrogen phosphate 

H2PO3” 

dihydrogen phosphite 

HCO3” 

hydrogen carbonate (bicarbonate) 

HPO4'- 

hydrogen phosphate 

HPO3'- 

hydrogen phosphite 

HSO4” 

hydrogen sulfate (bisulfate) 

HS” 

hydrogen sulfide (bisulfide) 

HSO3” 

hydrogen sulfite (bisulfite) 

cio-,oci- 

hypochlorite 

H3O+ 

hydronium 

OH” 

hydroxide 

IO3” 

iodate 

NO2” 

nitrite 

NO3” 

nitrate 

C2O4'” 

oxalate 

CIO4” 

perchlorate 

Mn04” 

permanganate 

SCN” 

thiocyanate 

02^- 

peroxide 

P04^” 

phosphate 

S04'- 

sulfate 

S03'- 

sulfite 

8203^- 

thiosulfate 
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Table 5 Ion Colours 


Table 6 Solubility of Ionic Compounds at Room Temperature 


Ion in solution 

Solution colour 

Groups 1,2,17 

colourless 

Cr^^ 

blue 

Cr^^ 

green 

Co'+ 

pink 

Cu+ 

green 

Cu^+ 

blue 

Fe2+ 

pale green 

Fe^-" 

yellow-brown 

Mn2+ 

pale pink 

Ni2+ 

green 

CrO/- 

yellow 

Cr2072- 

orange 

Mn04- 

purple 

Ion 

Flame colour 

Li+ 

bright red 

Na+ 

yellow 

K+ 

violet 

Ca2+ 

yellow-red 

Sr^^ 

bright red 

Ba^^ 

yellow-green 

Cu^+ 

green 

Pb2+ 

light blue-grey 

Zn2+ 

whitish green 


Solubility 

Ion 

Exceptions 

very soluble 
(aq) 

> 0.1 mol/L 

NOg^ 

none 

halides 

except with Cu^, Ag+, Hg2^+, Pb^^ 

SO/- 

except with Ca^^, Ba^^, Sr^^, Hg^+, 
Pb'+,Ag+ 

C2H3O2- 

Ag+ 

Na+, r 

none 

NH4+ 

none 

slightly 
soluble (s) 

< 0.1 mol/L 

CO3'- 

except with Group 1 ions and NH4+ 

P04^- 

except with Group 1 ions and NH4+ 

OH- 

except with Group 1 ions, Ca^^, Ba^^, 
Sr^^ 

s^- 

except with Groups 1 and 2 ions and 

NH4+ 


THE ACTIVITY SERIES OF METALS 


most reactive 
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B9 Naming Conventions 


Table 4 Oxyanions in Ionic Compounds 


Table 1 Common Hydrates 



Name of hydrate 

Examples 

Traditional 

name 

name of the ionic 
compound + Greek 
prefix + “hydrate” 

• copper(ll) sulfate 
pentahydrate 

• magnesium sulfate 
heptahydrate 

Alternative 

names 

name of the ionic 
compound + number 
of water molecules + 
“water” 

• copper(ll) sulfate-5-water 

• magnesium sulfate-7- 
water 

name of the ionic 
compound + 

“water” + ratio 
of formula units to 
water molecules 

• copper(ll) sulfate—water 
(1/5) 

• magnesium sulfate— 
water (1/7) 


Table 2 Prefixes Used in the Names of Hydrates and Molecular 
Compounds 


Number of atoms or water 
molecules in the chemical formula 

Prefix 

1 

mono or mon 

2 

di 

3 

tri 

4 

tetra 

5 

penta 

6 

hexa 

7 

hepta 

8 

octa 

9 

nona 

10 

deca 


Table 3 Binary Molecular Compounds 


Name of compound 

Prefix 

prefix + name of first element + prefix 
+ name of second element 
[exception: omit “mono” for first 
element] 

• dinitrogen monoxide 

• carbon dioxide 


Name of parent oxyanion 

Examples 

stem of the non-metal name -i- -ate 

• chlorate, CIO3' 

• nitrate, 

• sulfate, SO/” 

• phosphate, PO/” 

• carbonate, COj^” 

Names of related oxyanions 

Examples 

If oxyanion has one 
more oxygen atom 
than the parent 
oxyanion 

per stem 
of non-metal 
name -i- -ate 

• perchlorate, CIO4” 

If oxyanion has one 
fewer oxygen atom 
than the parent 
oxyanion 

stem of 
non-metal 
name-i- -ite 

• nitrite, NO2” 

• sulfite, SOa^” 

If oxyanion has two 
fewer oxygen atoms 
than the parent 
oxyanion 

hypo -P stem 
of non-metal 
name -i- -ite 

• hypochlorite, CIO” 


Table 5 Binary Acids and Oxyacids 


Name of binary acid 

Examples 

hydro ■+■ stem of anion name 
-1- -ic acid 

• hydrochloric acid, HCI 

• hydrocyanic acid, HCN 

Name of parent oxyacid 

Examples 

If the anion name ends in 
-ate, then the acid name 
ends in -ic acid. 

• sulfate ion sulfuric acid, H2SO4 

• acetate ion ^ acetic acid, C2H4O2 

Names of related oxyacids 

If the anion name starts with per- and ends in -ate, then the acid 
name is per- _ -ic acid 

If the anion name ends in -ite, then the acid name ends in -ous acid 

If the anion name starts with hypo_ and ends in -ite, then the acid 
name is hypo _ -ous acid 


Reference 
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Tables Oxyacids 


Acid name 

Chemical formula 

Parent oxyanion 

acetic acid 

HCzHaOziaq) 

acetate, 

bromic acid 

HBrOgiaq) 

bromate, BrOj^ 

carbonic acid 

H2C03(aq) 

carbonate, 

chloric acid 

HCIOjiaq) 

chlorate, CIOj^ 

iodic acid 

HlOaiaq) 

iodate, lOj^ 

nitric acid 

HNOalaq) 

nitrate, NOg^ 

phosphoric acid 

H3P04(aq) 

phosphate, P04^^ 

sulfuric acid 

H2S04(aq) 

sulfate, S04^” 

perbromic acid 

HBr04(aq) 

perbromate, Br04^ 

hypobromous acid 

HBrO(aq) 

hypobromite, BrO^ 

perchloric acid 

HCI04(aq) 

perchlorate, CI04^ 

chlorous acid 

HCIOziaq) 

chlorite, CIOj” 

hypochlorous acid 

HCIO(aq) 

hypochlorite, CIO^ 

hypofiuorous acid 

HFO(aq) 

hypofluorite, FO^ 

periodic acid 

HI04(aq) 

periodate, 104^ 

hypoiodous acid 

HlO(aq) 

hypoiodite, 10^ 

nitrous acid 

HNOjlaq) 

nitrite, 


734 Appendix B 
























APPENDIX C ANSWERS 


These pages include numerical and short answers to chapter section questions, selected 
Tutorial Practice questions, and Chapter Self-Quiz, Chapter Review, Unit Self-Quiz, 
and Unit Review questions. 


Unit 1 

Are You Ready?, pp. 4-5 

4. BO,LiF 

9. covalent, ionic, hydrogen, 
dipole-dipole, London 
dispersion 
10. NHj.HjO.HF 
25. (a) NaOH{aq)^ 

Na^(aq) -I- OH“{aq), base 

(b) HCl(aq)^ 

ZFF^taq) -I- Cr(aq), acid 

(c) H 2 S 04 (aq)^ 

IL^taq) + SO/“(aq), acid 

(d) HN 03 (aq) ^ 

tf^Caq) -I- NOj’Caq), acid 

(e) LiOH(aq)-> 

Li^(aq) -I- OH“(aq), base 

1.1 Tutorial 1 Practice, p. 14 

(a) octane 

(b) 3-methylpentane 

(c) 1,3-dicblorobutane 

(d) 2,4-dimethylbexane 

1.1 Questions, p. 17 

2. (a) 2,2-dimethylbutane 

(b) 5-ethyl-2,3-dtmethylheptane 

(c) 3,6-dimethyl-4-(propan- 
2-yl)octane 

(d) 2-bromo-4-chloropentane 

(e) 1,1-dimethylcylohexane 

(f) propan-2-ylcyclopentane 

(g) 3-methylhexane 
9. dodecane 

1.2 Tutorial 1 Practice, p. 21 

1. (a) but-l-ene 

(b) 4-methylhex-2-ene 

(c) 4-methylhex-2-yne 

(d) 4-bromo-3-inetbylcyclohex- 

1.2 Tutorial 2 Practice, p. 23 

2. (a) fra«s-pent-2-ene 

(b) cis-pent-2-ene 

1.2 Questions, p. 27 

2. (a) alkene 

(b) alkene 

(c) alkyne 

5. (a) l-bromo-2-butyne 

(b) 4-methyl-2-hexyne 

7. (a) cis-2-bexene 

(b) fra«s-l-bromo-l-butene 
9. (a) CH 3 CH=CHCH 3 -H Clj ^ 
CH3CHCICHCICH3 

(b) CH3CH=CHCH2CH2CH3-H 
HBr-> 

CH3CH2CHBrCH2CH2CH3 

1.3 Tutorial 1 Practice, p. 30 

1. (a) l-ethyl-3-metbylbenzene 

(b) 3-methyl-2-phenylpentane 


1.3 Questions, p. 31 

1. (a) chlorobenzene 

(b) methylbenzene (toluene) 

(c) phenylethene 

(d) 1,3-dmiethylbenzene 

(e) l-bromo-2-pentylbenzene 

5. (a) 1,4-dichlorobenzene 

6. (a) (i) bromocyclohexane 

(ii) ethylbenzene -I- 
hydrogen chloride 

1.4 Tutorial 1 Practice, p. 34 

1. (a) pentane-1,4-diol 

(b) 4-ethyl-3-methyloctan-4-ol 

(c) benzene-l,3-diol 

1.4 Tutorial 2 Practice, p. 37 

H,SO, 

2. CsHiiOHll)->■ 

CsHioO) -I- H20(1) 

1.4 Tutorial 3 Practice, p. 38 

1. (a) ethoxyethane 
(b) ethoxypropane 

1.4 Questions, p. 39 

1. (a) heptane-2,3-diol 

(b) 3-niethylhexan-2-ol 

(c) 4-ethyl-5-methylheptan- 

3 - 0 I 

(d) cyclopentane-1,3-diol 

(e) 1,2,4-trihydroxybenzene 

(f) 1-propoxybutane 

(g) 1-ethoxypentane 

(h) ethanethiol 

4. (a) 2-heptanol 

(b) 1-butene -I- water 

(c) ethoxypropane -I- water 

5. 2 CH30H(1) -H 3 02 (g) 

2C02(g) -H 4H20(g) 

1.5 Tutorial 1 Practice, p. 41 

1. (a) pentanal 

(b) 4-ethylhexanal 

(c) 4-chloropentanal 

1.5 Tutorial 2 Practice, p. 42 

1. (a) butanone 

(b) 2-methyl-3-hexanone 

(c) cyclohexanone 

1.5 Tutorial 3 Practice, p. 45 

1. (a) pentan-2-ol, oxygen 
(b) pentan-l-ol, oxygen 

2. (a) ethanol 
(b) butan-2-ol 

3. (a) hexanal 

(b) hexanone 

(c) 2-methylpentanone 

1.5 Questions, p. 46 

2. (a) pentan-2-one 
(b) hexanal 

3. (b) CH3COCH3(l)-HH2(g)^' 

CH3CH0HCH3(1) 


4. (c) CH3CH20H(1) -H [O] ^ 
CH3CH0(1) -H H20(1) 


1.6 Tutorial 1 Practice, p. 48 

1. (a) decanoic acid 

(b) butanoic acid 

(c) 3-methylheptanoic acid 

1.6 Tutorial 2 Practice, p. 50 

1. (a) ethyl pentanoate 

(b) methyl decanoate 

(c) butyl methanoate 

(d) propyl benzoate 

1.6 Questions, p. 55 

2. (a) methyl pentanoate 
(b) methyl butanoate 

1.7 Tutorial 1 Practice, p. 58 

1. (a) butan-2-amine 

(b) N,JV-diethylbutan-l-amine 

(c) N-methyl-N-propylpropan- 

(d) octan-3-amine 

(e) N-ethylbutan-2-amine 

1.7 Tutorial 2 Practice, p. 60 

1. (a) butanamide 

(b) N-propylethanamide 

(c) N,N-dimethylbutanamide 

1.7 Questions, p. 62 

1. (a) propanamide 

(b) N,]V-dimethylpropan-l- 

(c) N,N-diethylpropanamide 

(d) 2-chloroheptan-4-amine 

(e) hept-6-ene-2,4-diamine 


Chapter 1 Self-Quiz, p. 71 

1. (a) 7. (a) 12. F 

2. (b) 8. (d) 13. F 

3. (d) 9. F 14. T 

4. (d) 10. F 15. T 

5. (b) 11. T 16. T 

6. (d) 


Chapter 1 Review, pp. 72-77 

1. (b) 

2. (d) 

3. (b) 

4. (d) 

5. (c) 


9. 

10. 


(d) 

(c) 

(d) 

(c) 

(d) 


1. (a) 

2. T 

3. T 

4. F 

5. F 


17. F 

18. T 

19. F 

20. F 

21 . (a) (vii) (e) (iii) 

(b) (ii) (f) (vi) 

(c) (iv) (g) (i) 

(d) (viii) (h) (v) 

22 . (a) CH 3 CHCHCH 2 CH 3 -HBr 2 ^ 

CH 3 CHBrCHBrCH 2 CH 3 ; 
addition reaction 

(b) CsHg -I- Br 2 -> C5H6Br2; 
addition reaction 

(c) QHg -I- Br 2 ^ QHgBr -I- 
HBr; substitution reaction 

24. (a) = 0 , C=C, -OH 

(b) benzene ring, -COOH 

(c) benzene ring, —NH 2 

25. (a) -OH, alcohol, 

propan-l-ol 

(b) -COOH, carboxylic acid, 
propanoic acid 

(c) —CHO, aldehyde, hexanal 

(d) -O, ether, 

1 - ethoxypropane 

(e) — NH 2 , amine, 
methanamine 

(f) — C=O, ketone, pentan- 

2 - one 

(g) -COOC, ester, 
propylethanoate 

(h) -CON, amide, 
N-methylpropanamide 

(i) — C=0, ketone, 
pentan-3-one 

(j) —COOH, carboxylic acid, 
methanoic acid 

35. (a) CH 3 CH 20 h”-^^°‘ 

CH 2 CH 2 -H HjO; 
dehydration 

(b) 2 CH 3 CH 20 h“^^°‘ 

CH3CH2OCH2CH; 

dehydration 

(c) CH 3 CH 2 CH 2 OH-H [O]-> 

CH3CH2CHO -H H2O; 
oxidation 

(d) CH 2 CHCH 2 CH 2 CH 3 -I- 
HjO-s- 

CH3CHOHCH2CH2CH3; 

addition 

(e) CH3CH2OH -H [O] ^ 

CH3CHO -I- H2O, 

oxidation; 

CH3CHO -H [O] 

CH3COOH, oxidation 

(f) HCOOH -H 
CH 3 CH 20 h”-^°‘ 

HCOOCH2CH3; 

condensation 
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2.1 Questions, p. 83 

1. (a) natural polymer 

(b) synthetic polymer 

(c) synthetic polymer 

(d) natural polymer 

(e) natural polymer 

(f) natural polymer 

(g) synthetic polymer 

(h) natural polymer 

2.2 Questions, p. 93 

1. chlorotrifluoroethene, 
CFC1=CF2 

2. (a) fluoroethene, CFH=CH2 

(b) l-bromo-2-chloroethene, 
HBrC=CHCl 

(c) phenylethene, C6H5CH=CH2 

2.4 Questions, p. 99 

6. hexanediamine, 

H2NCH2CH2CH2CH2NH2 
hexanedioic acid, 
HOOCCH2CH2CH2CH2COOH 

2.6 Questions, p. 105 

5. (a) six: gly-ser-phe; gly-phe-ser; 

ser-gly-phe; ser-phe-gly; 
phe-gly-ser; phe-ser-gly 

6. (a) hydrophobic 

(b) hydrophilic 

(c) hydrophobic 

(d) hydrophihc 

Chapter 2 Self-Quiz, p. 109 

1. (a) 7. (b) 13. T 

2. (c) 8. (c) 14. F 

3. (b) 9. (d) 15. F 

4. (d) 10. (d) 16. F 

5. (d) 11. F 17. F 

6. (c) 12. T 18. T 

Chapter 2 Review, pp. 110-115 

1. (c) 

2. (b) 

3. (c) 

4. (a) 

5. (a) 

6. (c) 

7. (d) 

8. (c) 

9. (d) 

10. (d) 

11 . (a) 

12. (d) 

13. (a) 

14. (a) 

15. (c) 

16. (a) 

17. (a) 

18. F 

19. T 

20. T 

21. F 

22. F 

23. T 

24. F 

25. F 

26. (a) (iii) 

(b) (vi) 

(c) (xi) 


(d) (vii) 

(e) (i) 

(f) (ix) 

(g) (ii) 

(h) (x) 

(i) (v) 

0) (viii) 

(k) (iv) 

29. (a) 3-bromo-3-cbloroprop- 

34. (b) condensation 

polymerization 

35. (a) condensation reaction 

(b) yes; HCl 

37. water 

38. amine and carboxylic acid 
42. (a) glycogen 

(b) cellulose 

(c) DNA 

60. (a) aldehyde 

61. (a) 6 

(b) pentose 
69. (b) ii 

71. butan-l,4-diol 

Unit 1 Self-Quiz, pp. 118-119 

1. (c) 17. (a) 33. F 

2. (d) 18. (b) 34. T 

3. (c) 19. (c) 35. T 

4. (b) 20. (d) 36. T 

5. (c) 21. (b) 37. F 

6. (d) 22. (b) 38. F 

7. (b) 23. F 39. F 

8. (c) 24. T 40. F 

9. (c) 25. T 41. T 

10. (c) 26. F 42. T 

11. (b) 27. T 43. F 

12. (d) 28. F 44. F 

13. (b) 29. F 45. T 

14. (c) 30. F 46. T 

15. (a) 31. F 

16. (d) 32. F 

Unit 1 Review, pp. 120-127 

1. (d) 

2. (c) 

3. (b) 

4. (d) 

5. (c) 

6. (b) 

7. (a) 

8. (a) 

9. (b) 

10. (d) 

11. (a) 

12. (c) 

13. (c) 

14. (c) 

15. (d) 

16. T 

17. F 

18. F 

19. F 

20. T 

21. F 

22. F 

23. F 

24. F 


25. T 

26. T 

27. F 

28. F 

29. T 

30. T 

31. T 

32. T 

33. F 

34. T 

35. T 

36. F 

37. (a) (iv) 

(b) (vii) 

(c) (x) 

(d) (v) 

(e) (iii) 

(f) (xi) 

(g) (viii) 

(h) (ii) 

(i) (ix) 

0) (i) 

(k) (vi) 

38. (a) (ii) 

(b) (iv) 

(c) (iii) 

(d) (i) 

39. (a) 2,2,4-trimethylhexane 

(b) 5-methylnonane 

(c) 2,2,4,4-tetramethylpentane 

(d) 3-ethyl-3-methyloctane 

(e) 1,3-dichlorobutane 

(f) 1,1,1-trichlorobutane 

(g) 2,3-dichloro-2,4- 
dimethylhexane 

(h) 1,2-difluoroethane 
42. decane 

46. (a) 10 

(b) 14 

(c) 11 

47. (a) 

(b) C„H2„ 

48. (a) 5 

(b) 4 

50. (a) but-l-ene 

(b) 4-methylhex-2-ene 

(c) 2,5-dimethylhept-3-ene 

53. Markovnikov’s rule 

54. (a) 5-methylhex-2-ene 

(b) hexane-1,4-diene 

(c) 3,4-dimethylcyclohexene 
58. (a) pentan-l-ol, primary 

(b) 3-chlorobutan-l-ol, primary 

(c) 3-methylhexan-3-ol, tertiary 

(d) 2-methylcyclopentanol, 
secondary 

62. butan-l-ol, primary 
butan-2-ol, secondary 
2-methylpropan-l-ol, primary 
2-methylpropan-2-ol, tertiary 

63. (a) ketone 

(b) primary alcohol 

64. (a) pentanal 

(b) 3-ethylhexan-2-ol 

(c) 3-methylpentan-2-one 

(d) 2-methylcyclohexanol 

(e) hydroxybenzene 


65. (a) cyclohexanone 

66. (a) ketone: pentan-2-one 

(b) aldehyde: butanal 

(c) ketone: 4,5-dichlorohexan- 
3-one 

(d) aldehyde: 
2,3-dimethylpentanal 

70. (a) methanoic acid 

(b) 2-methylpropanoic acid 

(c) 3-ethyl-2-methylhexanoic 

(d) 4-chlorobenzoic acid 

72. ethanol and butanoic acid 

73. fatty acid 

74. ethanol and benzoic acid 

75. (a) aldehyde 

(b) ketone 

(c) amine 

(d) carboxylic acid 

(e) ketone 

(f) aldehyde 

(g) carboxylic acid 

(h) amine 

83. (a) cross-links 
85. no 

89. (a) polyester 

(b) polyester 

(c) polyamide 

(d) polyamide 
91. (a) rubber 

(b) nylon, a polyamide 

(c) carboxylic acid, amine 
93. (a) carboxyl, amino 

(b) peptide, water 

(c) polyamide 
95. no 

99. no 
102. ethanol 

108. propane, propanamtne, 
and propan-l-ol 

Unit 2 

Are You Ready?, pp. 130-131 

(b) covalent 

(c) ionic 

(d) covalent 

(e) ionic 

5. (a) 5 protons, 5 electrons, 

(b) 25 protons, 25 electrons, 

29 neutrons 

(c) 25 protons, 25 electrons, 

30 neutrons 

(d) 17 protons, 18 electrons, 

8. (a) molecular 

(b) molecular 

(c) ionic 

(d) ionic 

(e) ionic 

(f) ionic 

21. (a) carbon tetrabromide 

(b) chlorine dioxide 

(c) dinitrogen monoxide 

(d) sulfur hexafluoride 

(e) dinitrogen tetroxide 
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24. (a) calcium chloride 

(b) iron{II) nitrate 

(c) carbon monoxide 

(d) calcium sulfite 

(e) ammonium nitrate 

(f) ammonium sulfide 

(g) copper(II) chlorite 

(h) sodium hypochlorite 

(i) mercury(II) sulfide 

(j) calcium acetate 

3.1 Questions, p. 142 

1. (a) (i) 35 protons, 44 neutrons 

(ii) 35 protons, 46 neutrons 

(iii) 94 protons, 145 neutrons 

(iv) 55 protons, 78 neutrons 

(v) 1 proton, 2 neutrons 

(vi) 26 protons, 30 neutrons 

(b) (i) 35 

(ii) 35 

(iii) 94 

(iv) 55 

(v) 1 

(vi) 26 

2. (a) "O 

(b) ??C1 

(c) |?Co 

(d) i^e 

(e) M‘I 

(f) ’Li 

3. (a) 56 protons, 54 electrons 

(b) 30 protons, 28 electrons 

(c) 7 protons, 10 electrons 

(d) 37 protons, 36 electrons 

(e) 27 protons, 24 electrons 

(f) 52 protons, 54 electrons 

4. (a) 

(b) 

3.4 Questions, p. 159 

5. first shell: n = 1,1 = 0, mj = 0 
second shell: n = 2, / = 0 or 1, 
m, = 0,+1, or-1 

third shell: « = 3,1 = 0, 1, or 
2, m, = -2,-1,0, 1, or 2 

6. (a) n = 2,l = 0, m, = 0, 



(b) n = 6,1 = 0, m/ = 0, 



(c) n = 5,l = 0, 1, 2, 3 or 4, 


m, = -4, -3, -2, -1,0, 1, 



7. a,b,c,e 

8. a,b,c,e 

9. a,b,c,e 

12. 2,8 

3.5 Questions, p. 172 

3. (a) Cr: [Ar]4s'3d^, 6 unpaired 
electrons; Cu: [Ar]4s'3d“, 
1 unpaired electron 

6. (a) 3d 

(b) 5p 

(c) 6s 


7. (a) As: [Ar]4s’3d“4p’ 

(b) Uuh: [Rn]7s’5/“6d“’7/ 

(c) Ta: [Xe]6s’4/'‘5d’ 

(d) At: [Xe]6s’4/^5d“6p= 

8. (a) F: ls’2s’2p= 

(b) K: ls’2s’2/3s’3/4s’ 

(c) In: ls’2s’2/3s’3/4s’3d“ 

4p^5s’4d“5p' 

(d) C: ls’2s’2p’; 

Si: ls’2s’2/3s’3p’; 

Ge: ls’2s’2/3s’3/4s’3d“4p’ 

Chapter 3 Self-Quiz, p. 185 


l. (b) 

7. (c) 

13. 

2. (d) 

8. (d) 

14. 

3. (c) 

9. (a) 

15. 

1. (d) 

10. T 

16. 

5. (c) 

11. T 

17. 

5. (b) 

12. F 

18. 


Chapter 3 Review, pp. 186-191 

1. (d) 

2. (b) 

3. (a) 

4. (d) 

5. (a) 

6. (d) 

7. (d) 

8. F 

9. T 

10. F 

11. T 

12. F 

13. T 

14. T 

15. T 

27. (a) the first energy level 
in = 1) 

(b) Groups lA and 2A 

(c) metals 
29. (a) 2 

(b) 8 

(c) 18 

(d) 36 

33. hehum: 2, 2, Is’ 
boron: 5, 5, ^’2x^2^' 
chlorine: 17,17, ls’2s’2p^3s’3p^ 
neon: 10, 10, ls’2s’2p® 
phosphorus: 15, 15, 
ls’2s’2p'^3s’3/ 

34. (a) ls’2s’2/3s’ 

(b) ls’2s’2/3s’3/ 

(c) ls’2s’2p'‘ 

(d) ls’2s’2/3s’3/4s’3d“4/5s' 

(e) ls’2s’2p'^3s’3/4s’3d“ 

4p®5s’4d“5p®6s’4/'‘5d“ 

35. (a) ls’2s’2/3s’3/ 

(b) ls’2s’2/3s’3/ 

36. (a) [Ne]3s’3p’ 

(b) [Ar]4s’3d= 

(c) [Xe]6s’4/“5d’ 

(d) [Ar]4s’3d“4p^ 

(e) [Rn]7s’5/“ 

37. (a) -3, [Ne]3s’3/ 

(b) +2, [He] 

(c) +3, [Ar]4s’3d^ 

38. (a) [Kr]5s’4d' 

(b) [Kr]5s’4d“5p’ 

(c) [Xe] 


41. (a) boron 

(b) beryllium 

(c) chlorine 

(d) sulfur 

(e) vanadium 

42. 5p 
45. (a) As 

(b) Ho 

(c) Rb+ 

(d) r 

48. (a) 2,4s’ 

(b) 6, 2s^2p* 

(c) 7,7s’7p= 

(d) 3, 5s’5p' 

(e) 8,3s’3p® 

(f) 5,6s’6p’ 

51. Li: 1 unpaired electron 
N: 3 unpaired electrons 
Ni: 2 unpaired electrons 
Te: 2 unpaired electrons 

55. (a) M‘Eu’+ 

(b) ^J*Sn’+ 

56. (a) Br-, Rb+, 5]^+ 

(b) Br gains a 4p electron, 

Rb loses one 5s electron, 

Sr loses two 5s electrons 

57. Ca 

63. (a) Al: ls’2s’2/3s’3p' 

65. (a) paramagnetic 

(b) not paramagnetic 

(c) paramagnetic 

(d) not paramagnetic 

66. Fe’+: [Ar]3tf; Fe’+: [Ar]3ii= 

67. (a) Ca: ls’2s’2/3s’3/4s’ 

(b) Ca: ls’2s’2/3s’3/4s’4p' 

(c) Ca’+: ls’2s’2p®3s’3/ 

69. (a) Z = 42 

(b) Mo: ls’2s’2/3s’3/4s’ 

3ii“4/5s’4if 

(c) Mo: ls’2s’2p'^3s’3/4s’ 

3d“4p'^5s'4d^ 

71. KjO, RbjO, CsjO 

72. p+ = 26, n" = 27, e” = 24 

4.1 Questions, p. 205 

2. (a) {NH4)2S04, Ca3(P04)2, 
KjO, KCl 

(b) (NH4)2S04, Ca3(P04)2, P2O5 

(c) (NH4)2S04, Ca3(P04)2 

6. (b) I in 13"; S in SF4; P in PF5; 
Xe in XeF4 

4.2 Questions, p. 216 

2. (a) tetrahedral; 109.5° 

(b) trigonal pyramidal; 107° 

(c) bent or V-shaped; 104.5° 

(d) linear; 180° 

(e) trigonal pyramidal; 107° 

(f) bent or V-shaped; 104.5° 

(g) tetrahedral; 109.5° 

3. (a) V-shaped; 120° 

(b) trigonal planar; 120° 

(c) linear; 180° 

(d) linear; 180° 

5. all four have a trigonal planar 
structure 


6. all three have a tetrahedral 
arrangement 

7. (a) linear 

(b) tetrahedral 

(c) trigonal planar 

(d) trigonal planar 

(e) trigonal planar around 
both C 

8. (a) trigonal pyramidal 

(b) trigonal planar 

(c) linear 

9. tetrahedral around first, 
fourth, and fifth carbons; 
trigonal planar around second 
and third carbons 

4.3 Tutorial 1 Practice, p. 220 

1. (a) polar covalent 

(b) polar covalent 

(c) ionic 

2. (a) H-H<C-H<B-H, 

Mg-H<Na-H<0-H 

<H-F 

(b) Cl-Cl < I-Cl < P-Cl < 

Al-Cl < Li-Cl < Rb-Cl 

(c) C-C = C-S < C-H < 

C-C1<C-0<C-F 

4.3 Questions, p. 221 

1. (a) C < N < O 

(b) Se < S < Cl 

(c) Si = Ge = Sn 

(d) T1 = Ge < S 

3. (a) polar covalent 

(b) polar covalent 

(c) ionic 

(d) non-polar covalent 

(e) polar covalent 

4. (a) Ge-F 

(b) P-Cl 

(c) S-F 

(d) Ca-Cl 

6. (a) 0:6+;F:6- 

(b) non-polar 

(c) C:6+;Br:6- 

(d) C: 6+; O: 6“ 

7. (a) correct 

(b) incorrect; S’*'!-C16“ 

(c) correct 

(d) incorrect; non-polar 

(e) incorrect; 6’''P-06“ 

8. (a) 1.5 

(b) polar covalent 

9. (a) 0,F 

(b) F 

(c) N,Cl,Br 

10. (a) ionic 

(b) non-polar covalent 

(c) polar covalent 

(d) polar covalent 

(e) non-polar covalent 

(f) ionic 

4.5 Questions, p. 229 

4. (a) B:6+;F:6“ 

(b) N: 6+; Cl: 6” 

(c) H:6+;C:6“ 

(d) no partial charge 
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5. (a) polar 

(b) non-polar 

(c) non-polar 

(d) polar 

(e) non-polar 

(f) polar 

(g) polar 

6. (a) polar 

(b) polar 

(c) polar 

4.6 Questions, p. 238 

4. (a) bnear, trigonal planar, 
tetrahedral 

(b) sp and sp^ 

8. (a) sp^ (d) sp 

(b) sp^ (e) sp 

(c) sp^ (f) s/ 

9. (b) 120° 

4.7 Questions, p. 247 

1. (a) HBr (d) 

(b) NaCl (e) CH4 

(c) I2 (f) HF 

2. (a) CBr4 

(b) F, 

(c) CH3CH2OH 

(d) H2O2 

(e) H2CO 

4. (a) OCS 

(b) SeOj 

(c) HjNCHjCHjNHj 

(d) HjCO 

(e) CH3OH 

5. Fj 

6. (a) 78.5 °C 

(b) -23 °C 

(c) -42.1 °C 

7. (a) London, dipole-dipole, 

hydrogen bonding 

(b) London, dipole-dipole, 
hydrogen bonding 

(c) London 

(d) London, dipole-dipole, 
hydrogen bonding 

(e) London, dipole-dipole 

8. H2NCH2CH2NH2 

4.8 Questions, p. 254 

2. (a) metallic 

(b) molecular 

(c) ionic 

(d) molecular 
6. (a) metallic 

(b) ionic 

(c) covalent network 

(d) molecular 

Chapter 4 Self-Quiz, p. 261 


(a) 

(d) 

Chapter 4 Review, pp. 


2. (c) 

3. (d) 


4. (c) 

54. (a) polar covalent 

82. (a) 90°, octahedral 

5. (d) 

(b) polar covalent 

83. CH3OH 

6. (b) 

(c) ionic 

84. water 

7. (c) 

(d) covalent 

85. (a) V-shaped; 104.5°; polar; sp" 

8. (a) 

(e) covalent 

(b) tetrahedral; 109.5°; 

9. (c) 

(f) polar covalent 

non-polar; sp" 

10. (d) 

55. (a) Si:6+;C1:6“ 

(c) linear; 180°; non-polar; sp 

11. (a) 

(b) Li: 6+; H: 6“ 

(d) linear; 180°; non-polar; sp 

12. (b) 

(c) Al:6+;1:6- 

86. (b) trigonal planar around C 

13. T 

(d) Ge: 6*; H: 6” 

atoms; 120°; sp" 

14. T 

56. 0,F 

(c) non-polar 

15. F 

57. (a) no 

89. (a) no 

16. T 

(b) yes 

(b) 12 valence electrons 

17. T 

(c) no 


18. F 

(d) yes 

Unit 2 Self-Quiz, pp. 270-271 

19. F 

(e) yes 

1. (d) 16. (a) 31. F 

20. F 

58. (a) no partial charge 

2. (b) 17. (b) 32. T 

21. T 

(b) no partial charge 

3. (a) 18. (d) 33. F 

22. T 

(c) H:6+;C:6- 

4. (c) 19. (a) 34. T 

23. F 

(d) C: 6+; N: 6“ 

5. (d) 20. (c) 35. F 

32. S-O > N-S = S-Cl > P-S > 

60. (a) polar 

6. (b) 21. (d) 36. T 

c-s 

(b) polar 

7. (b) 22. (a) 37. T 

33. (a) carbon tetrachloride and 

(c) non-polar 

8. (b) 23. (a) 38. F 

boron trifluoride 

(d) non-polar 

9. (a) 24. (d) 39. F 

35. CFjHj > CCI2H2 > CF2CI2 > CCI4 

(e) polar 

10. (b) 25. F 40. T 

36. (b) sigma bond 

62. (a) sp^ 

11. (c) 26. F 41. T 

37. (b) sp 

(b) no hybridization 

12. (b) 27. T 42. T 

(c) C—Br bond is a sigma bond; 

(c) sp" 

13. (a) 28. T 43. F 

C-C bond is a triple bond: 

(d) sp" 

14. (d) 29. F 

one sigma and two pi bonds 

63. (a) sp" 

15. (a) 30. T 

39. (a) SiCl4 

(b) sp 


(b) NaCl 

(c) sp" 

Unit 2 Review, pp. 272-279 

46. (a) one 

(d) sp" 

1. (b) 

(b) one 

(e) sp 

2. (d) 

(c) none 

64. (a) sigma 

3. (c) 

(d) two 

(b) sigma 

4. (d) 

48. (a) 8 e“ surround central atom; 

(c) sigma 

5. (c) 

3 bonding pairs, 6 lone pairs 

(d) 1 sigma, 1 pi between C 

6. (a) 

(b) 8 e“ surround central atom; 

atoms; 

7. (d) 

3 bonding pairs, 10 lone pairs 

sigma between C and Cl 

8. (d) 

(c) 6 e“ surround central atom; 

(e) 1 sigma, 2 pi 

9. (c) 

3 bonding pairs, 9 lone pairs 

65. (b) 1 sigma, 1 pi 

10. (d) 

(d) 8 e“ surround central atom; 

66. (b) p 

11. (d) 

4 bonding pairs, 4 lone pairs 

71. (a) «-pentane 

12. (d) 

(e) 12 e“ surround central 

(b) HF 

13. (c) 

atom; 6 bonding pairs. 

(c) LiCl 

14. (d) 

18 lone pairs 

(d) hexane 

15. (c) 

(f) 8 e“ surround central atom; 

72. (a) ethanol 

16. (d) 

4 bonding pairs, 12 lone 

(b) SiH4 

17. (a) 

pairs 

(c) H3O 

18. (a) 

(g) 2 e“ surround central atom; 

(d) C2H5OH 

19. (b) 

1 bonding pair, 0 lone pairs 

(e) C4H5OH 

20. (d) 

(h) 6 e“ surround central atom; 

74. (a) ionic 

21. (c) 

3 bonding pairs, 18 lone pairs 

(b) ionic 

22. (d) 

50. (a) trigonal planar; 120° 

(c) metallic 

23. (c) 

(b) V-shaped; 104° 

(d) molecular 

24. (b) 

51. (a) Unear 

75. (a) ionic 

25. (b) 

(b) tetrahedral around C; 

(b) molecular 

26. (d) 

bent around S 

(c) metallic 

27. (b) 

(c) tetrahedral around C 

(d) covalent network 

28. (c) 

bonded to H; linear C 

76. (a) molecular 

29. (d) 

bonded to N 

(b) metallic 

30. F 

(d) trigonal planar 

(c) covalent network 

31. T 

53. (a) B-H < N-H = 

(d) ionic 

32. T 

Mg-H < Li-H < O-H 

78. (a) SiC 

33. F 

(b) Ga-Br = Ge-Cl < Sn-F < 

(b) Na3P04 

34. T 

Al-F 

(c) H3O 

35. T 

(c) P-H < P-S < P-Cl < P-O < 

80. (b) trigonal planar; 120° 

36. T 

P-F 
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37. T 

38. F 

39. T 

40. T 

41. T 

42. F 

43. T 

44. F 

45. F 

46. F 

47. T 

48. F 

49. T 

50. F 

51. T 

52. F 

53. F 

54. F 

55. F 

56. F 

57. (a) (i) 

(b) (v) 

(c) (x) 

(d) (iv) 

(e) (vii) 

(f) (ix) 

(g) (viii) 

(h) (ii) 

(i) (vi) 

(j) (id) 

58. (a) (ii) 

(b) (iv) 

(c) (di) 

(d) (i) 

67. no 

68. 10, 11, 12 

79. (a) n 

(b) 

(c) 2n^ 

81. (a) 1 

(b) 2 

(c) 4n - 2, where n is the 
principal quantum number 

82. (a) Kr 

(b) Mg 

(c) Ru 

(d) Ar 

84. (a) P 

(b) He 

(c) H 

(d) Ga 

85. (a) 3 

(b) 6 

(c) 2 

(d) 7 

88 . (a) F: ls^2s^2p^ 

(b) C: ls=^2s"2p" 

(c) Sc: ls^2s^2p®3s^3/4s^3ii' 

(d) He: Is^ 

89. 2 

91. (a) cation 

(b) anion 

(c) cation 

(d) anion 

92. (a) lose 1 e 

(b) gain 3 e“ 

(c) gain 1 e“ 

(d) lose 2 e“ 


101. K<Na<S<Br<O 

102. (a) Ca 

(b) F 

(c) S 

(d) Ge 

103. F-H > O-H > N-H > C-H > 

P-H 

104. (a) ionic 

(b) non-polar covalent 

(c) polar covalent 

(d) ionic 

(e) polar covalent 

(f) non-polar covalent 

106. (a) (i) P: ls^2s^2p'*3s^3p^ 

(d) S: ls^2<^2p'*3s^3p^ 

(ui) Br: ls^2s^2p^3s^3p'’ 
4/3d“4p= 

(iv) Si: ls^2s^2p*3s^3p^ 

107. (a) 3p 

(b) 3p 

(c) 4p 

(d) 3p 

108. (a) (i) B: ls^2s^2p^ 

(ii) N: ls^2s^2p^ 

(iii) C: ls^2s^2p^ 

(iv) F: l<^2s^2p^ 

(f) (i) B:sp" 

(d) N: sp^ 

(iii) C: sp^ 

(iv) F: sp^ 

109. (a) Be: sp-, BeClj: linear 

(b) S: sp\ HjS: bent 

(c) C: sph HjCO: trigonal 
planar 

(d) Si: sp^; SiF4: tetrahedral 

no. CH3CH2CH2OH 

114. (a) (i) intermolecular 

(u) intermolecular 
(ui) intermolecular 
(iv) intramolecular 

(v) intermolecular 

(vi) intramolecular 

(b) covalent bonds, ionic 
bonds, van der Waals 
(hydrogen bonds, dipole- 
dipole, London dispersion) 
117. (a) metal 

(b) ionic 

(c) molecular 

(d) molecular 

(e) covalent network 

(f) covalent network 

(g) metal 

119. (a) molecular 

(b) covalent network 

(c) covalent network 

(d) molecular 

(e) metal 

(f) molecular 

(g) ionic 

(h) molecular 

(i) ionic 

(j) metal 

(k) ionic 

(l) molecular 

120. BjH^: molecular; 

SiOj: network; 

Csl: ionic; 

W: metallic 


123. (a) ionic 

(b) covalent 

(c) ionic 

(d) ionic 

(e) covalent 

(f) ionic 

127. (b) biacetyl: all 120°; 

acetoin: C-C-O around 
double-bonded carbon: 
120°; 

C-C-O around single- 
bonded carbon: 109.5° 

(c) biacetyl: 11 sigma bonds 
and 2 pi bonds 
acetoin: 13 sigma bonds 
and 1 pi bond 

Unit 3 

Are You Ready?, pp. 282-283 

1. (a) chemical energy to kinetic 

energy 

(b) solar energy to electrical 
energy 

(c) electrical energy to thermal 
energy 

2. absorb 

5. (a) absorb 

(b) release 

(c) absorb 

(d) release 

6. releases 

8. (a) temperature 

(b) concentration 

(c) concentration 

10. (a) 2 C8 Hi8(1) -H 25 02(g) ^ 

16 C02(g) -H 18 H20(g) 

(b) 1.74 L 

(c) 2.71 L 

11. (a) 2KC103 (s)^ 

2 KCl{s) -H 3 02(g): 
decomposition 

(b) Fe203(s) -H 2 Al(s) 

2 Fe(s) -H Al203(s): 
reduction 

(c) 2 C4Hi„(g) -H 13 02(g) ^ 

8 C02(g) + 10 H20(g): 

combustion 

(d) 4K(s)-H02(g)^ 

2 K20 (s): synthesis 

12. (a) 2C(s)-H02(g)^2C0(g) 

2 coy-H 02(g) ^ 

2 C02(g) 

(b) 50 L of CO and 50 L of 
CO2 

(c) C(s) -H 02(g) ^ C02(g) 

(d) 49LofC02 

13. (a) 24.4 kj 

(b) 4.8 X 10" g 

(c) 1.52 X 10“" mg 

14. (a) C3Hs(g) -H 5 02(g) ^ 

3 C02(g) + 4 H20(1) 

(b) 18.3 g 

15. (a) 18 mol 

(b) 69J 

(c) 23.1J/mol 

5.1 Questions, p. 291 

1. (a) potential energy 
(b) potential energy 


(c) kinetic energy 

(d) potential energy 

2. (a) endothermic 

(b) exothermic 

(c) exothermic 

(d) endothermic 

(e) endothermic 

(f) endothermic 

5.2 Questions, p. 306 

2. q^ystem- negative; 

AH: negative; 

gsurroimdings^ pOSitive 

3. (a) -446 kJ 

(b) -891 kJ 

(c) -446 kJ 

4. 9.4 °C 

6. (a) C3H8(g) -H 5 02(g) ^ 

3C02{g) + 4H20(g) 
AH\ = -2220 kJ 

(b) Cl2(g) ^ 2 Cl(g) 

AH°, = 243 kJ 

(c) 2 Fe(s) -H 3 02(g) ^ 

Fe203(s) AH°f = -824 kJ 

(d) HCl{g) ^ 

iH2(g) + icl2(g) 

= 93 kJ 

7. (a) Cu(s) -H Cl2(g) ^ 

CuCl2(s) I- 220.1 kJ 

(b) C(graphite) + 2.0 kJ —> 

C(diamond) 

(c) AgCl{s) -H 127.1 kJ ^ 

Ag(s) + ^ Cl2(g) 

5.3 Questions, p. 313 

1. (a) -183 kJ 
(b) -109 kJ 

2. (a) -158 kJ 

(b) -1.17 X 10" kJ 
4. 327 kJ 

8. -20 kJ 

9. 485kJ/mol 

10. 5695 kJ 

11. exothermic 

12. (a) C02(g) + H20(1) ^ 

H2C03(aq) 

(c) 137 kj/mol 

13. (a) propane: -2057 kJ/mol; 

methane: —824 kJ/mol 
(b) 2.5 mol 

5.4 Questions, p. 318 

4. (a) -2984 kJ 
(b) —746kJ/mol 

5. 29 kJ 

6. -623 kJ 

7. -713 kJ 

8. -461.3 kJ 

5.5 Questions, p. 324 

1. (b), (d) 

2. (a) -571.6 kJ 

(b) -393.5 kJ 

(c) 571.6 kJ 

(d) -1409.2 kJ 

3. 5.45 X 10" kJ 
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4. -2672.7 kj 

5. -176kJ/mol 

6. 4360 kJ 

7. 52.5 kJ 

8. -30.58 kj/g 

9. (a) -22.7 kJ/g 

(c) ethanol 

10. (a) Ga(s) + 5.59 kJ -> Ga(l) 

(b) = 0. 

^5.„ = 5-59kJ 

5.6 Questions, p. 330 

3. T 

Chapter 5 Self-Quiz, p. 337 

1. (c) 8. (a) 15. T 

2. (b) 9. T 16. F 

3. (a) 10. F 17. F 

4. (b) 11. F 18. T 

5. (d) 12. F 19. F 

6. (d) 13. T 20. T 

7. (d) 14. T 21. F 

Chapter 5 Review, pp. 338-343 

1. (d) 

2. (d) 

3. (a) 

4. (d) 

5. (b) 

6. (c) 

7. (a) 

8. (a) 

9. F 

10. T 

11. T 

12. F 

13. T 

14. F 

15. F 

16. F 

17. F 

18. T 

19. F 

20. T 

21. (a) exothermic 

(b) exothermic 

(c) exothermic 

(d) endothermic 

22. (a) 54 kJ 

(b) exothermic 

26. 362 kJ 

27. (a) Na(s) + ^Cyg)^ 

NaCl(s) 

(b) H2(g) + i 02(g) ^H^OCs) 

(c) Pb{s) + S(s) + 2 02(g) ^ 

PbS04(s) 

(d) 6 C(s) + 6 H2(g) + 3 02(g) 

C6Hi206(s) 

28. 2 Al(s) + I 02(g) ^ Al203(s) 
AHf° = -1676kJ/mol; 

2 Al(s) + I 02(g) ^ 

Al203(s) + 1676 kJ 

34. (a) 363 kJ 

(b) 726 kJ 

(c) 484 kJ 

(d) -726 kJ 


35. (a) 8.77 J/g 

(b) 43.9 J/g 

36. (a) 5.9 kJ 

(b) 59kJ/mol 

37. (a) HgO(s)^Hg(l) + i 02(g). 

AH = 90.7 kj/mol 

(b) HgO(s) + 90.7 kj^. 

Hg(l) + |o2(g) 

38. +26.0kJ/mol 

39. 120 kJ 

40. (b) 77.2 kJ 

(c) 13.1 kJ 

41. (a) -34 kJ/mol, -54 kJ/mol 

(b) +20kJ/mol 

42. (a) cyclohexane: 

6 C(s) + 6 H2(g) 

CsHi 2(1) + 156 kJ 
1-hexene: 6 C(s) -1-6 H2(g) —> 
C6 Hi 2(1) -I- 74.2 kJ 

(b) -3920 kJ,-4001.6 kJ 

43. (a) 1504kJ/mol 

(b) 1515kJ/mol 

(c) 1665 kJ/mol 

(d) 2266kJ/mol 

44. (a) -1228kJ/mol 

45. (a) -183 kJ, exothermic 

(b) -1282 kJ, endothermic 

(c) -109 kJ, exothermic 

(d) -1930 kJ, exothermic 

46. 218 kJ 

47. (a) -27.7 kJ/g 

48. -100.9 kJ 

49. -852 kJ 

50. 44 kJ 

51. (a) -75kJ/mol 

(b) warm 

52. 129 kJ 

53. 615 kJ 

54. -117 kJ 

56. (a) -1014.4 kJ 

(b) -282.9 kJ 

(c) -176.2 kJ 

(d) -1409.2 kJ 

(e) -21.3 kJ 

(f) -37.1 kJ 

57. (a) -128 kJ 
(b) exothermic 

58. (a) 3C(s)-H3H2(g)-Hio2(g) 

^C3H,0(1) 

(b) -256 kJ 

59. -256 kJ 

60. (a) 2803 kJ 
(b) 2755 kJ 

(d) endothermic 

61. (a) Ci 2H220 ii(s)“^^’“ 

12 C(s) -H 11 H20(g) 
(b) -434.3 kJ 

62. (a) CsHigd) -H 3 H2(g) ^ 

CH4(g) -H 2 C2H,(g) -b 

C3Hs(g) 

(b) -96.6 kJ 

64. 2900 g 

66. (a) 2.1 X 10" kJ 

67. (a) propane: -50.4 kJ/g; 

gasoline: —47.7 kJ/g 
(b) propane 


68. (a) -890.7 kJ/mol, 

-283.0 kJ/mol 

(b) -55.50 kJ/g,-10.10 kJ/g 

6.1 Questions, p. 361 

1. 5 X 10“^ mol/L-s 

2. Fe^^(aq): 0.20 mol/(L'min); 
H+(aq): 0.32 mol/(L-min); 
Mn^'^(aq): 0.040 mol/(L-mm); 
Fe^^(aq): 0.20 mol/(L'min); 
HjOJl): 0.16 mol/(L-min) 

3. (a) (i) 2.5 X 10“^ mol/L-s 

(ii) 3.0 X 10“^ mol/L-s 
A[N02]\ 

At )’ 

4.0 X 10“^mol/L-s 
5. (a) H2S04(aq) + 

2 NaHC03(aq) 

Na3S04(aq) + 
2 C02(g) + 2 H20(1) 
(b) (i) 0.16 g/s 

(ii) 9.5 X lO"”* mol/s 

(iii) 1.9 X 10“^ mol/s 

6.2 Questions, p. 365 

1. (a) nature of reactant 

(b) temperature 

(c) surface area 

(d) nature of reactant 

(e) catalyst 

(f) concentration 

(g) temperature 

(h) temperature 

(i) surface area 
()) catalyst 

6.3 Questions, p. 372 

1. (a) rate decreases 

(b) rate increases 

(c) rate increases 

(d) rate increases 

(e) no change 

5. (c) heterogeneous 

6. (a) C2H4(g) + HCl(g) ^ 

CHjCHjCKg) 

6.5 Questions, p. 382 

1. rate = /c[N205(g)]; 
k = 1.19 X 10”^s“‘ 

2. (a) rate = k[NOCl(g)]^ 

(b) 6.6 X 10“^ L/(mol-s) 

3. (a) rate = fc[r(aq)][OCl-(aq)] 

(b) 3.7 L/(mol-s) 

(c) 8.2 X 10“" mol/(L-s) 

4. (a) Cl2(g): 1; NO(g): 2 

(b) triple 

(c) increase four-fold 

(d) 3.0 L^/(moP-s) 

(e) 8.2 X 10“'‘mol/(L-s) 

6.6 Questions, p. 387 

4. (a) rate = k[03(g)]^ 

(b) 2 03(g) ^ 3 02(g) 

(c) 0(g) 

5. (a) rate = A:[C4H,Br(aq)] 

(b) C4H,Br(aq) -b 2 H20(l) ^ 

Br-(aq) -b CiH^OH -b 
H30+(aq) 

(c) C4H,+(aq); C4H50H2+(aq) 


8. (a) 2N0(g)-b02(g)^2N02(g) 

(b) N202(g) 

(c) second step 

9. (a) HN02(aq) -b NH4+(aq) ^ 

N2(g) + 2H20(l)-bH+(aq) 

(b) NH3(aq), NO+(aq), 
NH3NO+(aq) 

(c) no 


Chapter 6 Self-Quiz, p. 395 

1. (b) 8. (d) 15. F 

2. (d) 9. (b) 16. T 

3. (a) 10. (d) 17. T 

4. (b) 11. T 18. T 

5. (c) 12. F 19. F 

6. (c) 13. T 20. F 

7. (a) 14. F 

Chapter 6 Review, pp. 396-402 

1. (a) 

2. (d) 

3. (d) 

4. (b) 

5. (c) 

6. (b) 

7. (c) 

8. (c) 

9. (c) 

10. F 

11. T 

12. T 

13. F 

14. T 

15. T 

16. F 

17. F 

18. F 

19. F 

20. T 
38. 2 

45. 1 or 2 

49. P4(g): 0.00060 mol/L-s; 

H2(g): 0.0036 mol/L-s 

50. (a) 1.83 X 10“= mol/L-s 
(b) 2.74 X 10“= mol/L-s 

51. 1.94 X 10“= mol/L-s 

52. (a) 2 

(b) 1 

(c) reactants: 0.100 00 mol/L, 
0.05 000 mol/L; 
product: 0.00 mol/L 

(d) 2A -b B 3C 

53. (b) 4.0 X 10“= mol/L-s 

(c) 7.0 X 10“= mol/L-s 

(d) 1.6 X 10“= mol/L-s 

54. (a) increase 

(b) decrease 

(c) increase 

(d) increase 

63. (a) r = L[C102(aq)?[OH“(aq)] 

(b) third order 

(c) quadruple 

(d) double 

65. first order; rate = fc[RX][OH“] 

66. (a) zero order 

(b) first order 

(c) order greater than 1 

(d) second order 
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67. (a) CI2; 1; NO: 2 

(b) third order 

(c) LV(moP-s) 

68. rate law: rate = A:[Mg][02]^; 
rate constant: 2.0 L^/(moP-s); 
overall reaction order: 3 

70. (a) rate = )c[CH 3CSNHJ[OH-] 

(b) 2 

(c) CH3CONH2 + OH“ 

CH3COr + NH3 

71. (a) A: 2; B: 0; C: 1 

(b) rate = 

(440LV(moP-s))[A]'[C] 

(c) step 3 

(d) F, G 

(f) yes 

(g) no 

72. A + B P 

73. (b) 3.0 X 10”^mol/(L-s) 

(c) oxalic acid: 

7.4 X 10“'mol/(L-s). 
carbon dioxide: 

0.014 mol/(L's) 

Unit 3 Self-Quiz, pp. 404-405 

1. (d) 12. (d) 23. F 

2. (c) 13. (c) 24. T 

3. (b) 14. (a) 25. F 

4. (b) 15. (a) 26. F 

5. (a) 16. (c) 27. T 

6. (b) 17. T 28. F 

7. (a) 18. F 29. T 

8. (a) 19. T 30. F 

9. (c) 20. T 31. T 

10. (c) 21. F 32. F 

11. (c) 22. F 

Unit 3 Review, pp. 406-413 

1. (a) 

2 . (c) 

3. (c) 

4. (d) 

5. (c) 

6. (d) 

7. (d) 

8. (b) 

9. (d) 

10. (d) 

11. (d) 

12. (d) 

13. F 

14. F 

15. T 

16. F 

17. T 

18. T 

19. F 

20. T 

21. F 

23. (a) open 

(b) closed 

(c) closed 

(d) closed 

24. (a) endothermic 

(b) endothermic 

(c) exothermic 

(d) exothermic 

30. forming a P-Cl bond 


36. (a) chemical nature of 
reactants 

(b) temperature 

(c) presence of catalyst 

(d) surface area 

(e) concentration 

43. 3.4 X 10=J;340kJ 

44. 657 kj 

45. 35 J/Cg-X) 

46. 1100 J/g 

47. (a) -46.0 kj/mol 

48. 614 kJ 

49. 1.96 X 10^ kJ/mol 

50. -183 kJ 

51. (a) -101.5 kJ/molH202 

(b) -274.5 kJ/mol CH3OH 

(c) -1140kJ/molC2H2F4 

52. -643.1 kJ 

53. (a) C6Hi206(s) + 6 02(g) ^ 

6C02(g) + 6H20(g) 

(b) -2802.7 kJ/mol 

(c) -2425kJ/mol 

(d) -2790kJ/mol 

55. (a) S(s) + 02(g) ^ S02(g) 

AH = -296.8 kJ/mol 
(c) 44.6 kJ 

56. (a) C5Hi2(g) + 8 ^ 

5 COjCg) + 6 HjOd) 

(b) -3536.3 kJ/mol 

(c) 1000 kJ 

59. (b) 0.170 mol/L 

60. (c) (i) 0.092 mol/(L-h) 

(ii) 0.046 mol/(L-h) 

(iii) 0.18 mol/(L-h) 

(d) 0.14 mol/(L-h); 

0.058 mol/(L-h) 

61. 0.2 mol/(L-min) 

62. (a) 2.5 X 10”^mol/(L-s) 

(b) 3.0 X 10”^mol/(L-s) 

63. (a) -5.0mL/s 

(b) 5.8 mL/s 

(c) reactant: methane 
product: oxygen 

64. the first reaction 
66. (a) 1.47 mL/s 

(b) (i) faster 

(ii) slower 

(iii) slower 

73. (a) (i) double 

(ii) halved 

(iii) quadruple 

74. (a) 1 

(b) either 

75. 0.006 3 mol/(L-s) 

76. 1.0 X 10®’ mol/(L-s) 

77. (b) [02(g)]: 

2 X 10“'mol/(L-s); 
[C02(g)]: 

1 X 10“'mol/(L-s) 

78. (a) 2NO(g) + 2H2(g)^ 

N2(g) + 2 H20(g) 

(b) N202{g); N20(g) 

(c) r = k[HOf 

79. (a) r = fc[N02Cl] 

(b) (ii). (iii) 

(c) no 


80. (a) 2 

(b) 1 

(c) 3 

(d) yes 

87. mechanism 1 

88. step 2 


■ mechanism 3 


Unit 4 


Are You Ready?, pp. 416-417 

1. (a) standard ambient 

temperature and pressure 

(b) hquid, sohd 

(c) day 5 

(d) evaporate 

(e) yes 

2. (a) Zn(s) + 2 HCl(aq) -> 

ZnCl2(aq) + H2(g) 

(b) 14 g 

(c) 0.40 mol/L 

3. (b) H+(aq), N03“(aq) 

7. 200 g 

8. (a) 4NH3(g) + 5 02(g)^ 

4 NO(g) -1 6 H20(g) 

2 NO(g) -1 02(g) ^ 

2 N02(g) 

3 N02{g) + H20(1) ^ 

2 HN03(aq) + NO(aq) 
(b) 16 mol/L 

10. (a) 2.7 X 10“^ mol/L 
(b) no 

11. (a) balanced chemical: 

2 NaOH(aq) + H2S04{aq) 
Na 2 S 04 (aq) + 2 H20(l); 
total ionic: 2 Na^(aq) + 

2 OH-(aq) + 2 H+(aq) + 
S04"“(aq)-s-2Na+(aq) + 
S04"“(aq) + H20(1); 
net ionic: OH-(aq) + 

H+ (aq) H20(1) 

(b) double displacement or 
neutralization 

(c) burette 


(e) 60.0 mL 

12 . (a) X = 2.6 X 10“ 

(b) X = 0.15 

(c) X = - 2.6 and x = 0.88 

7.1 Questions, p. 428 

2 . (c) dynamic 

3 . (a) H2(g) +12(g) ^ 2 Hl(g) 

4 . [SO2] = 0.75 mol/L; 

[O2] = 1.1 mol/L; 

[SO3] = 1.8 mol/L 

5 . [PCl5(g)] = 1.80 mol/L; 

[Cl2(g)] = 0.200 mol/L 

6 . (a) no 


7.2 Tutorial 1 Practice, p. 431 


(a) K = 


(b) K = 


[CO(g)F[02(g)] 

[C02(g)? 

[HCl(g)K02(g)] 

[Cl2(g)?[H20(g)P 


(c) K = 


(d) K = 


[ 02 (g)? 

[03(g)? 

[N2(g)?[H20(g)? 

[NH3(g)?[02(g)? 


7.2 Questions, p. 436 

[SiCl4(g)][H2(g)] 

• [SiH2(g)][Cl2(g)]^ 


(b) K = 


[PCl3(g)?[Br2(g)]^ 

[PBr3(g)P[Cl2(g)P 


(c) K = [H20(g)] 

(d) 1C = [C02(g)] 

2. 1.6 X 10“= 

3. 8.0 X 10” 

5. (a) CO(g) + 2 H2(g) 


(d) 160 

6. (a) C(s) + C02(g) - 

[CO(g)? 

“ [C02(g)] 

(c) 1000 °C 


(b)^: = v 


CH40(1) 

2CO{g) 


7.4 Questions, p. 446 

3. increase 

4. (a) left, K decreases 

(b) right, K increases 

(c) exothermic 


7.5 Tutorial 1 Practice, p. 452 

2. Time 1: no, shift left 
Time 2: yes, no shift 

3. (a) K = [02(g)] 

(b) no, shift left 


7.5 Questions, p. 459 

1. (a) N2(g) + 3H2(g)^ 

2 NH3(g) 

(b) 0.500 

(c) no; right 

2. (a) no; left 

(b) yes; no shift 

(c) no; left 

3. [N02(g)] = 4.28X10“‘mol/L; 
[N 204 (g)] = 2.11X 10“‘mol/L 

4. 3.4 

5. 5.6 X 10“^ 

6. [S02(g)] = 5.45 X 10“‘ mol/L; 
[N02(g)] = 5.45 X 10“‘ mol/L; 
[S03(g)] = 1.06 mol/L; 

[NO(g)] = 1.06 mol/L 

7. 0.20 mol/L 

8. 3.0 X lO”®® mol/L 


7.6 Tutorial 1 Practice, p. 462 

1. ic,p = [Mg^+(aq)][COr(aq)] 

2. JC,p = [Fe^ + (aq)][OH-(aq)]‘ 

7.6 Tutorial 2 Practice, p. 464 

4. copper{l) chloride 

7.6 Tutorial 3 Practice p. 468 


4. yes 

7.6 Questions, p. 471 

3. (a) BaS04(s)=^^Ba^+(aq) + 

SOr(aq) 

(b) lC,p = [Ba^+(aq)][SOr(aq)] 

4. AgBr(s) 
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5. 8.31 X 10“^' 

6. 2.2 X 10“® 

7. yes. Ca3(P04)2(s) 

8. yes 

9. 1.7 X 10“* mol/L 

11. (a) CaCljCaq) or Sr(N03)2(aq) 

Chapter 7 Self-Quiz, p. 479 

1. (d) 7. (a) 13. F 

2. (a) 8. (d) 14. T 

3. (c) 9. F 15. F 

4. (c) 10. F 16. F 

5. (c) 11. F 

6. (a) 12. T 


Chapter 7 Review, pp. 


23. (a) K = 


(b) K = 


15. F 

16. T 

17. (a) (ill) 

(b) (iv) 

(c) (ii) 

(d) (i) 

18. Reaction A: products; 

Reaction B: reactants 

20. [N20(g)] = l.OOmoVL; 

[02(g)] = 5.00 X 10“' mol/L; 
[NO(g)] = 1.00 mol/L 

21. 9.7 X 10“' mol/L 

[02(g)? 

' [03(g)? 

[H2(g)? 

' [H20(g)r 

(c) K= [N2(g)][H20(g)? 

_ [NO(g)P[Cl2(g)] 
[NOCl(g)? 

24. (a) N2(g)+02(g)^^2N0(^ 

(b) 2NOBr(g) 

2 NO(g) + Br2(g) 

(c) 3H2(g) + CO(g)^ 

CH4(g) + H20(g) 

(d) CS2(g)+4H2(g)^ 

CH4(g)+ 2H2S(g) 

25. 1.02 X 10' 

26. 1.66 X 10“' mol/L 

27. 2.9 X 10^ 

28. 4.30 X 10“' mol/L 

29. 7.57 X 10“' mol/L 

30. 2.7 X 10“' mol/L 

31. (a) H2(g) + 12(g) ^ 

2Hl(g) + energy 

(b) right 

(c) left 

32. left 


(d) JC = - 


33. 

34. 
37. 


39. 

40. 

42. 


43. 


47. 

49. 

50. 

51. 

52. 

56. 

57. 

58. 


left 

(a) 3Z^^2X + Y 

(a) reactants 

(b) products 

(c) products 

(d) reactants 
no; right 

2.5 X 10“' 

7.0 X 10“' 

[C02{g)] = 4.42 X 10“' mol/L; 
[H2(g)] = 4.42 X 10“' mol/L; 
[CO(g)] = 5.58 X 10“' mol/L; 
[H20(g)] = 5.58 X 10“'mol/L 
[12(g)] = 4.5 X 10“' mol/L; 
[Cl2(g)] = 4.5 X 10“'mol/L; 
[ICl(g)] = 4.1 X 10“'mol/L 
3.48 X 10“' mol/L 
[H2(g)] = 3.6 X 10“" mol/L; 
[Cl2(g)] = 3.6 X 10“" mol/L; 
[HCl(g)] = 2.0 mol/L 

(a) = [Zn'-'(aq)][OH“(aq)]' 

(b) 2.7 X 10“® mol/L 
yes 


(b) 5.5 
invalid 
K is small 
6.4 X 10“' 


8.1 Questions, p. 494 

2. (a) equal 

(b) greater 

(c) less 

4 . (a) HF(aq) + H20(l) 

H30 + (aq) + F“(aq) 

(b) HN02(aq) + H20(l) 

H30 + (aq) + N02“(aq) 

(c) HC03“(aq)+H20(l)^^ 

H30 + (aq) + COr(aq) 

(d) HCN(aq)+H20(l)^^ 

H30 + (aq) + CN“(aq) 

6. (a) acid: HN02(aq); conjugate 

base: N02“(aq); base: 
H20(1); conjugate acid: 
HjO+laq) 

(b) acid: H2O, conjugate base: 
OH“; 

base: NH3, conjugate acid: 
NH4+ 

7 . (a) H3P04(aq) + NH3(aq)^^ 

H2P04“(aq) + NH4+(aq); 
acid: H3P04(aq); 
base: NH3(aq); 
conjugate acid: NHp (aq); 
conjugate base: H2PO4 (aq); 
amphiprotic entity: 
H2P04“(aq) 

(b) HCH02(aq) + CN“(aq)=^^ 
HCN(aq) + CH02“(aq); 
acid: HCH02(aq); 
base: CN“(aq); 
conjugate acid: HCN(aq); 
conjugate base: CHO^ (aq) 


i. (a) K = 


[H+(aq)][F“(aq)] 


[HF(aq)] 

_ [H+(aq)][COr(aq)] 

[HC03“(aq)] 

[H+(aq)][C4H202“(aq)] 

[HC4H202(aq)] 

9. (a) HCH02(aq) + H20(l) 

CH02“(aq) + H30+(aq); 
acid: HCH02(aq); 
base: H20(l); 
conjugate acid: H30^; 
conjugate base: CHOj(aq) 

(b) Ci2H23N03(aq) + H20(l) 
HC17H23NO3' (aq) + 
OH“(aq); 

acid: H20(1); 


conjugate acid: 

HCi2H23N03+(aq); 

conjugate base: OH“(aq) 

(c) HC03“(aq) + H20(l)^^^ 
H2C03(aq) + OH“(aq); 
acid: H20(1); 
base: HC03“(aq); 
conjugate acid: H2C03(aq); 
conjugate base: OH“(aq) 

8.2 Questions, p. 509 

1. H2O<H2S<HC2H3O2< 

H3O+ < HCl 

2. Cl“ < N02“ < F“ < CN“ 

3. (a) 5.6 X 10“" 

(b) 2.3 X 10“® 

(c) 3.0 X 10“' 

(d) 1.7 X 10“' 

4. (a) 5.9 X 10“' 

(b) 5.9 X 10“' 

(c) 1.3 X 10“® 

(d) 1.0 X 10“" 

5. (a) [H+(aq)] = 

1.0 X 10“' mol/L; basic 

(b) [OH“(aq)] = 

1.00 X 10 "mol/L; acidic 

(c) [OH“(aq)] = 

2.0 X 10“® mol/L; acidic 

(d) [H+(aq)]_= 

1.3 X 10“' mol/L; acidic 

(e) [OH“(aq)] = 

1.4 X 10“' mol/L; basic 

(f) [H+(aq)] = 

8.3 X 10“' mol/L; basic 

6. (a) [H+(aq)] = 5.9 X 10“'; 

[OH“(aq)] = 1.7 X 10“" 

(b) [H+(aq)] = 3.8 X 10“"; 
[OH“(aq)] = 2.6 X 10“' 

(c) [H''(aq)] = 6.0 X 10“'; 
[OH“(aq)] = 1.7 X 10“" 

(d) [H+(aq)] = 1.1 X 10“'; 
[OH“(aq)] = 8.9 X 10“' 

7. (a) 10.21 

(b) 0.85 

(c) 9.02 

8. (a) 3.51 

(b) 7.00 

(c) 10.16 


9. (a) [H+(aq)] = 

1.0 X 10“" mol/L; 
[OH“(aq)] = 

1.0 X 10“' mol/L 

(b) [H+(aq)] = 

2.9 X 10“' mol/L; 
[OH“(aq)] = 

3.5 X 10“" mol/L 

(c) [H+(aq)] = 

1.0 X 10 ' mol/L; 
[OH“(aq)] = 

1.0 X 10“" mol/L 

(d) [H+(aq)] = 

4.9 X 10“" mol/L; 
[OH“(aq)] = 

2.0 X 10“' mol/L 

8.4 Questions, p. 525 

1. (a) 2.5 X 10“'mol/L, 5.60 

(b) 1.3 X 10“'mol/L, 1.89 

(c) 3.7 X 10“' mol/L, 3.43 

(d) 5.3 X 10“' mol/L, 2.28 

2. (a) 0.50% 

(b) 0.021 % 

(c) 4.0% 

3. (a) 7.9 X 10“' 

(b) 6.3 X 10“' 

4. 0.42% 

5. 480 mL 

6. 1.42 X 10“' 

7. 2.61 

8. sodium bicarbonate 

9. (a) 6.3 X 10“' 

(b) less 

10. (a) 5.1 % 

8.5 Questions, p. 530 

1. (a) 11.47 

(b) 11.60 

(c) 11.49 

(d) 10.31 

2. (a) 9.1 X 10“* 

(b) 1.4 X 10“" 

(c) 1.6 X 10“' 

(d) 1.5 X 10“" 

3. (a) 9.94 
(b) 9.50 

4. (a) [H+(aq)] = 

1.1 X 10“" mol/L; 

[OH“(aq)] = 1.1 X 10“'mol/L; 
pH = 11.95 

(b) [H+(aq)] = 

2.1 X 10“" mol/L; 

[OH“(aq)] = 4.7 X 10“' mol/L; 
pH = 9.67 

5. [OH -(aq)] = 0.00080 mol/L; 
pOH = 3.10; pH = 10.90 

6. (a) [OH“(aq)] = 0.45 mol/L; 

pOH = 0.35; pH = 13.65 
(b) [OH“(aq)] = 3.75 moVL; 
pOH = -0.57; pH = 14.57 

7. 2.2 mol/L 

9. (a) HC02“(aq)-l-H20(l)=^^ 
HC02H(aq)-H0H“(aq); 
_ [HC02H(aq)][0H“(aq)] 
[HC02“(aq)] 
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(b) HC02H(aq) + H^O 

HC02“(aq)+ H30 + (aq); 
_ [HC02-(aq)][H+(aq)] 
“ ~ [HC02H(aq)] 

10. (a) no 

(b) too dilute 

8.6 Tutorial 3 Practice, p. 538 

1. basic 

2. acidic 

8.6 Questions, p. 539 

1. (a) neutral 

(b) basic 

(c) acidic 

2. (a) greater 

(b) less 

(c) 7 

4. (a) 4.88 

(b) 7.00 

(c) 7.00 

(d) 0.767 

(e) 9.60 

(f) 10.71 

5. (a) 2.81 

(b) calcium oxide 

8.7 Questions, p. 557 

1. 1.447 mol/L 

2. (a) 0.00375 mol; pH = 0.602 

(b) 0.00125 mol; pH = 2.903 

(c) 7.000 

3. (a) 0.31 mol/L 

(b) 4.88 

4. (a) 0.59 mol/L 

(b) 1.5 X 10“^ mol 

(c) 8.63 

5. (a) 50.0 mL 

(b) 2.01 

(c) 8.49 

6. 4.90 

7. yes 

8. (a) 5.00 X 10“^ mol; 

pH = 2.872 

(b) 7.2 X 10“^ mol; pH = 2.833 

(c) 1.73 

(d) amount: 5.00 mmol; 
volume: 50.00 mL 

8.8 Questions, p. 567 

2. weak acid or base and its salt 

3. (a) H3PO4 + HjOCl) ^ 

H30+(aq) + H2P04“(aq); 

conjugate base: H2P04“(aq) 

(b) H2C03(aq) + HjOjl) ^ 

H30'"{aq) + HCO,-; 

conjugate base: HC03“(aq) 

(c) HS03“(aq) + HjOjl) ^ 

H30+(aq) + S03^“(aq); 

conjugate base: S03^“(aq) 

(d) C10“(aq) + H20(l) 

HClOjaq) + OH-(aq); 
conjugate acid: HClO(aq) 

7. 4.02 

8. 8.73 

Chapter 8 Self-Quiz, p. 575 

1. (a) 5. (b) 9. (d) 

2. (c) 6. (d) 10. F 

3. (c) 7. (c) 11. T 


4. (b) 8. (d) 12. F 

13. F 16. F 19. F 

14. F 17. T 20. F 

15. F 18. F 21. T 


Chapter 8 Review, pp. 576-581 


15. 

16. 

17. 

18. 

19. 

20. 
21. 
22. 

23. 

24. 

25. 


27. 


28. 


29. 


30. 


31. 


F 

F 

T 

F 

T 

F 

T 

F 

T 

(a) (vi) 

(b) (vii) 

(c) (iii) 

(d) (xi) 

(e) (iv) 

(f) (ix) 

(g) (x) 

(h) (viii) 

(i) (i) 

0) (ii) 

(k) (v) 

(a) base 

(b) acid 

(d) acid 

(a) acid:H3P04(aq); 
base: H20(l); 
conjugate acid: H30’‘'(aq); 
conjugate base: H2P04“ (aq) 

(b) acid: H20(1);base: NH3(aq); 
conjugate acid: NH4’'' (aq); 
conjugate base: OH“(aq) 

(c) acid: HBr(aq); base: H20(l); 
conjugate acid: H30’‘'(aq); 
conjugate base: Br“(aq) 

(d) acid: H20(1); base: CN-(aq); 
conjugate acid: HCN(aq); 
conjugate base: OH(aq) 

(a) fluoride ion; F“ 

(b) hydronium ion; H30’'' 

(c) hydroxide ion; OH“ 

(d) ammonium ion; NH4''' 

HS04“(aq) + H20(l) 

H30+(aq) + S04^“(aq); 
HS04“(aq) + HN03+(aq) 

H2S04(aq) + N03“(aq) 

(a) 2.4 

(b) 7 

(c) 5.14 


(d) 0.60 

(e) 13.65 

(f) 10.08 

(g) 11.8 

32. pOH = 14.00 - pH 

33. H20a) H+(aq) + OH-(aq) 

34. 1.0 X 10"* mol/L 

36. large 

37. 1.80 X 10"^ 

39. 6.4 

40. (a) [OH-(aq)] = 

1.0 X 10“'' mol/L; neutral 

(b) [OH-(aq)] = 1.2 X 10“’ 
mol/L; acidic 

(c) [OH“(aq)] = 

1.0 X 10“^ mol/H basic 

(d) [OH“(aq)] = 

1.9 X 10““ mol/L; acidic 

41. 1 X 10““ mol/L 

42. (a) products 

(b) reactants 

(c) reactants 

43. (a) endothermic 
(b) [H+(aq)] = 

2.3 X 10“’ mol/L; 
[OH“{aq)] = 

2.3 X 10“’ mol/L 

45. 11 % 

46. [HC03“(aq)] = 

1.5 X 10“‘mol/L; 

[C03’“(aq)] = 

4.7 X 10““ mol/L; 

[OH“(aq)] = 

4.7 X 10““ mol/L 

47. 1.80 X 10“’ 

48. 2.9 

49. (a) neutral 
(b) acidic 

52. (a) colourless 

(b) green 

(c) yellow 

53. 3.38 

54. 8.4 mL 

55. (a) NH3 + H2O 

NH4+ + OH“ 

(b) right 

56. citrate ion 

61. acid with of 1 X 10“’ 

66. hydrofluoric acid 

67. >K^> JC43 

68. no 

69. (a) stronger 
72. (a) 2.72 

(b) 2.87 

(c) 3.02 

(d) 3.22 

(e) 8.78 

(f) 12.15 

74. methyl yellow 

76. no 

77. (a) 7.93 

78. (a) lungs: HbCOjji; 

cells: HbH4'‘^{aq) 

79. (a) [H+(aq)] = 

9.0 X 10“’ mol/L; 
pH = 3.02 
(b) 0.079 % 


80. (a) 3 NO^jg) + Hpjl) ^ 

NO(g) + 2 HN03(aq); 

SO^jg) + H30(1) ^ 

H2S03(aq); 

acidic solutions 

81. (a) 200 mL 

(b) (i) H^ACaq), HjOjl) 

(ii) HjAjaq), HA“{aq). 
HjOCl), Na+(aq) 

(iii) HA“(aq). HjOfl), 
Na’‘'(aq) 

(iv) HA“(aq), A’“(aq). 
HjOCl), Na+(aq) 

(v) A’“(aq),H30(l). 
Na^(aq) 

(vi) A’“(aq),H30(l). 
Na+(aq). OH“(aq) 

(c) JC41 = 1.0 X 10“’; 

= 1.0 X 10“* 

89. no 

90. no 

Unit 4 Self-Quiz, pp. 584-585 

1. (a) 15. (c) 29. F 

2. (b) 16. (c) 30. T 

3. (c) 17. (b) 31. F 

4. (c) 18. (c) 32. F 

5. (a) 19. T 33. T 

6. (b) 20. T 34. T 

7. (d) 21. F 35. F 

8. (b) 22. T 36. T 

9. (a) 23. F 37. F 

10. (b) 24. F 38. T 

11. (b) 25. F 39. F 

12. (d) 26. T 40. T 

13. (c) 27. T 

14. (a) 28. F 

Unit 4 Review, pp. 586-593 

1. (d) 

2. (c) 

3. (a) 

4. (b) 

5. (b) 

6. (d) 

7. (b) 

8. (b) 

9. (c) 

10. (d) 

11. (a) 

12. (c) 

13. (c) 

14. (c) 

15. (c) 

16. (b) 

17. (a) 

18. (a) 

19. (d) 

20. (b) 

21. (a) 

22. (d) 

23. F 

24. T 

25. F 

26. T 

27. F 

28. F 

29. T 

30. T 


Answers 743 











31. F 

32. T 

33. F 

34. F 

35. T 

36. T 

37. F 

38. F 

39. T 

40. F 

41. F 

42. F 

43. T 

44. T 

45. T 

46. F 

47. F 

48. F 

49. T 

50. T 

51. F 

52. F 

53. T 

54. (a) (i) 

(b) (iv) 

(c) (ill) 

(d) (ii) 
58. no 


60. (a) K = 


(b) FC = ^ 


(c) K = 


■ [N,][0,] 

_ [NOJ 
' [N2O4] 

_ [sicajHj 

■ [SiHj[Cl,]^ 

[pcyw 

[PBr3P[Cl,? 

61. 4 molecules HjO; 

2 molecules CO; 

4 molecules 

4 molecules COj 

62. (a) left 

(b) left 

(c) right 

(d) no shift 

64. no; right 

65. (a) H2S04(aq) 

(b) Hpd) 

(c) HjO+Caq) 

(d) HS04“(aq) 

66. (a) HBr(aq)=^^ 


H+(aq) + Br“(aq) 

(b) HC2H302(aq) 

H+(aq) + C2H302"(aq) 

(c) HCH02^=^ 

H+(aq) + CH02“(aq) 

67. (a) CH3NH3+(aq), 

CH3NH2(aq); 

C10“(aq), HC10{aq) 

(b) HS04"(aq), S04'“(aq); 
HC204“(aq). C204"-(aq) 

68. C6H5NH3+(aq) 

69. NH3{aq) + H20{1) 

NH4+(aq) + OH-(aq) 

70. pH + pOH = 14.00 

71. 100 times 


72. (a) 5.62 

(b) 6.00 

(c) 6.636 

(d) 8.04 

73. (a) [H+(aq)] = 

7.9 X 10”^ mol/L; 
[OH-(aq)] = 

1.3 X 10”® mol/L 

(b) [H"(aq)] = 

9.8 X 10”“ mol/L; 
[OH-(aq)] = 

1.0 X 10 ^ mol/L 

74. (a) [H+(aq)]_= 

1.0 X 10“^ mol/L; neutral 

(b) [H"(aq)] = 

1.5 X 10”® mol/L; acidic 

(c) [OH-(aq)] = 

1.6 X 10 ® mol/L; basic 

75. (a) 12.25 

(b) 0.59 

(c) 4.00 

76.5.0 X 10“'^ mol/L 
77.11.33 

78. (a) 2.5 X 10”® mol/L 

(b) acid 

79.1.0 X 10“^ mol/L 

80. H2SO4(aq) ->-H+(aq) + 
HS04“{aq); HS04“(aq) 

H+(aq) + S04^“(aq) 

81. basic; K20(s) + H20(l)=^^ 

2 K+(aq) + 2 OH"(aq) 

82. (a) basic 

(b) acidic 

(c) neutral 

(d) acidic 

87. (a) K = [C02(g)] 

88. (a) N2(g) + 3 H2(g) ^ 

2 NH3(g) 

89. (a) yes 

(b) right 

(c) yes 

(d) no 

94. (a) (i) sulfurous acid; 

H2S03(aq) 

(ii) perchloric acid; 
HC104(aq) 

(iii) phosphoric acid; 
H3P04(aq) 

95. products 

101. (b) high temperatures 
103. [H2{g)] = 0.141 mol/L; 

[Br2(g)] = 0.021 mol/L; 
[HBr(g)] = 0.398 mol/L 

105. acid rain 

106. 13.504 

107. 1.89 

108. 2.24 
no. (a) 2.09 

(b) yes 

111. (a) 2.4 

(b) 6.54 

(c) 10.09 

(d) 5.14 

(e) 0.60 

(f) 13.65 

112. 10.7 

115. 8.42 

116. (b) yes 


117. (a) 5.0 

(b) 1 X 10-“ 

118. 4.74 

119. (a) 8.1 

(b) pH 7.00:0.083; pH 9.00: 8.30 

(c) buffer pH: 8.08; pH after: 7.95 

120. (a) 9.26 

(b) 9.17 

(c) drop from 7 to 2 

121. highest: b; lowest: a 

Unit 5 

Are You Ready?, pp. 596-597 

1. (a) atom 

(b) ion 

(c) ion 

(d) atom 

(e) atom 

2. (a) loses 1 electron 

(b) gains 1 electron 

(c) gains 2 electrons 

(d) loses 2 electrons 

4. (a) gains electrons; negative 
(b) lose electrons; positive 

6. (a) acidic 

(b) neutralization 

7. (a) acid-base neutralization or 

double displacement 

(b) single displacement 

(c) complete combustion 

(d) double displacement 

9. (a) 4 K(s) + 02(g) ^ 

2 K20 (s) 

(b) 2 Al(s) + 6 HCl(aq) ^ 

3 H2(g) +2 AlCl3(aq) 

(c) C2H4(g) + 3 02(g) ^ 

2 C02(g) + 2 H20(g) 

(d) 2 Fe(N03)3(aq) + 

3K2C03(aq) 

6 KN03(aq) + Fe2(C03)3(s) 

10. (a) reactants: hydrogen ions, 

hydroxide ions; 
products: water, ionic 
compound (a salt) 

(b) H2S04(aq) + 2 KOH(aq) 

K2S04(aq)+2H20(l) 

11. (a) Zn(s) + 2HCl(aq) -> 

ZnCl2(aq) + H2(g) 

(c) Zn(s) + 2H+(aq) ^ 

Zn^ + (aq) + H2(g) 

12. (a) precipitate forms 

(b) Pb^-taq)+2r(aq)^PbI^s) 

13. (a) 1.0 mol/L AgN03(aq) 

(b) 2 AgN 03 (aq) + 

K2C03(aq) ^ 

Ag 2 C 03 (s) + 2 KN 03 (aq) 

(c) 2Ag+(aq)+C03"-(aq)^ 

Ag2C03(s) 

16. (a) 2H202(aq)-» 

2 H20(1) + 2 02(g) 

9.1 Tutorial 1 Practice, 

pp. 601-602 

1. (a) oxidation: Co(s) ^ 

Co^'''(aq) + 2e-; reduction: 
Sn^+(aq) + 2e~ ->■ Sn(s) 


(b) oxidation: Pb(s) —>■ 
Pb^^(aq) + 2e~ ; reduction: 
Ag+(aq) + e” ^ Ag(s) 

(c) oxidation: Fe^'''(aq) —> 
Fe®’‘'(aq) + e"; reduction: 
l2(s) + 2e- ^ 21- (aq) 

2. (a) oxidized: Co(s); 

reduced: Sn^'''(aq) 

(b) oxidized: Pb(s); 
reduced: Ag'''(aq) 

(c) oxidized: Fe^^(aq) 
reduced: 13(5) 

3. (a) oxidation: Ni(s) —> 

Ni^'''(aq) + 2e-; reduction: 
Ctf^(aq) + 2e- ->■ Cu(s); 
spectator ion: Cl-(aq) 

(b) oxidation: Cr^^(aq) —>■ 
Cr®^(aq) + e-; reduction: 
Sn^^(aq) + 2e~ —> Sn(s); 
spectator ion: N03-(aq) 

4. (a) Cl2(g) + 2KI(aq) ^ 

l2(s) + 2KCl(aq) 

(b) Cl2(g) + 2I-(aq) ^ 

l2(s) + 2Cl-(aq) 

(c) oxidation: 2I-(aq) —> 

12(5) + 2e-; reduction: 
Cl2(g) + 2e- ^ 2Cl-(aq) 

(d) oxidized: chlorine; 
reduced: iodide 

9.1 Tutorial 2 Practice, p. 604 

1. (a) 0 

(b) +4 

(c) +1 

(d) +5 

(e) -3 

2. (a) +2 

(b) -4 

(c) +4 

(d) 0 

3. (a) +4 

(b) +4 

(c) +6 

(d) +7 

4. (a) Na: +1;C: +4; O: -2 

(b) K: +l;Cr: +6; O: -2 

(c) H: +1;C1: +7; O: -2 

(d) Cu: +2; P: +5; O: -2 

9.1 Tutorial 3 Practice, p. 606 

1. (a) oxidized: Cu(s); 

reduced: Ag'''(aq) 

(b) oxidized: Fe(s); 
reduced: 02(g) 

2. (a) oxidizing agent: HCl(aq); 

reducing agent: Zn(s) 

(b) oxidizing agent: Sn02(s); 
reducing agent: C(s) 

3. (a) H: +1;S: -2; O: 0; S: +4; 

O: -2; H: +1; 
oxidizing agent: 02(g); 
reducing agent: H2S(g) 

(b) C: -4;H: +l;O:0;C: +4; 
O: -2; H: +1; 
oxidizing agent: 02(g); 
reducing agent: CH4(g) 

9.1 Questions, p. 607 
2. (a) oxidation: Mg(s) —> 
Mg^+(aq) + 2 e-; 
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reduction: 2 H’‘'(aq) + 
2e-^H,(g) 

(b) oxidation: 2 Al(s) —> 
2Al’+(aq) + 6e-; 
reduction: 2 Fe^^(aq) + 

6 e” -> 2 Fe(l) 

3. (a) 0 

(b) +6 

(c) -2 

(d) -1 

(e) +2 

(f) -3 

(g) +3 

(h) +7 

(i) -2 

(j) +4 

4. (a) oxidized: carbon; 

reduced: hydrogen 

(b) oxidized: iron; 
reduced: manganese 

(c) oxidized: copper; 
reduced: silver 

5. (a) increases 

(b) decreases 

6. (b) oxidizing agent: SiCl4; 

reducing agent: Mg; 
reduced: Si; oxidized: Mg 

(c) oxidizing agent: HjO; 
reducing agent: CO; 
reduced: H; oxidized: C 

7. (a) reactants: P = —3; H = +1; 

0 = 0 ; 

products: P = +5, O = —2; 
H= +1 

(b) reactants: K = +1; Cl = +5; 
O = -2; 

products: K = +1; Cl = -1, 
0 = 0 

(c) reactants: Pb = 0, Pb in 
Pb02= +4; O = -2; H = 
+ 1;S = +6; 
products: Pb = +2; 

S = +6;0= -2;H= +1 
9. (a) COj = +4; CsH^O^ = 0 
10. COj = +4; CH2O2 = +2; 
CH2O: 0; CH4O: -2; CH4: -4 

9.2 Tutorial 1 Practice, 
pp. 613-614 

1. 3Pb02(s) + 4NH3(g) -> 

2 N2(g) + 6 HjO® + 3 Pb(s) 

2. 2 H2S(^ + 02(g) ^ 

2 S(s) + 2 H20(1) 

3. (a) 2Mn04“(aq) + Br“(aq)+ 

2H+(aq) ^2Mn02(s) + 

Br03“(aq) + H20(l) 

(b) l2(s) + 5 OCl-(aq) + 
H20(1) ^ 2 I 03 -(aq) + 
5Cl-(aq) +2H+(aq) 

4. (a) 2 Mn04“ (aq) + 

3S03^“(aq) + 
H20(1) 3 S04"“(aq) + 

2Mn02(s) + 2 0H-(aq) 
(b) S^-(aq) + 4l2(s) + 

8 0H-(aq)^>S04"-(aq) + 
8r(aq) + 4H20(1) 


5. (a) iodine gains 5 electrons, 

sulfur loses 2 electrons. 

(b) 2I03-(aq) + 5S03'-(aq) + 
2H+(aq)^5S04"“(aq) + 
l2(s) + H20(1) 

6. (a) chromium loses 3 electrons, 

chlorine gains 6 electrons, 
(b) 2Cr(0H)3(s) + C103-(aq) + 
40H-(aq) 2Cr04^“(aq)+ 

Cl“(aq) + 5H20(1) 

9.2 Tutorial 2 Practice, p. 616 

1. (a) Zn(s) + 2 H+(aq) ^ 

Zn^+(aq) + H2(g) 
(b) 2HN03(aq) + Cu(s) + 
2H+(aq)^2N02(g) + 
Cu"+(aq) + 2H20(1) 

2. (a) oxidation: CH30H(aq) + 

8 0H-(aq)^>C03'“(aq) + 
4e- + 6H20(l); 
reduction: 

Mn04“(aq) + e“ —> 
Mn04^“(aq) 

(b) CH30H(a(^ + 
4Mn04-(aq) + 

8 OH-(aq)^'CO^“(aq) + 

4 Mn04='-(aq) + 6 H20(l) 

9.2 Questions, p. 617 

1. (a) oxidation: 

Mg(s)^Mg2+(aq) + 2 e”; 
reduction: 

2H+(aq) +2e-^H2(g) 

(b) Mg(s) + 2 HCl(aq) ^ 

MgCl2(aq) + H2(g) 

(c) 2 

2. (a) oxidation: Cu(s) —> 

Cu'''(aq) + 2 e“ ; 

reduction: 

Ag+(aq) + e”^ Ag(s) 

(b) oxidation: 2 Cr^'''(aq) + 
7H20(l)->Cr202^“(aq) + 
14 H+(aq) + 6e"; 
reduction: Cl2(g) + 2e“—> 
2Cr(aq) 

(c) oxidation: Ca(s) —> 
Ca^^(aq) + 2 e~; 
reduction: 2 H'''(aq) + 

2 e- ^ H2(g) 

3. (a) 3H20(l) + 5C103“(aq) + 

3l2(aq)^5Cl-(aq) + 
6I03“(aq) + 6H+(aq) 

(b) Cr202"“(aq) + 6Cl“(aq) + 
14H+(aq)^2Cr^ + (aq) + 
3Cl2(aq) + 7H20(1) 

4. (a) Pb(OH)4^-(aq)+C10“(aq)^ 

Pb02(s) + Cl“(aq) + 
2 OH-(aq) + H20(l) 
(b) 5 H20(1) + N02“(aq) + 
2Al(s) + OH-(aq)-)- 
NH3(aq) + 2Al(OH)4-(aq) 

5. (a) 5 electrons 

(b) 2 electrons 

(c) 16H+(aq)+2Mn04“(aq) + 

5 C2O4 “(aq)->-2 Mrf+(aq) + 
10 C02(a.i) + 8 H20(1) 

6. (a) 4Ag(s) + 8CN (aq) + 

02(g) + 2H20(1)^ 
4Ag(CN)2-(aq) + 40H-(aq) 


7. (a) 16H+(aq) + 2Cr207^ (aq) + 

C2H50H(1) -> 

4Cr3+(aq) + 2C02(g) + 
11H20(1) 

8. (a) oxidation: H202(aq) —> 

02(g) + 2H+(aq)+2e-; 
reduction: 

5e“ + 8H’^(aq) + 

Mn04 (aq) —> Mn^ ’^(aq) + 
4H20(1) 

(b) 6H+(aq) + 2Mn04“(aq) + 

5 H202(aq) ^ 

2 Mn^+(aq) +502(g)+ 

8 H20(1) 

9. 2 H+(aq) + 2 N03“(aq) + 
S03^“(aq) ^ S04^"{aq) + 

2 N02{g) + H20{1) 

10. (a) 3 Cl2(g) + 6 OH-(aq) 

5 Cl“(aq) + C103“(aq) + 
H20(1) 

(b) CI2: Cl = 0; 

OH-:0= -2,H= +1; 
Cl“ = -1; C103“: 

Cl = +5,0 = -2;H20: 

H = +1,0 = -2 

9.3 Tutorial 1 Practice, p. 622 

1. (a) oxidation: Co(s) —>■ 

Co^'''(aq) + 2 e“, 

reduction: 

Cu^’^(aq)+2 e” ^Cu(s); 
spontaneous 

(b) oxidation: 2 l“(aq) —>■ 

l2(s) + 2e-, 

reduction: Br2(l) + 2 e“ —> 
2Br-(aq); 

spontaneous 

(c) oxidation: Ni(s) —> 

Ni^^(aq) + 2 e“, 

reduction: 

Zn='+(aq) + 2e"^Zn(s); 
not spontaneous 

2. not spontaneous 

3. yes, oxidation: Ca(s) —> 

Ca^^(aq) + 2 e“, 
reduction: 2 H20(l) + 2 e“ —> 

H2(g) + 2 0H-(aq); 
spontaneous; 

Ca(s) + 2 H20(1) ^ 

Ca(OH)2(s) + H2(g) 

4. Mn04“(aq) + 8 H^(aq) + 

5 Cr^ ■^(aq) ^ 5 Cr^’^(aq) + 

Mn^+ (ai^ + 4 H20(l) 

9.3 Questions, p. 623 

1. Au^+(aq) > Hg^+(aq) > 
Cu^'^(aq) > Sn^’^(aq) 

3. (a), (b) 

4. (a) Cu'+(aq) + Fe(s) ^ 

Fe^’^(aq) + Cu(s) 

(b) yes 

5. (a) H+(aq), K+(aq), H20(l), 

Fe^'^(aq), S04^”(aq), 
Mn04“(aq); 
strongest: Mn04“(aq) 


(b) H20(1), Fe^+(aq); 
strongest: Fe^^(aq) 

6. (a) oxidation: Au(s) —> 
Au’+(aq) + 3 e“; 
reduction: N03“(aq) + 

2 H+(aq) + e" ^ 

N02(g) + H20(1) 

(b) no 

7. (a) Cu: Cu’*', Au^’*'; Au: none; 

Zn: Cu^, Au^^, Co^^; 

Co: Cu^, Au^+ 

(b) oxidizing agent: Au^^; 
reducing agent: Zn(s) 

8. (a) Cu^+(aq), Pb^'^(aq), 

Fe^’^(aq), Ba^+(aq) 

(b) Cu^’^(aq) + Pb(s)->- 
2Cu(s) + Pb"+(aq) 

Chapter 9 Self-Quiz, p. 627 

1. (b) 7. (b) 13. F 

2. (c) 8. (c) 14. T 

3. (d) 9. F 15. F 

4. (b) 10. T 16. F 

5. (c) 11. F 17. F 

6. (a) 12. T 

Chapter 9 Review, pp. 628-633 

1. (a) 

2. (c) 

3. (a) 

4. (c) 

5. (b) 

6. (d) 

7. (a) 

8. (b) 

9. (a) 

10. F 

11. T 

12. F 

13. T 

14. T 

15. F 

16. F 

17. F 

18. T 

19. (a) (iii) 

(b) (ii) 

(c) (v) 

(d) (vii) 

(e) (i) 

(f) (vi) 

(g) (iv) 

20. (a) oxidation: Cr^^(aq) —>• 

Cr^+(aq) + e”; 
reduction: Cu'''(aq) + e“ —> 
Cu(s) 

(b) oxidation: Fe(s) —> 

Fe’^(aq) + 3e“ ; 
reduction: Au^'''(aq) + 

3e“ —>■ Au(s) 

(c) oxidation: 2 I~{aq) —> 

l2(s) + 2e-; 
reduction: Br2{l) + 2e —> 

2 Br“(aq) 

21. (a) -1 

(b) -2 

(c) -3 

(d) +3 

(e) +4 
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(a) 

N: + 3; Cl: -1 

32. 

Li(s), K(s), Cs(s), Ba(s), Ca(s), 

45. 

(a) 2 Mn04 (aq) + 

(iv) 8 HN03(aq) + 

(b) 

Se: + 4; O: -2 


Na(s), La(s), Mg(s) 


5C20/“(aq) + 16H+(aq)^ 

3 Cu(s) ^ 2 NO(g) + 

(c) 

Si: + 4; S: -2 

34. 

yes 


2 Mn'+(aq) + 10 C02(g) + 

3 Cu(N03)2(aq) + 

(d) 

S: + 6; F: -1 

35. 

HNO3 > NO2 > NaN02 > 


8 H20(1) 

dHjOd) 

(e) 

S: + 2; Cl: -1 


N2O > NH4CI 


(b) 2 Mn04“(aq) + 3CN“(aq) + 

56. (a) first equation: reactants, 

(a) 

O: -2; H: +1 

38. 

no 


H20(1) ^ 2 Mn02(s) + 

H: +1,0: -2, Cl: +1,N: -3, 

(b) 

Cl: + 5; O: -2 

39. 

no; 2 AgN03(aq) + Cu(s) ^ 


3 OCN-(aq) + 2 OH-(aq) 

H: +1; products: H: +1, O: -2, 

(c) 

Cl: + 3; O: -2 


2 Ag(s) + Cu(N03)2(aq) 


(c) Pb(s) + Pb02(s) + 

Cl: +l,N:-3; 

(d) 

S: + 6; O: -2 

40. 

(a) NH3(g) + 02(g) ^ 


4 H+(aq) 2 Pb^'+laq) + 

4HOCl(aq) + 2NH3(aq) ^ 

(e) 

S: +7; O: -2 


N02(g) + H20(g) 


2 H20(1) 

2NHCl2(g) + 4H20(1); 

(f) 

C: 0; H: +1:0: -2 


(b) in reactants, N: -3; H: + 1; 

46. 

yes 

second equation: reactants. 

a,d,e 


O: 0; 

47. 

Ca(s) > Al(s) > Cr(s) > Cd(s) > 

H: +1,0: -2, Cl: +1,N: -3, 

(a) 

oxidation: 2 H20(l) —>■ 


in products: N: + 4; 


Pb(s) > Cu(s) 

products:, O: —2, Cl: -1, 


02(g) + 4 H+(aq) + 46“; 


H: +1; O: -2 

50. 

(a) reactants: Fe = 0, O = 0; 

N: + 3, H: +1; 


reduction: Au^^(aq) + 


(c) oxidation: NH3 + 2 H2O 


products: Fe = +3,0 = —2; 

3HOCl(aq)+NH3(aq)^- 


3e” ->■ Au(s) 


NO2 + 7 H+ + 7 e“; 


electron transfer: 12; 

NCl3(aq) + 3H20(1) 

(b) 

6 H20(1) + 4Au'+(aq) ^ 


reduction: O2 + 4 H’*' + 


oxidizing agent: O2; 

57. (a) (i) yes 


3 02(g) + 4Au(s) + 


4e-^2H20 


reducing agent: Fe 

(ii) yes 


12 H+(aq) 


(d) 4 NH3(g) + 7 02(g) ^ 


(b) reactants: Ni = +2.0 = -2. 

(iii) no 

(a) 

oxidation: Pb(s) —> 


4N02(g) + 6H20(g) 


H = 0; 

(iv) yes 


Pb"+(aq) + 2 e“; 

42. 

(a) oxidation: Pb(s) —> 


products: Ni = 0. H = +1, 

(c) (i) Fe2(S04)3(aq) + 


reduction: Cu ^'*'(aq) + 


Pb"+(aq) + 2 e; 


0 = -2; 

Cu(s) 2FeS04(aq) 


2 e“ —> Cu(s) 


reduction: Cu^^(aq) + 


electron transfer: 2; 

+ CuS04(aq) 

(b) 

oxidation: Fe(s) 


2 e“ Cu(s); 


oxidizing agent: NiO; 

(ii) CuCl2(aq) + Fe(s) -> 


Fe^+(aq) + 2 e“; 


balanced net ionic: 


reducing agent: H2 

FeCl2(aq) + Cu(s) 


reduction: 2 HNO2 (aq) 


Cu^’^(aq) + Pb(s) ^ 


(c) reactants: Fe = +3.0 = -2, 

(iv) 2 AgN03(aq) + 


+ 4 H+(aq) +40“^ 


Pb^'^(aq) + Cu(s) 


C = +2, 0 = -2; 

Cu(s) ^ Cu(N03)2(aq) 


N20(g) + 3 H20(1) 


(b) oxidation: Fe(s) —> 


products: Fe = 0, C = +4. 

+ 2 Ag(s) 

(c) 

oxidation:: Co(s) —>• 


Fe^’^(aq) + 2e“; 


C= -2; 

58. (a) Metal X 


Co^'''(aq) + 2 e“; 


reduction: 2 HNOj (aq) + 


electron transfer: 6; 

(b) Ag+ 


reduction: 02(g) + 2 H20(l) 


4 H+(aq) + 4e- ^ 


oxidizing agent: FejO,; 

59. (a) N03“: +5; N02”: +3; 


+ 4 e“ ^ 40H-(aq) 


N20(g) + 3 H20(1); 


reducing agent: CO 

N2: 0; NO: +2; NOj: +4; 

(d) 

oxidation: Ag(s) —> 


balanced net ionic: 


(d) reactants: Cu = 0, H = +1. 

HNO3: +5; HNO2: +3 


Ag+(aq) + e“; 


2 HNO2 (aq) + 4 H+(aq) + 


N = +5. 0 = -2; 

(b) oxidized 


reduction: Br2(l) + 2e“ —> 


2 Fe(s) ^ 2 Fe^+(aq) + 


products: Cu = +2, 

(c) reaction with oxygen: 02(g) 


2 Br“(aq) 


N20(g) + 3 H20(1) 


N = +5, 0 = -2, 

oxidizing agent; 

(e) 

oxidation: Al(s) —> 


(c) oxidation: Co(s) —> 


H = +1,N = +4; 

reaction with water: N02(g) 


AP+(aq) + 3 e”; 


Co^'''(aq) + 2 e“; 


electron transfer: 2; 

reducing agent and 


reduction: Fe^'''(aq) + 


reduction: 02(g) + 


oxidizing agent: HNO3; 

oxidizing agent 


2e- ^ Fe(s) 


2 HjOd) + 4e- ^ 


reducing agent: Cu 

62. no 

(f) 

oxidation: H2S(aq) 


4 OH-(aq); 

52. 

yes 

63. (a) Ca(s) 


S(s) + 2H+(aq) + 2e"; 


balanced net ionic: 

53. 

(a) oxidized: Cr^^(aq) by 

64. no 


reduction: Na’‘'(aq) + 


02(g) + 2 H20(1) + 


1 electron; 

74. (a) (i) no 


e“ Na(s) 


2 Co(s) 2 Co^'^(aq) + 


reduced: Ag by 1 electron 

(ii) yes 

(g) 

oxidation: Zn(s) —> 

Zn^+(aq) + 2 e; 

43. 

4 OH-(aq) 

(b) 2 N03“(aq)+3 As03'“(aq) + 


(b) oxidized: Al(s) by 3 electrons; 
reduced: NP'''(aq) by 

H,0 

(b) (i)Fe203(s) + 3H2S(g)-»• 

Fe2S3(s) + 3H20(1) 


reduction: Mn04“(aq) + 


H20(1) ^ 2 NO(g) + 


2 electrons 


2 H20(1) +3 e” ^ 


3 As04’“(aq) + 2 OH"(aq) 


(c) oxidized: Ni(s) by 2 electrons; 

(ii)2Fe2S3(s) + 3 02(g)-^ 


Mn02(s) + 40H-(aq) 

44. 

(a) 3 NP+(aq) + 2 Al(s) ^ 


reduced: Mn by 3 electrons 

2 Fe203(s) + 6 S(s) 

(a) 

2 electrons 


2 AP+(aq) + 3 Ni(s) 


(d) oxidized: Sn^’‘'(aq) by 

10.1 Questions, p. 641 

4. (d) oxidizing agent: nickel(II) 

(b) 

(c) 

1 electron 

Ni(s) + Cl2(g) ^ NiCl2(g) 


(b) 2 Mn04“(aq) + 3 Ni(s) + 

8 H+ ^ 2 Mn02(s) + 


2 electrons; 

reduced: S by 2 electrons 


28. oxidation: Ca(s) —>• 

Ca^+(aq) +2 e“; 
reduction: 2 HjOO) + 2 e“ ^ 
2 0H-(aq) + H,(g); 
net ionic: Ca(s) + 2 H^OCl) ^ 
Ca^+(aq) + 2 OH-(aq) + H^Cg) 

29. K+(aq) < H^OCl) < Cd"+(aq) < 
l2(s) < I03“(aq) < AuCl4“(aq) 

30. F-(aq) < IjCaq) < H^OCl) < 
Cu+(aq) < K(s) 

31. (a) ii.iii 

(b) (ii) Cr^+(aq) + 2 K(s) ^ 
Cr(s) + 2 K+(aq) 
(iii) Pb^+(aq) + Fe(s) -> 
Pb(s) + Fe^+(aq) 


3 Ni^+(aq) + 4 HjOCl) 

(c) SO/“(aq) + Sn^^(aq) + 

2H+(aq) S03'"(aq) + 

Sn^+Caq) + HjOCl) 

(d) Br2(l) + 2Ag(s)^ 

2Br-(aq) + 2Ag+(aq) 

(e) 3 Fe^+(aq) + 2 Al(s) -)• 

2 AP+(aq) + 3 Fe(s) 

(f) H2S(aq) + 2 Na+(aq) 

S(s) + 2 Na(s) + 2 H+(aq) 

(g) 2 Mn04“(aq) + 3 Zn(s) + 

4 HjOCl) ^ 2 MnOjCs) + 

3 Zn^+(aq) + 8 OH“(aq) 


54. (a) oxidation: Ca(s) —>• 

Ca^^(aq) + 2e“; 
reduction: 2 HjOCl) + 

2e“ HjCg) + 2 OH-(aq) 

(b) yes; Ca(s) + 2H20{1) ^ 

H2(g) + 2 OH-(aq) 

(c) bubbles 

(d) pH test 

55. (b) (i) 2 AgN03(aq) + 

Cu(s) ^ 

Cu(N03)2(aq) + 

2 Ag(s) 

(ii) 2 HCl(aq) + Zn(s) -> 

ZnCljCaq) + H2(g) 

(iii) Fe 304 (s) + 4C0(g)^ 

4 COjCg) + 3 Fe(s) 


reducing agent: 
magnesium metal 

(e) reduction: NP'''(aq) + 

2 e” ^ Ni(s); 
oxidation: Mg(s) 

Mg^-^{aq) + 2 e" 

(f) NP+(aq) + Mg(s) ^ 

Ni(s) + Mg"+{aq) 
5. (a) (i) oxidizing agent: 

copper(I) ions; 
reducing agent: zinc 

(ii) cathode: Cu’*' (aq) + 

e“ ^ Cu(s); 
anode: Mg(s) —> 

Mg^+(aq) +2e“ 
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(iii) Mg(s)+ 2Cu+(aq)^ 
Mg^+(aq)+2Cu(s) 

(b) (i) reducing agent: iron 

oxidizing agent: silver 

(ii) anode: F e (s) —> Fe^’*' + 

2e“; 

cathode: Ag^(aq) + 

e“ ->Ag(s) 

(iii) Fe(s) + 2Ag+(aq)^ 

Fe^+(aq) + 2 Ag(s) 

6. (b) Fe^+(aq) + 2 e" ^ Fe(s); 

Mg(s) ^ 

Mg^+(aq) + 2 e" 

(c) Fe^+(aq)+Mg(s)^ 

Fe(s) + Mg^+(aq) 

7. (b) Mg(s)->Mg*+(aq)+2e“; 

2H20(l) + 2e-^ 

H2(g) + 2 0H-(aq); 
Mg(s) + 2 HjO(l) ^ 
Mg^+(aq) + 2 OH-(aq) 

10.2 Questions, p. 648 

4. Cl2(g) + 2Br-(aq) ^ 

2 Cl”(aq) + Br2(g); 
A£“ = 0.27 V 

5. (a) anode: Mg(s) —> 

Mg"+(aq) + 2e-; 
cathode: Fe^'''(aq) + e“ —> 
Fe^ + (aq); 
net ionic equation: 

Mg(s) + 2Fe+(aq) ^ 
Mg^’^(aq) + 2Fe^^(aq) 

(b) A£° = 3.14 V 

6. -0.23 V;Ni 

7. (a) Cr^O,'”: 1.33 V;Pd"+: 1.05 V; 

T1+: -0.24V;Ti+: -1.53 V 

8. (a) 3 Mg(s) + 2 Au^+(aq) ^ 

3Mg^+(aq) + 2Au(s); 
AB° = 3.87 V 

(b) 2Cu+(aq) +Mg(s)^ 

2Cu(s) +Mg'+(aq); 
AB° = 2.89 V 

(c) Zn(s) + Sn^+(aq)-> 

Zn"+(aq) + Sn(s); 
AB° = 0.62 V 

10.3 Questions, p. 654 

3. 1.2 V 

10.6 Questions, p. 662 

1. (a) zinc 

3. (b) magnesium > zinc > iron > 
gold 

10.7 Questions, p. 670 

3. (a) cathode: N?'*'+2e“ —>Ni(s); 
anode: 2 Br“ ^ Brj + 2 e“ 

(b) cathode: Al^’''+3 e“ —>Al(s); 
anode: 6F“ —> 3 Fj + 6 e~; 

(c) cathode: Mrf’'' + 2 e“ —> 

Mn(s); 

anode: 21“^ Ij + 2e“ 

7. cathode: Sn^’^(aq) + 2e“ —> 

Sn{s); 

anode: 2 Cr (aq) —> 

Cl2(g) + 2e-; 
net ionic: Sn^^(aq) + 

2 Cl- (aq) ^ Cl2(g) + Sn(s) 


9. (a) 6 Al20F/-(l) + 12 F-(l) + 
3C(s)^'4Al(s) + 
8AlF,^-(l) + 3C02(g) 


Chapter 10 Self-Quiz, p. 677 

1. (a) 7. (b) 13. F 

2. (d) 8. (b) 14. T 

3. (b) 9. (d) 15. F 

4. (a) 10. T 16. T 

5. (a) 11. F 17. F 

6. (c) 12. F 


Chapter 10 Review, 


14. F 

15. T 

16. (a) (v) 

(b) (hi) 

(c) (vi) 

(d) (vui) 

(e) (iv) 

(f) (i) 

(g) (vii) 

(h) (h) 

17. (b) Ag+(aq) + e- ->'Ag(s); 

Cu(s) —> Cu^'''(aq) -I- 20“ 

(c) Cu(s)+ 2Ag+(aq)->■ 

Cu^+(aq) + 2Ag(s) 

(d) Cu(s)|Cu^+(aq) || Ag+(aq) | 
Ag(s) 

18. (a) anode 
(b) negative 

19. oxidizing agent: Cu'''(aq); 

reducing agent: Zn(s) 

21. (a) Al(s) I Al’+(aq) || Fe^+(aq) | 

Fe(s) 

(b) Pt(s) I Cr^+(aq) || Cu^+(aq) | 
Pt(s) 

22. (a) no 

(b) yes 

(c) no 

23. (a) hydrogen fuel cell 
30. (a) no 


(b) yes 

(c) yes 

33. anode: Zn(s) —>■ Zn^^(aq) + 2e-; 
cathode: 2 H'^(aq) + 2e- —>■ 

H2(g) 

34. (a) Cd"+(aq) -H Zn(s) ^ 

Cd(s) + Zn^+(aq) 
A£°,(cdi) = 0.36 V 
(b) 3 Ag+(aq) -F Al(s) ^ 

3 Ag(s) + Al^+(aq) 
A£°r(cell) = 2.46 V 


(c) 3Fe^+(aq)-F2Al(s)->' 

3Fe(s) +2AP + (aq) 
AE; = 1.22 V 

35. (a) 2 Al(s) + 6 H+ (aq) 

2 Al^+ (aq) + 3 H2 (g); 
AF?(c,ii) = 1.66 V 
(b) 2Cr’ + (aq) + H20(l) + 

3 H202(aq) 

Cr202"-(aq) + 8 H-"(aq) 
= 0.45 V 

36. (a) A£°(,,j,) = -0.47V; 

not spontaneous 

(b) A£?(,d„ = +0.70 V; 
spontaneous 

(c) A£°,„|i) = +0.37 V; 
spontaneous 

37. (a) 16 H+(aq) + 2 Mn04“(aq) + 

10 I-(aq) —> 5 l2(s) + 

2 Mn^+(aq) + 8 H20(l); 
AF?(cdi) = 0.97 V; 
spontaneous 

(b) 16 H+(aq) + 2 Mn04“(aq) 

+ 10 F-(aq) ^ 5 F2(g) + 

2 Mn^+(aq) + 8 H20(l); 
AF?(cdi) = -1.36 V; 
not spontaneous 

38. (a) potassium hydroxide 

39. (a) oxygen and water 

42. (a) anode: 2 F“(l) F2(g) + 

2e“; 

cathode: 2 K'^(l) + 2 e" —> 
2K(1) 

(b) anode: 2 Cl’d) ^ Cl2(g) + 

2e“; 

cathode: Cu^'*' (1) + 2 e" —>• 
Cu(l) 

(c) anode: 2 I-(l) ^12(1) + 

2e“; 

cathode: Mg^'''(l) + 2e- —> 
Mg(l) 

43. (b) Cu^’^(aq)+2e-->-Cu(s) 

Fqcdi) = 0.34 V 
Cr(s) —> Cr^^(aq) + 2e~ 
Fqcdi) = 0.91 V 
net: Cu^'^(aq) + Cr(s) -> 
Cu(s) + Cr^'^(aq) 

AB°(„ii) = 1.25 V 

45. (a) Ag+(aq)+ Fe^+(aq)-)- 

Ag(s) + Fe^-(aq) 

A£°,fcdS = 0.03 V 

(b) Au’+(aq) + 3 Cu’^(aq) ^ 

3 Cu^^(aq) + Au(s) 
AF°r(cell) = 1.34 V 

(c) 2 VO^+(aq) + 4 H+(aq) + 
Cd(s) Cd^+(aq) + 

2 VO"+(aq) + 2 H20(l) 
AF°r(cell) = 1.40 V 

46. (a) 2IO3-(aq) + 10Fe'+(aq) + 

12 H+(aq)^10Fe'+(aq) + 
l2(aq) + 6 H20(1); 

AF°,(„ii) = 0.43 V 
(b) Zn(s) + 2Ag+(aq)^ 
Zn='+(aq) + 2Ag(s); 
A£°,(„|i) = 1.56 V 

47. (a) aluminum 

(b) 3Cu^’^(aq) + 2Al(s)—>■ 
3Cu(s) + 2AP + (aq) 

48. (a) Ag+(aq) 


(b) Zn(s) 

(c) Pb(s),Zn(s) 

(d) Ag+(aq), Zn"+(aq) 

49. (a) Br2(l) 

(b) Ca(s) 

(c) Br-(aq), H2(g). Ca(s). 

Cd(s) 

(d) Br2(l). H+(aq) 

50. (c) Ag(s). Cl (aq) 

51. (a) AB°,(„|i) = 0.10 V; anode 

(b) AE°,(„|i, = 0.53 V; anode 

(c) AE°,(„|i) = 0.02 V; cathode 

(d) AE°,(„|i, = 1.42 V; cathode 

(e) A£°,(,di) = 0.01 V; cathode 

52. (a) 0.41 V 
(b) no 

59. Au(s) + HN03(aq) + 

4HCl(aq)^AuCl4-(aq) + 

N0(g) + 2H20(l) + H+(aq) 

60. (a) anode: 2 Br-(aq) 

Br2(g) + 2e-; 

cathode: NP^(aq) + 2e- —> 
Ni(s); yes 

(b) anode: 2 H20(l) ^ 02(g) + 
4 H+(aq) + 4 e"; 
cathode: 2 H20(l) + 2 e” ^ 
H2 + 2 OH“(aq); no 

(c) anode: 2 I-(aq) —> 
l2(s) + 2 e-; 

cathode: 2 H20(l) + 2e- —> 
H2(g) + 2 OH-(aq); no 

61. no 

Unit 5 Self-Quiz, pp. 686-687 

1. (a) 14. (c) 27. T 

2. (c) 15. (b) 28. T 

3. (d) 16. (a) 29. F 

4. (c) 17. (a) 30. T 

5. (a) 18. (a) 31. F 

6. (a) 19. (c) 32. F 

7. (c) 20. F 33. T 

8. (d) 21. F 34. T 

9. (c) 22. T 35. F 

10. (b) 23. T 36. F 

11. (d) 24. T 37. F 

12. (c) 25. T 38. F 

13. (b) 26. F 

Unit 5 Review, pp. 688-695 

1. (a) 

2. (a) 

3. (a) 

4. (c) 

5. (a) 

6. (d) 

7. (d) 

8. (b) 

9. (c) 

10. (d) 

11. (a) 

12. (c) 

13. (b) 

14. (d) 

15. (a) 

16. (c) 

17. (b) 

18. (c) 

19. (d) 

20. (b) 
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21. (c) 

22. T 

23. F 

24. F 

25. F 

26. F 

27. T 

28. F 

29. T 

30. F 

31. T 

32. T 

33. T 

34. F 

35. T 

36. F 

37. T 

38. T 

39. T 

40. F 

41. (a) (ill) 

(b) (vii) 

(c) (vi) 

(d) (iv) 

(e) (viii) 

(f) (i) 

(g) (v) 

(h) (ii) 

42. (a) P: +5; O: -2 

(b) N: +4; O: -2 

(c) Na: +1;S: +6;0: -2 

(d) Cu: +2;N: +5;0: -2 

(e) K: +l;Mn: +7;0: -2 

(f) Na: +l;Fe: +3;0: -2; 

H: +1 

(g) Xe: +6;0: -2; F: -1 

43. (a) +6 

(b) +7 

(c) +2 

(d) +4 

46. (a) Clj(g) 

(b) Oj(g) 

(c) Clj(g) 

(d) F,(g) 

47. (a) oxidized: I; 

reduced: Pb; 

oxidizing agent: Pb02(aq); 
reducing agent: HI{aq) 

(b) oxidized: Mg; 
reduced: Cu; 
oxidizing agent: 
Cu(N03)2{aq); 
reducing agent: Mg(s) 

(c) oxidized: As; 
reduced: Cl; oxidizing 
agent: CljCg); 
reducing agent: AsjOjCs) 

(d) oxidized: C; 
reduced: I; 

oxidizing agent: l205(s); 
reducing agent: CO(g) 

48. (a) Cl2{g) + 2e-^2Cl-(aq) 

(b) Sg(s) + 16e“^-8S^“(aq) 

(c) Zn(s) ^ Zn^+(aq) + 2 e“ 

(d) Na(s) ^Na+(aq) + e” 


49. oxidation: Mg(s) Mg^^(aq) + 
2 e“; reduction : Cu^'''(aq) + 

2 e“ Cu(s) 

50. (a) one 

(b) two 

(c) 2Na(s) + F2(g)^'2NaF(s) 

51. (a) yes 

(b) no 

(c) yes 

(d) yes 

(e) yes 

(f) yes 

(g) yes 

52. (a) cathode: iron; 

anode: magnesium 

55. (a) Fe"+(aq) + 26” Fe(s) 

Mg(s) ^Mg" + (aq) + 2e“ 
Net: Fe^+(aq) + Mg(s)-> 

Mg^+(aq) + Fe{s) 

(b) 1.93 V 

56. (a) Ni"+(aq) + Zn(s) -> 

Ni(s) + Zn'+(aq) 

(b) 0.53 V 

(c) Zn(s) I Zn^+(aq) || 
Ni^+(aq) I Ni(s) 

57. Zn(s) I Zn^+(aq) || Cu^+(aq) | 
Cu(s) 

58. -0.83 V; -0.23 V; +1.50 V; 

+ 1.20 V; -3.05 V 

ranking: Au(s), l2(s) + H2O, (1) 
Ni(s), H2(g) + OH-(aq), Li(s) 

62. 4 Fe{s) + 3 02(g) ^ 2 
FejOjCs) 

63. ions 

64. (a) cathode: Ni^ (1) + 2 e“ ^ 

Ni(s); 

anode: 2 Br(l) ^ 

BrjCg) + 2 e- 

(b) cathode: Al’+(1) +3 e“^ 

Al(s); 

anode: 2 F(l) —> 

F2{g) + 2e- 

(c) cathode: Mg^^(l) + 2 e —t 

Mg(s); 

anode: 21(1) —> 

12(g) +2 e- 

69. reduced 

72. (a) 2C2Hg(g) + 702(g)^ 
4C02{g) + 6H20(g) 

(b) Mg(s) + 2HCl(aq)^ 
Mg^+{aq) + 2Cl-(aq) + 
H2(g) 

(c) KI04(aq) + 7Kl(aq) + 
8HCl{aq)^8KCl{aq) + 
4l2(s) + 4H20(1) 

(d) 3Cl2(g) + 6KOH{aq)^ 
KC103(aq) + 5 KCl(aq) + 

3 HjOd) 

(e) 2 K2Cr02{s) + 28 HCl(g) -> 
4KCl(aq) + 2 CrCl3(aq) + 

9 Cl2(g) + 14 HjOCl) 

(f) Mn02(s) + H2C204(aq) + 
H2S04(aq)^MnS04{aq) + 
2 C02(g) + 2 H20(1) 

74. (a) 2 MnO(s) + 5 Pb02(s) + 

8 H (aq) —> 2 Mn04 (aq) + 
5Pb^+(aq) + 4H20(l) 


(b) 3 I-(aq) + C10-(aq) + 
2H+(aq)^l3-(aq) + 
Cl“{aq) + H20{1) 

(c) 3 As 203 (s) + 4 N 03 “(aq) + 
4H+ + 7H20-> 
6 H 3 As 04 (aq) + 4N0(g) 

(d) 16 H’^(aq) + 10 Br"(aq) + 
2Mn04-(aq)-t5Br2(l) + 
2Mn"+{aq) + 8H20{l) 

(e) 8H+(aq) + 3 CH 30 H{aq) + 
Cr20r(aq)^3CH20(aq) + 
2 Cr^+(aq) + 7 H20(l) 

75. (a) Au^’''(aq) + Mn(s) —> 

Au(s) + Mn^’''(aq) 

(b) Au’+(aq) 

(c) Mn(s) 

(d) Au^’''(aq) +3 e“ —> Au(s), 
Mn(s) —t Mn^^(aq) + 2 e“ 

(e) 2 Au^ ^ (aq) + 3 Mn(s)—> 
2Au(s) + 3Mn^’^(aq) 

76. 2MnOr(aq)+3CN“(aq) + 
H20(l)^'2Mn02(aq) + 
3CN0-(aq)+2 0H-(aq) 

77. (a) no reaction 

(b) Cl2(g) + 2r(aq)^l2(s) + 
2 Cl“(aq) 

(c) no reaction 

(d) 4Fe^+(aq) + 4H+(aq) + 
02 (g) -t 4 Fe’+(aq) + 

2 H20(1) 

78. (a) Mn 04 “(aq) + 8 H+(aq) + 

5e~ ->■ Mn^'^(aq) + 
4H20(1); 

Fe"+(aq) ^ e“ + Fe"+(aq); 
5 Fe^’^(aq) + Mn04“(aq) + 
8 H+(aq) ^ 4 H20(l) + 
Mn^^(aq) + 5 Fe^'''(aq) 

(b) no reaction 

(c) 02 (g) + 2 H 20 (l) + 4e-^ 
4 OH-(aq); 

Fe(s) ^ 2 e- + Fe^+(aq); 
02(g) + 2 H20(1) + 

2 Fe(s) -t 4 OH-(aq) + 

2 Fe'+(aq) 

80. (a) oxidizing agent: 

hydrochloric acid; 
reducing agent: 
magnesium 

(b) Mg(s) + 2 HCl(aq) ^ 

MgCl2(aq) + H2(g) 

(c) 2 

(d) no 

86. (b) Zn(s) —>■ Zn^^(aq) + 2e ; 

Ni^^(aq) + 2e“ —> Ni(s) 

(c) Zn(s) + Ni^+(aq) ^ 

Zn^+(aq) + Ni(s) 

(d) Zn(s) I Zn^+(aq) || NP+laq) | 
Ni(s) 

87. 3Ag+(aq) + Al{s) ^ 

3 Ag(s)+ Al^ + (aq); 
A£°,,,di) = 2.46V 
93. (a) no 
98. (a) Cl 2 (g) 

(b) Sn(s) 

(d) Sn^+(aq) +2 Cl“(aq) ^ 

Sn(s) + Cl 2 (g) 

(e) 1.50 V 


102. (a) 2 H202(aq) 

2 H20{1) + 02(g) 

(b) oxygen 

(c) 2 

(d) 2 

104. (a) reactant oxidation numbers: 

H:+l; O: -2;C:-2;Cr: +6 
product oxidation numbers: 
H: +1;0: -2; 
single-bonded C: —2; 
double-bonded 
C: +2; Cr: +3 

(b) 3 CH3CH20H{g) + 
2Cr207“(aq) + 

16H+(aq)^ 

3 CH3C02H(aq) + 
4Cr^+(aq) + llH20(l) 

(c) orange-green 

105. no 

108. (b) 0.21 V 

109. (b) Zn(s)|Zn^+(aq)||Ag+(aq)| 

Ag(s) 

(c) anode: Zn(s) —> 

Zn^^(aq) + 2 e“ 

(d) cathode: Ag’''(aq) + e“ —> 

Ag(s) 

(e) 1.56 V 

(f) less 

110. Zn(s) + Ag20(s) -t 

ZnO(s) + 2Ag(s) 

112. (a) -0.40 V 

114. (a) reactant oxidation numbers: 

Zn: +2;SinZnS: -2; 

S in H2SO4: +6; O in 
H2SO4: -2; 

Om02: 0; H: +1 
product oxidation 
numbers: Zn: +2; S in 
ZnS04: +6; 
elemental S: 0; H: +1; 

O: -2 

(b) 2 ZnS(s) + 2 H2S04(aq) + 
02(g) ^ 2 ZnS04(aq) + 

2 S(s) + 2 H20(1) 

(c) zinc metal and sulfuric 

(d) 0.47V 

115. (a) produce electricity 

(b) drive chemical process 

(c) drive chemical process 

(d) drive chemical process 

116. (a) anode: 21“ (aq) —t 

l2(s) + 2e- 
cathode: Cu^'''(aq) + 2 e“ —> 
Cu(s) 

117. no 

120. spoon: cathode; 

Ag+(aq) + e“ -t Ag(s); 
silver: anode; Ag(s) —> 

Ag+(aq) + e“ 

121. (a) 2 H20(1) + 2 Br“(aq) ^ 

H2(g) + 2 0H-(aq) + Br2(g) 

(h) potassium hromide, 
KBr(aq); water, H20(l) 

129. (a) chlorine 


748 Appendix C 








Glossary 
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acid-base indicator a substance that changes colour 
within a specific pH range (p. 506) 
acid ionization constant (KJ the equilibrium constant 
for the ionization of an acid; also called the acid 
dissociation constant (p. 492) 
activated complex an unstable arrangement of atoms 
containing partially formed and unformed bonds that 
represents the maximum potential energy point in the 
change; also called the transition state (p. 367) 
activation energy (E^) the minimum energy that reactant 
molecules must possess for a reaction to be successful 
(p. 367) 

addition polymer a very long organic molecule formed as 
the result of addition reactions between monomers 
with unsaturated carbon-carbon bonds (p. 84) 
addition reaction a reaction in which the atoms from one 
molecule are added to another molecule to form a 
single molecule (p. 23) 

alcohol organic compound that contains the hydroxyl 
(-OH) functional group (p. 32) 
aldehyde an organic molecule containing a carbonyl group 
that is bonded to at least 1 hydrogen atom (p. 40) 
aliphatic hydrocarbon a compound that has a structure 
based on straight or branched chains or rings of 
carbon atoms (p. 18) 
alkane a saturated hydrocarbon (p. 8) 
alkene a hydrocarbon that contains at least one 
carbon-carbon double bond (p. 18) 
alkyl group one or more carbon atoms that form a branch 
off the main chain of a hydrocarbon (p. 10) 
alkyl halide an alkane in which one or more hydrogen 

atoms have been substituted with one or more halogen 
atoms (p. 16) 

alkyne a hydrocarbon that contains at least one 
carbon-carbon triple bond (p. 18) 
amide an organic compound that contains a carbonyl 
group bonded to a nitrogen atom (p. 59) 
amine an organic compound, related to ammonia, that 
contains a nitrogen atom bonded to one or more alkyl 
groups on each molecule (p. 56) 
amino acid a compound with a carboxyl group and an 
amino group attached to the same carbon atom; the 
building blocks of all protein (p. 102) 
amphiprotic (amphoteric) able to donate or accept 
a hydrogen ion (proton) and thus act as both a 
Bronsted-Lowry acid and a Bronsted-Lowry base 
(p. 491) 


anode the electrode where oxidation occurs (p. 638) 
aromatic hydrocarbon an unsaturated cyclic hydrocarbon 
with a pattern of bonding that makes it chemically 
stable (p. 28) 

Arrhenius theory a theory stating that, in an aqueous 
solution, an acid is a substance that produces 
hydrogen ions and a base is a substance that produces 
hydroxide ions (p. 488) 

atomic number (Z) the number of protons in a nucleus 
(p. 138) 

aufbau principle the theory that an atom is “built up” by 
the addition of electrons, which fill orhitals starting at 
the lowest available energy orbital before filling higher 
energy orbitals (for example. Is before 2s) (p. 162) 
autoionization of water the transfer of a hydrogen ion 
from one water molecule to another (p. 499) 
average reaction rate the change in reactant or product 
concentration over a given time interval (p. 347) 


base ionization constant (Kb) the equilibrium constant 
for the ionization of a base; also called the base 
dissociation constant (p. 498) 
battery a group of two or more galvanic cells connected in 
series (p. 649) 

biological catalyst a catalyst made by a living system 
(p. 364) 

bond dissociation energy the energy required to break a 
given chemical bond (p. 307) 
bonding electron pair an electron pair that is involved in 
bonding, found in the space between 2 atoms (p. 195) 
Bose-Einstein condensate (BEC) a state of matter that 
consists of a collection of atoms near absolute zero; all 
the atoms have the lowest possible quantum energy 
state (p. 175) 

Bronsted-Lowry theory a theory stating that an acid is a 
hydrogen ion (proton) donor and a base is a hydrogen 
ion (proton) acceptor (p. 488) 
buckyball a spherical arrangement of carbon atoms that 
forms a hollow, cage-like structure (p. 252) 
buffer an aqueous solution containing a conjugate 

acid-base pair that maintains a nearly constant pH 
when an acid or base is added (p. 558) 
buffering capacity the ability of a buffer to resist changes 
in pH by reacting with added hydrogen ions or 
hydroxide ions (p. 566) 

burette a calibrated tube used to deliver variable known 
volumes of a liquid during a titration (p. 540) 
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calorimeter a device that is used to measure thermal 
energy changes during a chemical or physical change 
(p. 293) 

calorimetry the experimental process of measuring the 
thermal energy change during a chemical or physical 
change (p. 293) 

capillary action the spontaneous rising of a liquid in a 
narrow tube (p. 245) 

carbohydrate a polymer food source and structural 
material for plants with the empirical formula 
C,(Hp),(p. 101) 

carbon nanotube a solid made of carbon atoms similar to 
graphite rolled into a cylinder (p. 252) 
carbonyl group a carbon atom double-bonded to an 
oxygen atom, found in organic compounds such as 
aldehydes and ketones (p. 40) 
carboxyl group a carhon atom that is double-bonded to 
1 oxygen atom and single-bonded to a hydroxyl 
group (p. 47) 

carboxylic acid a weak organic acid containing at least one 
carboxyl group (p. 47) 

catalyst a substance that alters the rate of a chemical 
reaction without itself being permanently changed 
(p. 364) 

cathode the electrode where reduction occurs (p. 638) 
cathodic protection a form of corrosion prevention in 
which electrons are continually supplied to the metal 
that is being protected, making the metal a cathode 

(p. 660) 

cell a system in which two connected electrodes are in 
contact with an electrolyte (p. 636) 
cell potential the electric potential difference (voltage) 
between the two half-cells in a galvanic cell; the SI unit 
is the volt, and the unit symbol is V (1 V = 1J/C) 

(p. 642) 

chemical equilibrium the state of a reaction in which 
all reactants and products have reached constant 
concentrations in a closed system (p. 420) 
chemical kinetics the area of chemistry that deals with 
rates of reaction (p. 346) 

chemical system a group of reactants and products being 
studied (p. 287) 

c/s isomer a stereoisomer in which the groups of interest 
are located on the same side of a double bond (p. 22) 
closed system a system in which energy can enter and 
leave the system, but matter cannot (p. 287) 
coal slurry a suspension of pulverized coal in water 
(p. 327) 

collision theory the theory that chemical reactions can 
occur only if reactants collide with proper orientation 


and with enough kinetic energy to break reactant 
bonds and form product bonds (p. 366) 
common ion effect a reduction in the solubility of an ionic 
compound due to the presence of a common ion in 
solution (p. 469) 

complete combustion a chemical reaction in which a 
compound reacts with oxygen, O 2 ; if the compound is 
a hydrocarbon, the products of the reaction are carbon 
dioxide, water, and thermal energy (p. 15) 
composite material a material composed of two or more 
distinct materials that remain separate from each 
other in the solid phase (p. 248) 
condensation polymer a very long organic molecule 
formed as a result of condensation reactions 
between monomers with two functional groups 
(p. 95) 

condensation reaction a chemical reaction in which two 
molecules combine to form a larger molecule and a 
small molecule, such as water (p. 37) 
conjugate acid the substance that forms when a base, 
according to the Bronsted-Lowry theory, accepts a 
hydrogen ion (proton) (p. 490) 
conjugate acid-base pair two substances related to 

each other by the donating and accepting of a single 
hydrogen ion (p. 490) 

conjugate base the substance that forms when an acid 
loses a hydrogen ion (proton) (p. 490) 
continuous spectrum an emission spectrum that contains 
all the wavelengths in a specific region of the 
electromagnetic spectrum (p. 144) 
coordinate covalent bond a covalent bond in which the 
electrons involved in bonding are from one atom 
(p. 204) 

copolymer a polymer made of two or more different types 
of monomers combined (p. 81) 
corrosion the deterioration of a metal by a redox reaction 
(p. 658) 

covalent bond a chemical bond in which atoms share the 
bonding electrons (p. 195) 

covalent network crystal a solid in which the atoms form 
covalent bonds in an interwoven network (p. 250) 
cyclic alkane a hydrocarbon in which the main structure 
consists of a chain of carbon atoms joined to form a 
closed ring (p. 9) 


dehydration reaction a reaction that involves the removal 
of a hydrogen atom and a hydroxyl group from the 
reactant, producing a slightly smaller molecule and 
water (p. 35) 

dipole a separation of positive and negative charges in a 
region in space (p. 219) 
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dipole-dipole force the intermolecular force that is caused 
when the dipoles of polar molecules position their 
positive and negative ends near each other (p. 239) 
DNA deoxyribonucleic acid; a polymer in the cell nucleus 
that stores and transmits genetic information (p. 104) 
duet rule the rule that precribes the complete outer shell of 
valence electrons when hydrogen and period 2 metals 
are involved in bonding (p. 196) 
dynamic equilibrium a balance between forward and 

reverse processes that are occurring simultaneously at 
equal rates (p. 420) 


efficiency the ratio of the energy output to the energy 
input of any system (p. 329) 

electrochemical cell a general term that is used to refer to 
both a galvanic cell and an electrolytic cell (p. 665) 
electrode a solid electrical conductor (p. 636) 
electrolysis the application of current through a cell to 
produce a chemical change (p. 663) 
electrolytic cell a cell that uses electrical energy to produce 
a chemical change that would not occur spontaneously 
(p. 663) 

electron a negatively charged subatomic particle (p. 134) 
electron configuration the location and number of 
electrons in the electron energy levels of an atom 
(p. 162) 

electron-pair repulsion the repulsive force that occurs 
between electron pairs, causing them to be positioned 
as far apart as possible in a molecule (p. 206) 
electron probability density the probability of finding 
an electron at a given location, derived from wave 
equations and used to determine the shapes of 
orbitals; also called electron probability distribution 
(p. 151) 

electron sea theory a theory that states that the electrons 
in a metallic crystal move freely around the positively 
charged nuclei (p. 249) 

electronegativity the ability of an atom in a molecule to 
attract shared electrons to itself (p. 218) 
elementary step a step involving a one-, two-, or three- 
entity collision that cannot be explained by simpler 
reactions (p. 383) 

emission spectrum the spectrum of electromagnetic 

radiation emitted by an atom; results when an atom is 
returned to a lower energy state from a higher energy 
state (p. 144) 

endothermic absorbing energy from the surroundings (p. 288) 
endpoint the point in a titration at which a sharp change 
in a measurable and characteristic property occurs (for 
example, a colour change in an acid-base indicator) 

(p. 540) 


energy the ability to do work; SI units joules (J) (p. 286) 
energy-level diagram (orbital diagram) a diagram that 
represents the relative energies of the electrons in an 
atom (p. 163) 

enthalpy (H) the total amount of thermal energy in a 
substance (p. 298) 

enthalpy change (AH) the energy released to or absorbed 
from the surroundings during a chemical or physical 
change (p. 298) 

equilibrium constant (K) a constant numerical value 

defining the equilibrium law for a given system; units 
are not included when giving the value of K (p. 429) 
equilibrium law the mathematical description of a 
chemical system at equilibrium (p. 429) 
equilibrium position the relative concentrations of 
reactants and products in a system in dynamic 
equilibrium (p. 421) 

equilibrium shift a change in concentrations of reactants 
and products in order to restore an equilibrium state 
(p. 439) 

equivalence point the point in a titration when 
neutralization is complete (p. 540) 
ester an organic compound that contains a carbonyl group 
bonded to a second oxygen atom which is bonded to 
another carbon atom (p. 49) 

esterification the reaction of a carboxylic acid and alcohol 
to form an ester and water (p. 51) 
ether an organic compound containing an oxygen atom 
between 2 carbon atoms in a chain (p. 37) 
exothermic releasing energy to the surroundings (p. 288) 

F 

fatty acid a long-chain carboxylic acid (p. 53) 
ferromagnetism the very strong magnetism commonly 
exhibited by materials that contain nickel, iron, and 
cobalt; applies to a collection of atoms (p. 171) 
fission the process of using a neutron to split a nucleus of 
high atomic mass into two nuclei with smaller masses 
(p. 289) 

fuel cell a galvanic cell for which the reactants are 
continuously supplied (p. 652) 
functional group a group of atoms within a molecule 
that determines the properties of the molecule 
(p. 23) 

fusion the process of combining two or more nuclei of low 
atomic mass to form a heavier, more stable nucleus 
(p. 289) 


galvanic cell an arrangement of two connected half-cells 
that spontaneously produces electric current 
(p. 638) 
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galvanizing the process in which steel is coated with a thin 
layer of zinc to protect the steel from corrosion (p. 660) 
ground state the lowest energy state for an atom (p. 146) 

H 

half-cell an electrode and an electrolyte that form half of a 
complete cell (p. 636) 

half-reaction equation the part of an oxidation-reduction 
reaction equation representing either the oxidation 
reaction or the reduction reaction (p. 600) 
heat the transfer of thermal energy from a warm object to 
a cooler object (p. 287) 

Heisenberg’s uncertainty principle the idea that it is 

impossible to know the exact position and speed of an 
electron at a given time (p. 150) 

Hess’s law the enthalpy change for the conversion of 
reactants to products is the same whether the 
conversion occurs in one step or in several steps 
(p. 314) 

heterogeneous catalyst a catalyst in a reaction in which 
the reactants and the catalyst are in different physical 
states (p. 364) 

heterogeneous equilibrium a chemical equilibrium system in 
which the reactants and products are present in at least 
two different states, such as gases and solids (p. 433) 
homogeneous catalyst a catalyst in a reaction in which 
the reactants and the catalyst are in the same physical 
state (p. 364) 

homogeneous equilibrium a chemical equilibrium system 
in which all reactants and products are in the same 
state of matter, such as the gas state (p. 433) 
homopolymer a polymer of a single type of monomer (p. 80) 
Hund’s rule a rule stating that in a particular set of orbitals 
of the same energy, the lowest energy configuration 
for an atom is the one with the maximum number 
of unpaired electrons allowed by the Pauli exclusion 
principle; unpaired electrons are represented as having 
parallel spins (p. 164) 

hybrid orbital an orbital that forms from the combination 
of at least two different orbitals (p. 233) 
hybridization the process of forming hybrid orbitals from the 
combination of at least two different orbitals (p. 233) 
hydrocarbon a compound containing only carbon and 
hydrogen atoms (p. 8) 

hydrogen bond the strong dipole-dipole force that 
occurs when a hydrogen atom bonded to a highly 
electronegative atom (oxygen, nitrogen, or fluorine) 
is attracted to a partially negative atom on a nearby 
molecule (p. 240) 

hydrogen bonding a strong dipole-dipole force between 
a hydrogen atom attached to a highly electronegative 
atom (N, O, or F) in one molecule and a highly 
electronegative atom in another molecule (p. 35) 


hydrolysis (1) the breaking of a covalent bond in a 
molecule by the addition of the elements of water 
(hydrogen and oxygen); the splitting of an ester into 
carboxylic acid and alcohol components (p. 51); 

(2) a chemical reaction of an ion with water to 
produce an acidic or basic solution by the production 
of hydronium or hydroxide ions (p. 532) 
hydronium ion a water molecule that has accepted a 
hydrogen ion, HjO'*' (p. 489) 


ideal gas a hypothetical gas composed of entities that have 
no size, travel in straight lines, and have no attraction 
to each other (no intermolecular forces); a gas that 
obeys all gas laws (p. 443) 

impressed current a form of cathodic protection in which 
electrons from a DC power source are pumped into 
the metal that is being protected (p. 661) 
initial rate the rate determined just after the reaction 
begins (just after t = 0 s) (p. 376) 
instantaneous concentrations concentrations that occur 
together at a particular instant in time in the progress 
of a chemical reaction (p. 450) 
instantaneous reaction rate the rate of a chemical reaction 
at a single point in time (p. 353) 
intermolecular force a force that causes one molecule 
to interact with another molecule; occurs between 
molecules (p. 239) 

intramolecular bond the chemical bond within a molecule 
(p. 239) 

ion-product constant for water (KJ the equilibrium 
constant for the autoionization of water (p. 500) 
ionic bond the electrostatic attraction between oppositely 
charged ions (p. 194) 

isoelectronic having the same number of electrons per 
atom, ion, or molecule (p. 195) 
isolated system an ideal system in which neither matter 
nor energy can move in or out (p. 287) 
isotopes atoms with the same number of protons but 
different numbers of neutrons (p. 138) 


ketone an organic compound that contains a carbonyl 
group bonded to 2 carbon atoms (p. 40) 
kinetic energy the energy of an object due to its motion 
(p. 286) 


laser (light amplification by stimulated emission of 
radiation) a device that produces light of a single 
colour with all waves travelling parallel to each other 
(p. 174) 
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Law of Conservation of Energy energy cannot be created 
or destroyed (p. 287) 

Le Chatelier’s principle a generalization that states that 
chemical systems at equilibrium shift to restore 
equilibrium when a change occurs that disturbs the 
equilibrium (p. 439) 

Lewis structure a diagram that represents the arrangement 
of covalent electrons and bonds in a molecule or 
polyatomic ion (p. 196) 

line spectrum an emission spectrum that contains only 
those wavelengths characteristic of the element being 
studied (p. 144) 

lipid a class of organic compound that includes fats and 
oils (p. 53) 

London dispersion forces the intermolecular forces that 
exist in non-polar molecules; they increase as the 
molecular mass increases (p. 242) 
lone electron pair a pair of valence electrons that is 

localized to a given atom but not involved in bonding 
(p- 197) 

M 

magnetic quantum number (m,) the quantum number 
that describes the orientation of an atomic orbital in 
space relative to the other orbitals in the atom, with 
whole-numher values between +l and —I, including 0 
(p. 154) 

magnetic resonance imaging (MRI) a medical tool in 
which magnetic fields interact with atoms in the 
human body, producing images that doctors can use 
to diagnose injuries and diseases (p. 175) 
Markovnikov’s rule the rule for predicting the products 
of addition reactions: when a hydrogen halide or 
water is added to an alkene, the hydrogen atom 
generally bonds to the carbon atom within the double 
bond that already has more hydrogen atoms bonded 
to it (p. 25) 

mass number {fi] the total number of protons and 
neutrons in a nucleus (p. 138) 
metallic bonding the bonding that holds the nuclei and 
electrons of metals together (p. 249) 
metallic crystal a solid with closely packed atoms held 
together by electrostatic interactions and free-moving 
electrons (p. 249) 

molar enthalpy change (AHJ the enthalpy change 

associated with a physical, chemical, or nuclear change 
involving 1 mol of a substance; SI units J/mol (p. 299) 
molecular crystal a solid composed of individual 

molecules held together by intermolecular forces of 
attraction (p. 250) 

monomer one of the repeating small molecules that make 
up polymers (p. 80) 


monoprotic acid an acid that possesses only one ionizable 
(acidic) hydrogen atom (p. 521) 
monosaccharide an aldehyde or ketone with 5 or 6 carbon 
atoms and many hydroxyl groups; a simple sugar that 
is the monomer of a carbohydrate (p. 101) 

N 

neutron an electrically neutral subatomic particle (p. 137) 
non-polar covalent bond a covalent bond in which the 
electrons are shared equally between atoms (p. 217) 
non-polar molecule a molecule that has only non-polar 
bonds, or a bond dipole sum of zero (p. 225) 
nucleic acid the polymer molecules that make up DNA 
and RNA (p. 104) 

nucleotide an ester created when the DNA or RNA base 
combines with phosphoric acid (p. 104) 
nucleus the dense centre of an atom with a positive charge 
(p. 137) 


octet rule the observation that many atoms tend to form 
the most stable substances when they are surrounded 
by 8 electrons in their valence shells (p. 196) 
open system a system in which both matter and energy 
are free to enter and leave the system (p. 287) 
orbital the region around the nucleus where an electron 
has a high probahility of being found (p. 150) 
order of reaction the exponent used to describe the 
relationship between the initial concentration of a 
particular reactant and the rate of the reaction (p. 375) 
organic acid an acid (except carbonic acid, H 2 C 03 (aq)) 
containing carbon, oxygen, and hydrogen atoms; also 
called carboxylic acid (p. 497) 
organic base an organic compound that increases the 
concentration of hydroxide ions in aqueous solution 
(p. 499) 

organic compound a molecular compound of carbon, not 
including CO(g), C02(g), and HCN(g) (p. 8) 
oxidation the process in which one or more electrons is 
lost by a chemical entity (p. 600) 
oxidation number a number used to keep track of 

electrons in oxidation-reduction reactions according 
to certain rules; also known as oxidation state 
(p. 602) 

oxidation-reduction (redox) reaction the reaction in 

which one or more electrons are transferred between 
chemical entities (p. 600) 

oxidizing agent the reactant that is reduced (gains 
electrons from another substance) during an 
oxidation-reduction reaction (p. 605) 
oxyacid an acid in which the acidic hydrogen atom is 
attached to an oxygen atom (p. 496) 
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p 

paramagnetism the weak attraction of a substance to a 
magnet; applies to individual atoms (p. 171) 
partial pressure the pressure that a gas, in a mixture of 
gases, would exert if it alone occupied the whole 
volume occupied by the mixture (p. 443) 

Pauli exclusion principle the principle that no two 
electrons in the same atom can be in the same 
quantum state (p. 157) 

peptide two or more amino acids linked together (p. 102) 
percentage ionization the percentage of a solute that 
ionizes when it dissolves in a solvent (p. 514) 
pH the negative logarithm of the concentration of 
hydrogen ions in an aqueous solution (p. 502) 
pH curve a graph of pH plotted against volume of titrant 
added in an acid-base titration; titration curve 
(p. 544) 

pH meter a device that measures the acidity or alkalinity 
of a solution electronically and displays the result as a 
pH value (p. 505) 

phenyl group a benzene ring (minus 1 hydrogen atom) that 
behaves as a substituent in an organic compound (p. 28) 
photoelectric effect electrons are emitted by matter that 
absorbs energy from shortwave electromagnetic 
radiation (for example, visible or UV light) (p. 139) 
photon a unit of light energy (p. 141) 
pi (it) bond a bond that is formed when the sides of the 
lobes of two orbitals overlap (p. 235) 
plastic a synthetic substance that can be moulded (often 
under heat and pressure) and that then retains its 
given shape (p. 88) 

pOH the negative logarithm of the concentration of 
hydroxide ions in an aqueous solution (p. 502) 
polar covalent bond a covalent bond in which the electrons 
are not shared equally because 1 atom attracts them 
more strongly than the other atom (p. 217) 
polar molecule a molecule that has a net dipole (p. 225) 
polarizability the ability of a substance to form a dipolar 
charge distribution (p. 243) 

polyamide a polymer formed by condensation reactions 
resulting in amide linkages between monomers (p. 96) 
polyester a polymer formed by a condensation reaction 
that results in ester linkages between monomers 
(p. 95) 

polymer a large, usually chain-like molecule that is built 
from small molecules (p. 80) 
polyprotic acid an acid that possesses more than one 
ionizable (acidic) hydrogen atom (p. 521) 
polysaccharide a large polymer consisting of many 

monosaccharides; can form when each ring forms two 
glycosidic bonds (p. 101) 


potential energy the energy of a body or system due to its 
position or composition (p. 286) 
potential energy diagram a graphical representation of 
the energy transferred during a physical or a chemical 
change (p. 302) 

primary alcohol an alcohol in which the hydroxyl group is 
bonded to a terminal carbon atom (p. 32) 
primary cell a cell that cannot be recharged (p. 649) 
primary standard a highly pure and stable chemical used 
to determine the precise concentration of acids or 
bases (p. 540) 

principal quantum number (n) the quantum number that 
describes the size and energy of an atomic orbital 
(p. 153) 

proton a positively charged subatomic particle (p. 137) 

Q 

quantum a unit or packet of energy (plural: quanta) 

(p. 140) 

quantum mechanical model a model for the atom based 
on quantum theory and the calculation of probabilities 
for the location of electrons (p. 151) 
quantum mechanics the application of quantum theory to 
explain the properties of matter, particularly electrons 
in atoms (p. 148) 

quantum numbers numbers that describe the quantum 
mechanical properties of orbitals; from the solutions 
to Schrodinger’s wave equation (p. 153) 


radioactivity the spontaneous decay or disintegration of 
the nucleus of an atom (p. 136) 
radioisotope an isotope that emits radioactive gamma rays 
and/or subatomic particles (for example, alpha and/or 
beta particles) (p. 138) 

rate constant a constant determined empirically that is 
unique for a single reaction at a specified temperature 
(p. 375) 

rate-determining step the step in a reaction mechanism 
that determines the rate of the overall reaction; the 
slowest step in a reaction mechanism (p. 383) 
rate law the mathematical expression that allows the 
calculation of reaction rate as a function of the 
reactant concentration (p. 375) 
rate law equation the relationship among rate, the rate 
constant, the initial concentrations of reactants, and 
the orders of reaction with respect to the reactants 
(p. 375) 

reaction intermediate an entity that is neither a reactant 
nor a product but is formed and consumed during the 
reaction sequence (p. 383) 

reaction mechanism a series of elementary steps by which 
a chemical reaction occurs (p. 383) 
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reaction quotient (Q) the product of the concentrations 
of the products, divided by the product of the 
concentrations of the reactants, for a chemical reaction 
that is not necessarily at equilibrium (p. 449) 
reaction rate the change in concentration of a reactant or a 
product of a chemical reaction per unit time (p. 346) 
redox tabie a table listing standard reduction potentials 
of common oxidizing agents and reducing agents in 
order from strongest to weakest; standard reduction 
potentials table (p. 620) 

reducing agent the reactant that is oxidized (loses 

electrons to another substance) during an oxidation- 
reduction reaction (p. 605) 

reduction the process in which one or more electrons is 
gained by a chemical entity (p. 600) 
representative elements those elements in the main 

blocks of the periodic table, which are Groups 1 to 18 
(the s and p blocks) (p. 169) 

reversibie reaction a chemical reaction that proceeds in 
both the forward and reverse directions, setting up an 
equilibrium in a closed system (p. 421) 

RNA ribonucleic acid; a polymer in the cell cytoplasm that 
stores and transmits genetic information (p. 104) 


sacrificial anode a form of cathodic protection in which 
the oxidation of a more active metal that is attached 
to the steel prevents the iron in the steel from being 
oxidized (p. 661) 

salt bridge a tube that contains an electrolyte solution and 
connects the two half-cells in a galvanic cell (p. 637) 
sampie the solution being analyzed in a titration (p. 540) 
saponification the process of making soap by heating fats 
or oils with a strong base (p. 54) 
saturated hydrocarbon a hydrocarbon with only single 
covalent bonds between its carbon atoms (p. 8) 
secondary aicohol an alcohol in which the hydroxyl group 
is bonded to a carbon atom with two alkyl groups 
bonded to it (p. 32) 

secondary cell a cell that can be recharged by being 
attached to an external source of electrical energy; 
recharging reverses the chemical reaction that 
generates the electrical energy (p. 650) 
secondary quantum number (/) the quantum number that 
describes the shape and energy of an atomic orbital, 
with whole-number values from 0 to n — 1 for each 
value of n (p. 154) 

semiconductor a substance that conducts a slight electric 
current at room temperature but has increasing 
conductivity at higher temperatures (p. 252) 
sheii an atom’s main energy level, where the shell 

number is given by the principal quantum number, 
n = 1,2, 3, ... (p. 153) 


sigma (cr) bond a bond that is formed when the lobes of 
two orbitals directly overlap end to end (p. 235) 
simplified Lewis structure a Lewis structure in which 
bonding electron pairs are represented by solid lines 
and lone electron pairs by dots (p. 200) 
soiubility the quantity of solute that dissolves in a given 
quantity of solvent at a particular temperature; the 
concentration of a saturated solution at a particular 
temperature (p. 460) 

soiubility equiiibrium a dynamic equilibrium between a 
solute and a solvent in a saturated solution in a closed 
system (p. 461) 

soiubility product constant (K^p) the value obtained from 
the equilibrium law applied to a saturated solution 
(p. 461) 

space-filling model a model of a molecule showing 
the relative sizes of the atoms and their relative 
orientations (p. 201) 

specific heat capacity (c) the quantity of thermal energy 
required to raise the temperature of 1 g of a substance 
by 1 °C; SI units J/(g-°C) (p. 292) 
spectroscopy the analysis of spectra to determine 
properties of their source (p. 143) 
spin quantum number {m^ the quantum number that 
relates to the spin of the electron; limited to +| or 
-k (p. 157) 

standard cell a galvanic cell in which all the entities 

involved in the half-cell reactions are at SATP and the 
solutions have a concentration of 1.0 mol/L (p. 643) 
standard cell potential (A£°r ,cbii)) the electric potential 
difference of a galvanic cell that is operating under 
standard conditions (p. 643) 
standard enthalpy of formation (AH,°) the change in 
enthalpy that accompanies the formation of 1 mol of 
a compound from its elements in their standard states 
(p. 319) 

standard hydrogen haif-celi the galvanic cell from which 
all the half-cell potentials are determined; = 0 V 
(by definition) (p. 643) 

standard reduction potential (£°r) the ability of a half-cell 
to attract electrons in a cell that is operating under 
standard conditions (p. 643) 
standard solution a solution whose concentration is 
accurately and precisely known (p. 540) 
standard state the most stable form of a substance under 
standard conditions, 25 °C and 100 kPa (p. 319) 
stereoisomers molecules that have the same chemical 
formula and structural backbone, but with a different 
arrangement of atoms in space (p. 22) 
strong acid an acid that ionizes almost 100 % in water, 
producing hydrogen ions (p. 495) 
strong base a base that dissociates completely in water, 
producing hydroxide ions (p. 497) 
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structural isomer a compound that has the same 
molecular formula as another compound, hut a 
different structure (p. 10) 

subshells orbitals of different shapes and energies, as given 
by the secondary quantum number; often referred to 
as s,p, d, and/(p. 153) 

substituent group an atom or group that replaces a 
hydrogen atom in an organic compound (p. 10) 

surface tension the resistance of a liquid to increase its 
surface area (p. 245) 

surroundings all the matter that is not part of the system 
(p. 287) 

syngas a synthetic fuel produced from the gasification of 
coal (p. 327) 


temperature a measure of the average kinetic energy of the 
entities in a substance (p. 287) 
tertiary alcohol an alcohol in which the hydroxyl group 
is bonded to a carbon atom with three alkyl groups 
bonded to it (p. 32) 

thermal energy the total quantity of kinetic and potential 
energy in a substance (p. 287) 
thermochemistry the study of the energy changes that 
accompany physical or chemical changes in matter 
(p. 286) 

thiol an organic compound that contains the sulfhydryl 
(-SH) group (p. 38) 

three-dimensional structure the three-dimensional 
arrangement of atoms in a molecule (p. 206) 
titrant the solution in a burette during a titration (p. 540) 
titration the addition of precise volumes of a solution in 
a burette to a measured volume of a sample solution; 
often used to determine the concentration of a 
substance in the sample (p. 540) 
total order of reaction the sum of the exponents in the rate 
law equation (p. 375) 

trans isomer a stereoisomer in which the groups of 

interest are located on opposite sides of a double bond 
(p. 22) 

transition the movement of an electron from one energy 
level to another (p. 146) 


transition metal an element whose highest-energy 
electrons are in d orbitals (p. 167) 
trial ion product (Q) the product of the concentrations of 
ions in a specific solution raised to powers equal to 
their coefficients in the balanced chemical equation; 
can be used to predict the formation of a precipitate 
(p. 466) 

triglyceride an ester formed from long-chain fatty acids 
and glycerol (p. 53) 


unsaturated hydrocarbon an organic compound, 

consisting of carbon and hydrogen, with one or more 
double or triple bonds joining pairs of carbon atoms 
within the molecules (p. 18) 


valence bond theory a theory stating that atomic orbitals 
overlap to form a new orbital with a pair of opposite- 
spin electrons (p. 231) 

valence electron an electron in the outermost principal 
quantum level of an atom (p. 167) 
valence shell electron-pair repulsion (VSEPR) theory 
a method to determine the geometry of a molecule 
based on the idea that electron pairs are as far apart as 
possible (p. 206) 

van der Waals forces many types of intermolecular forces, 
including dipole-dipole forces, London dispersion 
forces, and hydrogen bonding (p. 239) 
viscosity the measure of a liquids resistance to flow 
(p. 246) 


wave function the mathematical probability of finding an 
electron in a certain region of space (p. 151) 
weak acid an acid that only partly ionizes in water, 
producing hydrogen ions (p. 495) 
weak base a base that only partially reacts with water to 
produce hydroxide ions (p. 498) 
work the amount of energy transferred by a force over a 
distance; SI units joules (J) (p. 286) 
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A 

Absolute zero temperature, 175 
Accuracy, 716 
Acetic acid, 47, 48 
Acetone (propanone), 40, 44 
Acetylene (ethyne), 18, 236-37, 307, 311 
Acid-base equilibrium, 486. See also Acids 
and bases; Titrations 
Acid-base Indicators, 506, 555-56 
list of, 728 

pH ranges for common indicators, 556 
in use, 487, 540, 675 
Acidic buffers, 559-60, 562-63 
Acidic hydrogens, 521 
Acidic oxides, 538 
Acidic solutions, 512-25 

balancing redox reactions, 608, 
610-11,614-16 

and Bronsted-Lowry theory, 488-89 
pH and pOH of 503-4 
salts that produce, 534-37 
Acid ionization constant, 492-93, 496, 
500-501, 502 

for common acids, 726-27 
for polyprotic acids, 521-22 
in salt solutions, compared to base 
ionization constant, 536 
for weak acid solutions, 515, 516-21 
for weak basic solutions, 527-29 
Acid ionization constant equation, 

492-93 

Acid rain/precipitation, 319, 326, 347, 

486, 497, 538 

Acids, 486, 488. See also Strong acids; 
Weak acids 

amino (See Amino acids) 
carboxylic acids (See Carboxylic acids) 
naming conventions, 733-34 
polyprotic, 521-24, 727 
superacid research, 222 
Acids and bases, 486-87. See also Acids; 
Bases; Buffer systems 
Arrhenius theory of 488 
Br0nsted-Lowry theory of 488-92 
problem-solving strategy, 512 
properties of salt solutions, 531-39 
relative strengths and respective 
conjugates, 496, 501-2 
titration of (See Titrations) 

Actinide series, 169 
Activated complex, 367 
Activation energy, 367-71 
Activity series of metals, 732 
Addition polymers, 84, 85. See also 
Synthetic addition polymers 
Addition reactions, 23 
alcohol formation, 35, 36 
in alkenes and aUcynes, 23-26 


synthetic polymer formation, 80-81 
in unsaturated hydrocarbons, 30 
Additives m food, 568-69, 591 
Adenine, 104, 114 
Adhesive forces, 245-46 
Adrenaline (epinephrine), 56 
Airplane fuel consumption, 248 
Airplane graveyard, 659 
Air pollution, 116, 319. See also Greenhouse 

Alanine amino acid, 102, 103 
Alcoholic beverages, 32, 35 
Alcohols, 32-37, 63 

from hydration reaction, 25 
oxidation of, 43-44, 45 
Aldehydes, 40-46 
Alginate polymer, 79 
Aliphatic hydrocarbon, 18 
Alkaline dry cells, 642, 650 
Alkaline earth hydroxides, 497 
Alkalis, 488. See also Bases 
Alkaloids, 499 
Alkanes, 8-17, 49 
Alkenes, 18-27 
Alkyd resins, 106, 116 
Alkyl group, 10 
Alkyl halides, 16, 60 
Alkynes, 18-27 
Alloying, 660, 668 
Alpha particle, 136, 137 
Altered universe, 268-69 
Alternative energy sources, 327-29 
Aluminum, 171, 667-68 
Aluminum chloride, 204, 598 
Aluminum oxide (alumina), 598, 658, 667 
Aluminum sulfate, 462 
Amide linkages in condensation polymers, 
95-96 

Amides, 59-62 
Amines, 56-58, 60-62 
Amino acids, 81, 102-3 
Ammonia 

in acid-base reactions, 489, 498, 527 
decomposition of 426, 431 
industrial production of 437-38 
polarity of 227 
structure of 208 

synthesis of 424, 430, 450, 451, 484 
in synthesis of amine and amide, 56, 60-61 
in valence bond theory, 232 
Ammonium carbonate (smelling salts), 446 
Ammonium chloride crystals, 491, 534 
Ammonium hydroxide, 467-68 
Ammonium ion, molecular shape, 211 
Ammonium perchlorate, 598 
Amorphous solid, 279 
Amphiprotic (amphoteric) ions, 491-92, 537 
Amplification of photons, 174 
Aniline, 56, 57 


Anions, 638, 731 
Anode, 638, 642, 649 
Anodic regions, corrosion of iron, 659 
Antacid medicines, 497, 573, 582 
Antioxidants, 127 

Appearance of product in reactions, 

346, 349, 352-53, 354-55 
Aqua regia, 682 
Aqueous solutions 
electrolysis of 666 

pH and pOH in neutral solutions, 503 
precipitation predictions, 464-68 
redox reactions in, 608 
Aromatic alcohols, 33 
Aromatic ammes, 56 
Aromatic carboxylic acid, 47 
Aromatic halides, 28 
Aromatic hydrocarbons, 28-31 
Aromatic R groups, amino acids, 103 
Arrhenius, Svante, 488 
Arrhenius theory of acids and bases, 488 
Artificial photosynthesis, 281 
Ascorbic acid (vitamin C), 47, 267, 522-24 
Aspartame, 558 

Aspirin (ASA, acetylsalicylic acid), 77, 495 

Atomic number, 138, 162, 289 

Atomic orbitals. See Orbitals 

Atomic spectrum, 143-45 

Atomic structure and periodic table, 160-72 

Atomic theories 

Bohr model of atom, 145-46, 160 
early developments, 134-38 
origins of quantum theory, 134-42, 143 
quantum mechanical model of atom, 148-52 
Atoms, 132, 137-38, 160-62 
Atropine, 3, 486 

Aufbau principle, 162-65, 167-68 
Auto-injection syringes, 56 
Autoionization of water, 499-500, 512, 526 
Average reaction rates, 347-53 

B 

Baby diapers, 99 
Back titration, 573 
Bacteria and illness 
botulism, 591 

Escherichia coli (E. coli), 569 
Baekeland, Leo Hendrik, 82 
Bakelite, 82, 102 

Balancing redox reaction equations, 

608-17 

half-reactions method, 614-16 
oxidation numbers method, 608-14 
Ball-and-stick model of compounds, 8-9 
Balloon model of electron repulsion, 210 
Banknotes of synthetic polymers, 88 
Barium hydroxide, 526 
Barium sulfate, 460 
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Base ionization constant, 498, 500-501, 502 
in salt solutions, compared to acid 
ionization constant, 536 
for weak bases, 527-29, 727 
Bases, 486, 488. See also Acids and bases; 

Strong bases; Weak bases 
BASF, chemical company, 437-38 
Basic buffers, 560, 563-65 
Basic oxides, 538 
Basic solutions, 526-30 

balancing redox reactions, 608, 611-13 
and Bronsted-Lowry theory, 489 
pH and pOH of, 503-4 
salts that produce, 531-34 
Batteries, 649. See also Galvanic cells 
alkaline dry cells, 642, 650 
cradle to grave analysis, 683 
from frog leg experiments, 634 
fuel cells, 652-53, 655 
lead storage, 651-52 
lithium-ion cell, 595, 652, 655 
nickel metal hydride, 654 
Bauxite ore, 667 
Becquerel, Henri, 136, 138 
Bees, 206 

Bends (decompression sickness), 485 
Bent structure, 208, 209 
Benzene, 28, 230, 237 
Benzoic acid, 47, 497 
Beryllium, 163 

Beryllium chloride, 202, 206-7 

Beryllium hybrid orbitals, 233-34 

Beta particle, 136 

BHA phenol, 127 

BHT phenol, 127, 365 

Biaxially oriented polypropene (BOPP), 88 

Binary acids, naming conventions, 733 

Binary molecular compounds, 733 

Biodegradable polymers, 98 

Biofuels, 328-29, 402-3 

Biological catalysts (biocatalysts), 

364, 373-74, 412 

Biological processes and Le Chatelier’s 
principle, 442 
Bisphenol-A, 31 
Blackbodies, 140 
Bleach. See Sodium hypochlorite 
Blueberry mufiin model of atoms, 135, 136 
Bohr, Niels, 145, 153 
Bohr model of atom, 145-46 
Bohr-Rutherford diagrams, 146, 160 
Boiling points. See also Properties, of 
organic compounds 
of amine isomers, 58 
of first ten straight-chain alkanes, 15 
and intermolecular forces, 240-41, 
243-44, 258 

Bond dissociation energy, 307 
Bond energies, 307-13 
Bonding, hybridization, 230-38 
Bonding electron pair, 195 
Bonding theory hy Lewis, 196-200 


Bond polarity, 217-21, 228 
molecular polarity, 224-29 
Bonds/bonding 
chemical, 194-205 

covalent (See Covalent bonds/bonding) 
hydrogen, 35, 103, 239-42, 257 
ionic, 194-95, 220 
multiple (See Multiple bonds) 

Bond theory 
valence, 231-32 
VSEPR (See VSEPR theory) 

Borane, 234 
Boron, 163 

Boron trifluoride, 200, 207 

Bosch, Carl, 438, 439 

Bose, Satyendra Nath, 174-75 

Bose-Einstein condensate (BEC), 174-75 

Boyles law, 443-44 

BPA, 83 

Breathalyzer test, 51, 693 
Bright-line spectra, 180-81 
Bromate, 378 

Bronsted, Johannes, 488-89 
Bronsted-Lowry theory of acids and bases, 
488-92, 498, 500 
Buckminster Fuller, Richard, 252 
Buckyball, 177, 251-52 
Buffer, 558 

Buffering capacity, 566 
Buffer systems, 558-67, 568-69, 572 
acidic buffers, 559-60, 562-63 
basic buffers, 560, 563-65 
and equilibria, 565-66 
how buffers work, 560-61 
Buffer zone, 559 
Bunsen, Robert, 144 
Burette, 540 

Butadiene (butane-l,3-diene), 85, 89 
Butane, 9, 10, 15 
Butane-l,4-diamine, 97 
Butanediol, 34 
Butanoic acid, 51-52, 60 
Butanol, reactions of three isomers, 64 
But-2-ene. 86 
Butyl ethanoate, 50 

c 

Cadaverine (pentane-1,5-diamine), 56, 57 
Cadmium, 170 
Calcium, 166 

Calcium carbonate shell of molluscs, 459 

Calcium chloride, 472 

Calcium fluoride, 205 

Calcium hydroxide, 463, 476-77, 497 

Calcium oxide, 195, 433 

Calcium sulfate, 460, 472 

Calorimeter, 293 

Calorimetry, 293-97, 335 

Canadian Hazardous Products Act, 697 

Capillary action, 245-46 

Carbohydrates, 101, 412, 428 


Carhon, 6 

arranging atoms, 10, 250-52 
energy-level diagram, 164 
gasification of, 441-42 
isotopes, 138 
Carhon dioxide 

-carbonic acid equilibrium, 474, 475 
from combustion of fuels, 16,281,418,435 
molecular shape, 214-15 
oxidation numbers for, 603 
Carbonic acid 

blood pH and, 447 
formation from carbon dioxide in 
atmosphere, 418 
Carbon monoxide gas 

chemical reaction with water vapour, 
421-22 

and equilibrium concentrations, 455-56 
reaction to produce carbon dioxide, 

435, 453-54 

Carbon nanotubes, 129, 177, 252 
Carbon neutral fuel, 281 
Carbon tetrachloride, 211 
Carbon tetrafluoride gas, 205 
Carbonyl group, 40 
Carboxyl group, 47 

Carboxylic acids, 47-49, 51-52, 61, 65-66 
in acid-base equilibrium, 497, 559 
Carcinogens, 28, 30, 56. See also Health 
concerns 

Career pathways, 719 
Careers 

allergist, 574 

analytical process chemist, 574 
apphed science policy consultant, 336 
architectural technologist, 478 
automotive engineer, 70 
automotive power researcher, 676 
biochemical engineer, 626 
biochemist, 108, 574 
biomedical engineer, 626 
biomedical technology researcher, 108 
biotechnology researcher, 626 
cardiologist, 394 
catalytic chemist, 394 
ceramics engineer, 676 
chemical analytical technician, 574 
chemical engineer, 478 
chemical engineering technologist, 336 
chemical process operator, 70 
chemical safety consultant, 626 
chemical technologist, 478 
chemist, 336 
chemistry professor, 626 
chemistry teacher, 70, 184, 336 
chemistry technician, 478 
circuit design engineer, 676 
climatologist, 478 
clinical geneticist, 108 
colloid and surface sales manager, 394 
consumer safety officer, 626 
dietitian, 574 


758 Index 




Careers (continued) 

electrical energy engineer, 676 
electrical engineer, 626 
electrician, 676 
electrochemist, 676 
electroplating technician, 676 
emission control technician, 626 
endocrinologist, 574 
environmental assessment project 
manager, 478 

environmental chemist, 70 
environmental engineer, 394 
environmental technician, 574 
explosives technician, 394 
fluid dynamics scientist, 260 
food chemist, 70 
food technologist, 574 
fuel cell technology researcher, 676 
fusion research physicist, 676 
gastrologist, 394 
geneticist, 108 
health food advocate, 574 
hydrometeorologist, 336 
industrial engineer, 394 
industrial hygiene technician, 336 
lab technologist, 70 
materials scientist, 108 
materials engineer, 108 
medical physicist, 676 
metallurgist, 626 
meteorological technologist, 336 
MRI technician, 184 
NMR spectroscopist, 260 
nuclear chemist, 184 
nuclear engineer, 336 
nuclear physicist, 478 
organic chemistry professor, 70 
paint chemistry technician, 108 
patent lawyer, 108 
petroleum engineer, 70 
pharmaceutical researcher, 394 
pharmaceutical sales manager, 394 
pharmacy assistant, 394 
photovoltaic scientist, 626 
plastics chemist, 70 
polymer chemist, 108 
product testing technician, 108 
pubhc health advocate, 574 
pulp and paper chemist, 394 
quality control specialist, 676 
science teacher, 478, 626 
semiconductor engineer, 260 
statistician, 336 
structural engineer, 108 
supermarket manager, 574 
textile chemist, 70 
thermochemist, 478 
waste management engineer, 394 
water quality technologist, 336 
water treatment technician, 626 
welder, 478 

X-ray crystallographer, 260 


Carothers, Wallace H., 82,100 
Catalysts, 364 

in ammonia gas production, 437-38 
biocatalysts, 364, 373-74, 412 
changing equilibrium system without 
affecting equilibrium position, 444-45 
evaluating for production of cellulose for 
biofuel, 402-3 

presence in reactions, 364, 371, 391 
CAT (computerized axial tomography) 
scans, 175 

Cathode, 638, 642, 649 
Cathode ray tube, 134-35 
Cathodic protection, 660 
Cathodic regions, corrosion of iron, 659 
Cations, 619, 638, 731 
Cell potential, 642-43, 673-74 
Cell reactions and equations in galvanic 
cells, 639 

Cells, 636, 649-50. See also Galvanic cells 
Cells and batteries, 649-54, 655. See also 
Batteries 
Celluloid, 82 

Cellulose, 81,101-2, 402-3 
Cellulosic ethanol, 101 
Cesium, 144 

CFCs (chlorofluorocarbons; Freons), 16, 310 
Chadwick, James, 137 
Charged R groups, amino acids, 103 
Charge-to-mass ratio of electron, 135 
Chemical bonding, 192-93 
Chemical bonds, 194-205 
Chemical energy, transforming into 
electrical energy, 636-37 
Chemical equilibrium, 418, 420. See also 
Equilibria 

Chemical kinetics, 344-45, 346, 373-74 
Chemical nature of reactants, 362, 369-70 
Chemical reactions 

energy changes in, 284, 286-89 

extent of, 472-73 

rate of (See Reaction rates) 

Chemical structures. See Structural formulas 
Chemical systems, 287, 414-15 
Chemotherapy drug, 3 
Chlorine, 166 

Chlorine bleach (sodium hypochlorite), 

618, 622, 631 
Chlorine dioxide, 681 
Chloroamine compounds, 631 
Chloroethene (vinyl chloride), 85, 86 
Chlorofluorocarbons (CFCs), 16, 310 
Chromium, 633 
Cis formation of fatty acids, 54 
Cis isomer, 22 
Cis-trans isomerism, 22-23 
Citric acid, 47, 568 
Classical theories of light, 139 
Climate change, 281, 418, 655 
Closed system, 287, 420 
Coal as fiiel, 326, 436 
Coal gasification, 327 


Coal slurry, 327 

Cobalt, 168, 171 

Cobalt chloride, 485 

Cobalt oxide crystals, 281 

Cofactor, vitamin C as, 267 

Coffee-cup calorimeter, 293, 294, 297, 333 

Cohesive forces, 245-46 

Cold fusion, 656-57 

Collision geometry, 366 

Collision theory, 366, 441 

Colour 

changes in reactions, 346-47, 392-93 
of ions, 732 
of light, 139, 140-41 
Combustion reactions 
of alcohols, 35, 43 

enthalpy change and standard enthalpies 
of formation, 322-23 
molar enthalpy change in, 299 
of wood, 362 

Commercial cells and batteries, 650 
Commercial electrolysis processes, 666-69 
Common chemicals, 723-24 
Common ion effect, 468-70 
Complete combustion, 15 
Composite materials, 248 
Compounds, hst of common chemicals, 
723-24 

Concentration 

calculate equilibrium concentrations, 
425-27, 452-58 

changes in, and Le Chatelier s principle, 
439-42 

and equilibrium law equation, 433 
of gases, in moles per litre, 424 
notation, 421 

of reactants, 363, 370, 375, 390 
Condensation polymerization reactions, 106-7 
Condensation polymers, 95, 98. See also 
Synthetic condensation polymers 
Condensation reaction, 37, 61, 302 
Conductivity, electrical, 250, 251, 347 
Conjugate acid, 490 
Conjugate acid-base pairs, 490, 491 
Conjugate base, 490, 496 
Conservation of energy, law of, 287 
Consumer product claims, 582-83 
Contact process for sulfuric acid, 510-11 
Continuous spectrum, 144 
Controlled experiments, 703-4 
Controlled oxidation, aldehyde and ketone 
formation, 43-44 
Conventional fuels, 325-27 
Convention on International Trade in 
Endangered Species of Eauna and 
Flora (CITES), 102 
Coordinate covalent bonding, 204 
Copolymers, 81, 96, 97 
Copper, 168, 362, 623. See also Zinc-copper 
galvanic cell 
Copper carbonate, 659 
Copper(II), 474, 475, 599, 600 
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Copper sulfate, 434, 668 
Coral reefs, 418 
Corn, as biofuel, 328-29 
Corrosion, 658-62 

rusting of iron, 659-60, 666, 674-75 
Coulomb, 135, 642 
Covalent bonds/bonding, 195 

and bond dissociation energy, 307-8 
bond polarity, 217-18 
coordinate, 204 
double and triple, 235-37 
in valence bond theory, of hydrogen, 231 
Covalent network crystals, 250-52, 259 
Cracking, pyrolytic and catalytic, 325 
Cradle to grave analysis, 683 
The CRC Handbook of Chemistry and 
Physics, 561 
Cryolite, 667, 668 
Cryptography, 176 
Crystal lattice structures of sodium 
chloride, 194, 249 
Crystalline solids, 248-54 
Cubane, 192 

Current, impressed for corrosion 
prevention, 661 
Cyanide, 617, 669 
Cyanoethene (acrylonitrile), 85 
Cyclic alcohols, 33 
Cyclic alkane, 9 
Cyclic hydrocarbons, 11 
Cycloalkane (cyclic alkane), 9 
Cyclohexane, 13, 63 
Cyclopentene, 20 
Cyclopropane, 9, 458 
Cytosine, 104,114 

D 

Dacron, 82, 96 
Dalton, John, 134 
Dark-line spectra, 180-81 
de Broglie, Louis, 148 
Decane, 9, 12, 15 
Decomposition reactions 
ammonia gas, 426, 431 
electrolysis of water, 302, 664-65 
equilibrium and, 431, 435, 442 
of nitrogen dioxide, 348-50, 351-52, 
354-56, 357 

Deep Lake Water Cooling (DLWC), 329 

Deepwater Horizon oil spOl, 326 

Dehydration reaction of alcohols, 35-36, 37 

Democritus, 134 

Deoxyribose, 104 

Deuterium, 656-57 

Diagnostic tests, 711 

Diamine, 57 

Diamond, 192, 248, 250-51, 316 
Diatomic molecules, 219, 228, 231-32 
1,1-dichloroethene, 87. See also Saran 
Diene, 21, 90-91 

1,4-diethenylbenzene (divinylbenzene, 
DVB), 91 


Dinitrogen monoxide gas, 435 
Dinitrogen pentoxide gas, 358-59 
Dinitrogen tetroxide gas, 420, 423, 442, 

452, 456-57 

Dipole-dipole forces, 239-42, 258 
Dipoles, 219 

in London dispersion forces, 242-43, 258 
molecular polarity and, 224-27 
Disappearance of reactant in reactions, 

346, 349-50, 355 

Dissolution equdibrium system and 
common ion effect, 468-70 
Dissolution reactions, molar enthalpy 
change in,300-301 
Disulfide bonds, 105 
DNA (deoxyribonucleic acid) 
defined, double helix, 104 
hydrogen bonds in, 104, 114, 242 
as polymer, 10, 81 
Dogs, tracking scents, 47 
Domains, of atoms, 171 
Doping process, 252-53 
Double arrow symbol, 421 
Double bonds, 18, 214, 307-8 
covalent, 235-37 
Drawing 

Lewis structures, 197-200 
organic compounds, 13-14, 20-21, 
22-23, 29-30, 33-34, 38, 41-43, 

50, 57-58, 59-60 

polymers and monomers, 86-87, 97-98 
Duet rule, 196 
DuPont, 100, 127 

Dynamic equilibrium, 420, 422, 432, 

461, 489 
Dynamite, 344 

E 

E85 fuel, 328 
Efficiency, energy, 329 
Egyptians, ancient, 3 
Einstein, Albert, 141, 173, 174 
Elastomers, 92 

Electrical conductivity, 250, 251, 347 
Electrical energy. See also Energy 

from chemical energy by galvanic cells, 
636-37 

from wind technology, 331-32 
Electrical safety, 701 

Electric cells, 636-38. See also Galvanic cells 
Electric potential difference (voltage), 

642, 643 

Electrochemical cells, 634-35, 665 
Electrochemistry, 594-95, 655 
Electrodes, 636, 639, 642, 672-73 
Electrolysis, 663-70 

of ionic compounds, 680 
to produce hydrogen gas fuel, 328 
of water, 302, 664-65, 666 
Electrolytes, 531, 673 
Electrolytic cells, 663-65 
Electromagnetic spectrum, 139 


Electromagnetic wave theory, 139 
Electron, 134-35 

arrangement and chemical behaviour 
of elements, 160 
mass and charge, 137 
standing waves of, 149-50 
Electron configuration, 162-70 
Electron correlation problem, 161 
Electronegativity, 218-21 

of organic compounds (See Properties, 
of organic compounds) 
Electronegativity difference, 218, 219 
Electron-pair repulsion, 206, 207, 208, 210 
Electron probability density/distribution, 
151, 156 

Electron sea theory, 249 
Electron transfer, role in chemical 
reactions, 598 

Electron transfer reactions, 600-607 
Electroplating metals, 669 
Electrorefining metals, 668-69 
Elementary step, 383-84 
Elements. See Periodic table 
Emission spectrum, 144, 145, 180-81 
Endothermic reactions, 288-89 
and enthalpy, 294, 298 
hydrogen bonding and, 257 
Le Chatelier s principle and, 442 
Endpoint, 540 
Energy, 286 

chemical mto electrical, 636-37 
distribution of molecules, 369 
efficiency, 329 
law of conservation of, 287 
and Le Chatelier’s principle, 442-43 
nature of, 138-41, 286 
nuclear, 289-90, 326-27 
past and future sources, 325-30, 331-32 
Energy changes 

in chemical and nuclear reactions, 

284, 286-91 

and Le Chatelier’s principle, 442-43 
Energy-level diagrams (orbital diagrams), 
163-65 

Energy levels in atoms, 153, 162 
Energy pack, 684-85 
Enthalpy, 298 
Enthalpy change, 298-302 
and bond energies, 308-12 
Hess’s law and, 314-17 
rules for, 315-16 

and standard enthalpies of formation, 
320-22 {See also Standard enthalpies 
of formation) 

Enthalpy change diagrams, 316-17 
Enthalpy of solution, 300 
Environmental issues 

aluminum production, 668 
batteries corroding in landfiU, 683 
disposal problem with plastics, 78, 82 
drugs from plants, 3, 486 
fuels and energy sources, 325-29 
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Environmental issues (continued) 
heavy metals used in electroplating 
metals, 669 

ozone layer and CFCs, 16 
remediation of contaminated 
ecosystems, 633 
reversible reactions, 418 
wind farms, 331-32 
Enzymes, 364, 373-74, 402 
Ephedrine, 530 
Epinephrine (adrenaline), 56 
Equilibria 

and buffers, 565-66 

chemical equilibrium, defined, 418, 420 
determining concentrations for, 425-27 
heterogeneous, 433-34 
homogeneous, 433 
solubility, 460-71 
and stoichiometry, 424 
Equilibrium analysis, 549, 551, 552 
Equilibrium condition, 420-22 
Equilibrium constant, K, 429 
for ammonia gas synthesis, 430 
calculating, 430-32 
compared to reaction quotient, 450 
magnitude of, 435 
quantitative changes in equilibrium 
systems, 447-49, 452-54 
and reaction rate, 432 
Equilibrium law, 429-36 

in acid-base ionization constants, 

492, 498, 500 

quantitative changes in equilibrium 
systems, 447-49 

and solubility product constant, 461 
testing mathematical models, 473-74 
Equilibrium position, 421 

in acids and bases, 495, 497, 499 
changing equilibrium system without 
affecting, 444-45 
and equilibrium constant, 435 
from forward reaction or reverse 
reaction, 423 
Equilibrium shift, 439 
Equilibrium systems, 420-28 
and Le Chatelier s principle, 439 
quabtative changes in, 439-46 
quantitative changes in, 447-59 
Equivalence point, 540, 546, 551, 553 
Erlenmeyer flask, 540, 549 
Esterification, 51, 52, 95 
Ester linkages in condensation polymers, 95-96 
Esters, 49-53, 66-67 
fats and oUs, 51, 53-54 
Ethanal, 43 
Ethanamine, 60-61 
Ethane, 8, 9, 15 

Ethanoic acid, 47, 60, 65, 77, 497, 499, 549, 
551, 559, 562, 565, 566 
Ethanol 

in alcoholic beverages, 32, 35 
as biofuel from biomass, 328, 402-3 


controlled oxidation of, 43 
dehydration of, 37 
hydrogen bonding and, 257 
from hydrolysis of ester, 53 
Ethene, 18, 37 

double covalent bonds, 235-36 
monomer, 80, 85 

production using Hess’s law, 316-17 
Ethers, 37-38 
Ethylbenzene (styrene), 86 
Ethylene glycol (ethane-l,2-diol), 33 
Ethyl group, 10, 11 
Ethyl methanoate, 50 
Ethyne (acetylene), 18, 236-37, 307, 311 
European Space Agency, 598 
Exothermic reactions, 288-89, 294, 298 
aluminum compounds, 598 
in fuel cells, 652-53 
hydrogen bonding and, 257 
Le Chatelier’s principle and, 443 
nuclear fusion and fission, 656 


F 

Fabricator, 3-D photocopier, 253 
Faraday, Michael, 28,182, 230 
Fats and oils, 51, 53-54 
Fatty acid, 53 
Fermentation 

of biofuels, 328, 402 
and reaction rates, 364, 373 
Ferromagnetic elements, 171 
Ferromagnetism, 171 
Fertilizers, 424, 485 
Filtration, 709 
Firefighting, 292 
Fire safety, 700 
First aid, 701 
Fission, 289-90, 326-27 
Flambe, 32, 301 

Flame-resistant products from polymers, 95 
Flavours, natural and artificial, 77 
Fleischmann, Martin, 656-57 
Flow chart for molecular polarity, 228 
Fluoride toothpastes, 484 
Fluorine, 165, 196-97 
Food industry, 127, 558-59, 568-69 
Formaldehyde (methanal), 40, 41, 197-98 
Formica, 82 

Formic acid (methanoic acid), 47, 48 

Formula unit, 194, 195 

Forward reactions and reverse reactions, 423 

Fossil fuels, 286, 325-26 

Fractional distillation, 15, 325 

Fractionation tower, 15 

Francium, 218 

Freezing points, 243 

Freons (CFCs), 16, 310 

Frog leg experiments, 634 

Fructose, 412, 428 

Fruits, esters and odours, 49, 66 

Fry, Arthur, 82 

Fuel cells, 652-53, 655 


Functional group, 23 
Functional system, 129 
Fusion, 289, 326 

G 

Gallium, 324 
Galvani, Luigi, 634, 638 
Galvanic cells, 636-41 

compared to electrolytic cell, 665 
constructing, 672-73, 684-85 
defined, 638 

standard reduction potentials, 642-48 
testing cell designs, 671-72 
Galvanizing, 660, 666 
Gamma ray, 136 
Gasification 

of carbon, 441-42 
of coal, 327 
Gasohol, 328 

Gasoline, 77, 246, 322, 325, 655 
Gas volume, and Le Chateher’s principle, 
443-44 
Genes, 104 

Gillespie, Ronald, 222-23 

Glass, 193, 252, 279 

Glass tubes, 245-46 

Glassware safety, 699 

Global warming, 8, 281, 388-89 

Global warming potential (GWP), 388-89 

Glucose, 101-2, 412 

Glycerol (glycerine, propane-l,2,3-triol), 
33, 53, 246, 257 
Glycogen, 101-2 
Gold, 295-96, 362, 659, 669 
Goodyear, Charles, 82,112 
Goudsmit, Samuel, 157 
Graphing data, 351-53, 718 
Graphite, 134, 192, 251, 316, 666 
Gravitational potential energy, 645 
Great Pacific Garbage Patch, 82, 83, 98 
Greek letters used in chemistry, 723 
Green chemistry 

low-VOC products, 116-17 
tenet on catalytic reagents, 374 
Greenhouse effect, 16, 388 
Greenhouse gases, 229, 325, 329, 388-89, 
418, 668 

Ground state, 146 
Guanine, 104, 114 
Guar gum, 92 

Guldberg, Cato Maximilian, 429 

H 

Haber, Fritz, 437-38, 439, 450, 484, 485 
Haber-Bosch process, 438 
Hafnium, 170 

Half-cell, of galvanic cell, 636 
Half-reaction equations, 600-602 
in fuel cells, 653 
in galvanic cells, 636, 639, 640 
involving water, 621, 665 
tables, and writing convention, 619 
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Half-reactions method, 614-16 
Halide solutions, halogen reactivity in, 624 
Hall, Charles M., 667 
Hall-Heroult aluminum production 
process, 667-68 
Halogenation reaction, 24 
Halogen bases, 497 

Halogen reactivity in halide solutions, 624 
Hardness of solids, 250, 251 
Hawking, Stephen, 6 
Hazardous products and safety, 697, 698 
Health concerns. See also Bacteria and 
illness; Human body; Medicine; 

Toxic substances 
allergic reactions, 56 
BPA in plastics, 83 
carcinogens, 28, 30, 56 
drugs from plants, 3, 486 
lead and, 661 
phthalate plasticizers, 94 
trans fats, 54 
VOCs, 116 

Heat, 91-92, 287, 700. See also 
Thermal energy 
Heat capacity, 292 
Heavy water, 656 
Heisenberg, Werner, 148, 150 
Heisenberg’s uncertainty principle, 150-51 
Helium atom, 161, 163, 187, 196 
Heptane, 9, 15, 42 
Heptyne, 19 
Heroult, Paul, 667 
Hertz, Heinrich, 139, 190 
Hess, Germain Henri, 314 
Hess’s law, 314-18, 334-35 
Heterogeneous catalyst, 364 
Heterogeneous equihbrium, 433-34 
Hexanal, 41 
Hexane, 9, 11, 15, 42 
Hexane-1,6-dicarboxylic acid, 97 
Hexanoic acid, 48 

High-density polyethene (HDPE), 89 
High fructose corn syrup, 412 
Homogeneous catalyst, 364 
Homogeneous equilibrium, 433 
Homopolymers, 80-81, 98 
Household Hazardous Product Symbols 
(HHPS), 697 

Human body. See also Health concerns 
blood hemoglobin, 415, 579 
blood pH, 447, 558, 579 
hair perms, 105 

hemoglobin-oxygen complex, 442 
homeostasis, 590 
myoglobin, 484 
teeth, 508, 682 
Humidity indicator, 485 
Hundred rule, 456-57 
Hund’s rule, 164, 171 
Huygens, Christiaan, 139 
Hybridization, 233 
partial, 235-36 


Hybrid orbitals, 233-34 
Hydrates, naming conventions, 733 
Hydration reaction, 25 
Hydrazine, 318, 682 
Hydrocarbon fuels, 8, 281, 325 
Hydrocarbons, 8, 11, 668 
aromatic, 28-31 
saturated, 8-9, 30 
unsaturated, 18, 30, 54 
Hydrochloric acid, 296, 298, 333, 546, 

573, 623 

Hydrofluoric acid, 488, 516-18, 548, 560 
Hydrogen 

atomic spectrum of atom, 144-45, 153 
electron’s circular standing wave, 150 
Lewis structure and duet rule, 196 
orbitals of, 161, 163 
Hydrogenation reaction, 23-24 
of aldehydes and ketones, 44 
unsaturated fats and, 127 
Hydrogen bonding, 35, 103, 239-42, 257 
Hydrogen bonds, 240-42 
Hydrogen carbonate ion, 491, 492 
Hydrogen chloride gas, 231-32, 458, 

483, 488 

Hydrogen fluoride gas, 217, 219, 309, 

425, 457-58 

Hydrogen fuel cell, 653, 655 
Hydrogen gas fuel, 328 
Hydrogen iodide gas, 429, 458 
Hydrogen ions, in acids and bases, 488, 
493, 499, 502, 506-8 

Hydrogen peroxide, 38, 267, 282, 379, 410 
Hydrogen phosphate ion, 502 
Hydrogen sulfide, 373, 613, 618, 633 
Hydrohalogenation reaction, 24-25 
Hydrolysis in acid-base chemistry, 532 
of amphiprotic (amphoteric) ions, 537 
of metallic and non-metaUic oxides, 538 
Hydrolysis of esters in organic chemistry, 
51,53 

Hydronium ion, 489, 499 
Hydrophihc polar side chains, 102 
Hydrophobic non-polar side chains, 102 
Hydroxide ions, in acids and bases, 488, 
489, 502, 506-8 

Hydroxides as strong bases, 497 
Hydroxyl group, 32, 590 
Hydroxyl substituent, 33 
7-hydroxyoctanal, 41 
Hydroxy substituent group, 47 
Hypochlorous acid, 496, 499, 518-21, 631 


ICE table for calculating equilibrium 
concentrations, 425, 426, 453-57, 
464, 470 

Ice (water), 239, 248, 250 
Ideal gas, changes in volume and 
Le Chatelier’s principle, 443 
Impressed current method, 660, 661, 663 
Indicators. See Acid-base indicators 


Induced dipoles, 242-43 
Industrial processes 

aluminum production, 667-68 
ammonia gas production, 437-38 
bioethanol production, 402-3 
contact process of sulfuric acid, 510-11 
Le Chatelier’s principle and reversible 
reactions, 441-42 
Inert electrodes, 639, 640, 643, 666 
Inert gas, 445 
Initial rate, 376 

Instantaneous concentrations, 450 
Instantaneous reaction rate, 353-56, 
359-60 

Intermolecular forces, 239-47, 258 
International Union of Pure and Applied 
Chemistry (lUPAC), naming organic 
compounds, 10, 22, 33, 37, 47, 48, 
56-57 

Intramolecular bonds, 239 

lodate ions, 611-13 

Iodine clock reaction system, 392-93 

Iodine molecule, 244, 250 

lodoethane, 60-61 

Ion-charge rule, 602, 603, 604 

Ion charges, 170 

Ion colours, 732 

Ion concentration and pH and pOH, 
506-8 

Ionic bond, 194, 220 
Ionic bonding, 194-95 
Ionic compounds, 194-95 
common ion effect, 468-70 
electrolyzed, 680 
oxidation numbers for, 604 
precipitation predictions, 464-68 
solubility equilibria of, 460-64, 465, 732 
Ionic crystals, 249, 259 
Ionization. See also Acid ionization 

constant; Autoionization of water; 

Base ionization constant; Percentage 
ionization 

of polyprotic acids, 521-24 
Ion-product constant for water, 500-501 
Iron 

and corrosion, 658, 659-60, 666, 674-75 
electron configuration, 168 
magnetism of, 171 
Iron(II) ions, 624, 639, 659 
Iron(II)-permanganate cell, 639-40 
Iron(III)-thiocyanate equilibrium, 

440, 473, 474, 475 
Iron ore, 608, 610 

Iron oxide, as catalyst in ammonia production, 
438 

Isoelectronic with noble gases, 195, 196, 276 

Isolated system, 287 

Isomers 

of alcohols, 33 
of amine, 58 

of butanol, reactions of, 64 
of pentene, 21 
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Isomers (continued) 
stereoisomers, 22-23 
structural isomerism, 10 
Isopropyl alcohol (rubbing alcohol), 11, 33 
Isotopes, 138 

lUPAC. See International Union of Pure 
and Applied Chemistry 

K 

K, 429. See also Equilibrium constant 

Kekule, Friedrich, 230 

Ketones, 40-46 

Kevlar, 81, 82, 97 

Kinetic energy, 286, 368 

Krrchhoff, Gustav, 144 

Kraft process, paper pulping method, 373 

L 

Laboratory 

equipment, 707 
reports, 705-6 
safety, 699-701 
skills and techniques, 707-11 
Laccases, enzymes, 373 
Lactic acid, 113, 591 
Lanthanide series, 169 
Large Hadron Collider (LHC), 141 
Laser, 174 

Laser technology, 173-74 
Latex, 83, 116 
Lavoisier, Antoine, 134 
Law of conservation of energy, 287 
Law of mass action, 429. See also 
Equilibrium law 
Lead, 170, 661 
Lead-acid battery, 651-52 
Lead(II) sulfide (galena), 606 
Lead storage batteries, 651-52 
Le Chateher, Henry-Louis, 439 
Le Chateher’s principle, 439 

and changes in concentration, 439-42 
and changes in energy, 442-43 
and changes in gas volume, 443-44 
in production of sulfuric acid, 510-11 
testing, 474-72 

Left side. See Reactant side (left side) of 
equilibrium position 
LeRoy radius, 191 
Leucine amino acid, 102, 103 
Lewis, Gilbert, 196 
Lewis structures, 196-200, 204, 230 
estimate enthalpy change using bond 
energies and, 309-11 
simplified Lewis structure, 200-204 
steps for drawing, 197 
in theory of acids and bases, 489 
Lewis theory of bonding, 196-200 
Light, classical theories of, 139 
Light-emitting compound, luminol, 7 
Light energy, 140-41 
Lime. See Galcium oxide 
Limestone caves, 471 


Linear structure, 209, 215, 234 
Line diagrams, 9, 41 

Line notation and galvanic cells, 640, 643 
Line spectrum, 144, 145, 153, 187 
Linoleic acid, 53 
Lipids, 53, 54 
Liquids 

interaction with glass molecules, 

193, 245-46 

physical properties of, 245-46, 258 
reaction systems, 434 
Lithiiun, 160, 163 
Lithium carbonate, 463 
Lithium-ion cells and batteries, 595, 652, 655 
Litmus paper, 49, 506 
Logarithms for pH, 502, 715, 717 
London, Fritz, 242 

London dispersion forces, 242-43, 244, 258 
Lone electron pairs, 197, 206, 208, 

209-10, 212 

Low-density polyethene (LDPE), 89 

Lowry, Thomas, 488-89 

Lucite, 78 

Luminol, 7 

Lycra, 82 

Lysine amino acid, 102, 103 

M 

Macromolecules, 100 
Magnesium atom, 165 
Magnesium metal, 298, 334, 618 
Magnesium nitrate, 467-68 
Magnetic fields of Sun and stars, 157 
Magnetic moment, 157 
Magnetic quantum number, 154-55, 

158, 165 

in altered universe, 268-69 
Magnetic resonance imaging (MRI), 175 
Magnetism, 171 
Magnetite, 633 
Maiman, Theodore, 173 
Malleability of solids, 250 
Manganese, 168 
Manganese dioxide, 650 
Markovnikov’s rule, 25, 26, 35, 36 
Mass number, 138, 289 
Mass of atom components, 137 
Mass of electron, 135 
Material Safety Data Sheet (MSDS), 697 
Mathematical skills, 715-18 
Matter 

nature of matter and energy, 138-41 
structure and properties of, 128-29 
Maxwell, James, 139 

Maxwell-Boltzmann distribution, 368-69 
Measurement error, 717 
Measurement uncertainty, 715-16 
Medicine. See also Health concerns 
diagnostic technologies, 175 
drugs from plants, 3, 486 
nitroglycerin for angina, 344 
nuclear, 132 


Melting points. See also Properties, of 
organic compounds 
of alkanes and carboxylic acids, 15, 49 
of solids, 249, 251,252 
of various compounds, 267 
Meniscus, 246 
Mercury, 682 
MetaUic bonding, 249 
MetaUic crystals, 249-50, 259 
MetaUic oxides, hydrolysis of, 538 
MetaUurgy and oxidation-reduction 
reactions, 606 
Metals 

electroplating, 669 
electrorefining, 668-69 
noble, 659, 666, 669, 682 
reactivity of in redox reactions, 618-20 
standard reduction potential and 
oxidation of, 658 
Meta substituents in aromatic 
compounds, 29 

Methanal (formaldehyde), 40, 41, 197-98 
Methanamine (methylamine, 
aminomethane), 56, 213 
Methane, 8, 9, 15, 35. See also Natural gas 
combustion of, 288, 302-3, 320-22, 
652-53 

hybrid orbitals, 233 
natural gas as fuel, 325, 327 
sour gas (natural gas), 633 
structural formula for, 208 
Methanoic acid (formic acid), 47, 49, 66, 
486, 514-15 
Methanol, 32, 35 
as biofuel, 328 

combustion reactions and enthalpy 
change, 322-23 
production of, 35, 436, 483 
three-dimensional structure of, 212-13 
Method of initial rates, 376-77 
Methylamine, 530 
3-methylanrline, 57 
Methylbenzene (toluene), 30 
Methylbutane, 48 
Methyl group, 10, 11 
Methylpropane, 10 
Michelson, Albert, 153 
Microchips, 252 

Microscope, scanning tunnelling, 134 
Millikan, Robert, 135 
Molar enthalpy change, 299-302, 333-34 
Molar mass of first ten straight-chain 
alkanes, 15 
Molar solubility 

common ion effect and calcium fluoride, 
469-70 

and solubUity product constant, 463, 464 
Molecular assemblers, 177 
Molecular compounds, 194, 195, 733 
Molecular crystals, 250, 259 
Molecular elements, 194, 195 
Molecular models, organic, 69 
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Molecular polarity, 224-29 
Moles per litre, 424 
Monomers, 80-81, 87, 95 
Monoprotic acids, 521, 726-27 
Monosaccharide, 101 
Mothballs, 31 

MRI (magnetic resonance imaging) 
technology, 132 
Multiple bonds 

average bond energies, 307 
covalent, 235-37 

double and triple bonds, 18, 214, 307-8 
and VSEPR theory, 214-15 
Multivalent cations, 731 

N 

Naming conventions of compounds, 733-34 
Naming organic compounds, 11-14, 13, 16, 
18-21, 22, 28-30, 33-34, 37-38, 38, 
41-42, 47-48, 49-50, 56-58, 59-60 
Nanomachines, 177 
Nanotechnology, 129, 177-78 
Nanotubes, carbon, 129, 177, 252 
NASA spacecraft, 653 
National Academy of Sciences, 100 
Natural gas, 325, 633. See also Methane 
Natural polymers, 81, 101-5 
proteins {See Proteins) 

Neon, 165, 166, 196 
Neoprene (synthetic rubber), 100 
Net dipole, 225 

Net ionic equations, 639, 640, 644, 647, 

651, 665 

Neutralization reactions, 296-97, 299 

Neutron, 137, 289 

Netvton, Isaac, 139 

Nickel, 166, 168, 171 

Nickel(II) oxide, 604-5 

Nickel metal hydride batteries, 654 

Nitrate ion, 604 

Nitric acid, 222, 441, 541, 608-10 
Nitric oxide, 288-89, 348-49, 351-52, 

356, 358, 377-78 
Nitrogen atom, 164 
Nitrogen dioxide gas 

in chemical equilibrium, 420, 423, 

435, 452 

enthalpy change of, 314-15, 320 
in oxidation-reduction reactions, 608 
reaction rates of decomposition, 348-50, 
351-52, 354-56, 357 
Nitrogen for plants, 129, 632 
Nitroglycerin, 344 
Nitronium ion, 222 
Nitrosyl bromide gas, 366, 367 
Nitryl fluoride gas, 385 
N-methylbutanamide, 59 
N-methylpentan-2-amine, 57 
Nobel, Alfred, 344 
Nobel Prizes 

Arrhenius, Svante, 488 
Bohr, Niels, 145 


Einstein, Albert, 141, 173, 174 
Furchgott, Ignorro, & Murad, 344 
Haber, Fritz, 437, 450 
Pauling, Linus, 218 
Polanyi, John, 401 
Noble metals, 659, 666, 669, 682 
Nodes, 148,156 

Nomex polymer/fabric, 95, 97, 112, 292 
Nonane, 9, 15 

Non-aqueous reactions and 

Bronsted-Lowry theory, 490-91 
Non-metalhc oxides, hydrolysis of, 538 
Non-polar, aliphatic R groups, 
amino acids, 103 

Non-polar covalent bonds, 217, 218, 

220, 228 

Non-polar molecule, 225, 243, 244 
Non-polar polyatomic molecules, 224-28 
Non-polar side chains of amino acids, 102 
Non-renewable energy sources, 595 
Non-spontaneous reaction, 645, 663, 

664, 665, 666 

Nuclear energy, 289-90, 326-27 
Nuclear fission, 656 
Nuclear fusion, 656 
Nuclear medicine, 132 
Nuclear power plants, 290, 327 
Nucleic acids, 104 
Nucleotide, 104 
Nucleus, 137 

Numerical prefixes, 722, 723 
Nyholm, Ronald, 222 
Nylon, 82, 97, 100, 127, 364 

o 

Ocean acidification, 418 
Octadecanoic acid, 65 
Octahedral structure, 208, 210 
Octane, 9, 11, 15, 17, 77, 322-23 
Octet rule, 196, 200-203 
Odours 
amines, 56 

aromatic compounds, 28 
esters in fruits, flowers, perfumes, 49, 66 
hydrogen sulfide “rotten eggs,” 373, 613, 
618, 633 

methanal (formaldehyde), 197 
thiols, 38 

Oil refining, 15, 325, 326 
Oils and fats, 51, 53-54 
Oleic acid, 53 
Open system, 287 
Orbitals, 150-51, 153-57, 181-82 
in chemical bonds, 201 
electron configurations, 162-66 
hybrid, 233-34 
of multi-electronic atoms, 161 
in valence bond theory, 231-32 
Orbits of electrons, 145, 151 
Order of reaction, 375 
Organic acids, 497. See also 
Carboxyhc acids 


Organic bases, 499 

Organic chemistry, 2-5. See also Organic 
compounds; Polymers 
Organic compounds, 6-77. See also 
Alcohols; Aldehydes; Alkanes; 
Alkenes; Alkynes; Amides; Amines; 
Aromatic hydrocarbons; Carboxylic 
acids; Esters; Ethers; Fats and oils; 
Ketones; Thiols 
defined, 8 

Organic molecular models, 69 
Organic solvents, 116 
Orientation for molecular collisions, 366 
Ortho substituents in aromatic 
compounds, 29 
Oswald process, 416 
Overfilled octets, 200-201, 203 
Oxalate ions, 611-13 

Oxidation. See also Half-reaction equations 
controlled, 43-44 

defined, m electron transfer reactions, 
600 

of metals, 658-60 
Oxidation numbers, 602-5 
in redox reactions, 604-5 
Oxidation numbers method, 608-14 
Oxidation-reduction reactions (redox 
reactions), 598-633. See also Half¬ 
reaction equations; Oxidizing agents; 
Reducing agents 

balancing with half-reactions method, 
614-16 

balancing with oxidation numbers 
method, 608-14 
corrosion of metals, 658 
defined, m electron transfer reactions, 
600 

in galvanic cells, 636, 665 
predicting, 618-23 
in remediation of contaminated 
ecosystems, 633 
Oxidation state, 602 
Oxide coatings, 658 

Oxidizing agents, 43, 605, 618-20, 622, 646. 
See also Strongest oxidizing agent 
(SOA); Weakest oxidizing agent 
Oxirane (ethylene oxide), 112 
Oxyacetylene torches, 307 
Oxyacids, 496, 733, 734 
Oxyanions, naming conventions, 733 
Oxygen atom, 165 
Ozone layer, 16, 389 

P 

Pacific yew tree, 3 
Palladium, 171 
Palmitic acid, 53 
Paper industry, 373-74 
Parachute nylon fabric, 100 
Paramagnetism, 171, 182-83 
Para substituents in aromatic 
compounds, 29 
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Parent chain, 11 
Partial charge, 217, 256 
Partial hybridization, 235-36 
Partial pressure, changes in volume and 
Le Chatelier’s principle, 443-44 
Particle accelerator, 141 
Pauli, Wolfgang, 157 
Pauli exclusion principle, 157, 164, 222 
Pauling, Linus, 218 
Peer review, 657 
Penetration effect, 161, 169 
Pentadiene, 20 
Pentane, 9,15 

Pentane-1,5-diamine (cadaverine), 56, 57 
Pentanoic acid, 48 
Pentanol, 34, 77 
Pentene, isomers of, 21 
Pentyl butanoate, 49 
Pentyl ethanoate, 77 
Peptide bond, 102 
Peptides, 102-3 
Percentage ionization, 514-15 
Perfluorocarbons (PFCs), 668 
Periodic table, 160, 720-21 
of altered universe, 268 
electron configuration, 162-65, 167-69 
Permanganate, 608, 610, 614-16, 639 
Peroxyacetylnitrate (PAN), 266 
Perspex, 78 
Petroleum, 325 
pH, 502-8 

in acid-base titrations, 546-47, 549-54 
of blood, 447, 558, 579 
of buffer solutions, 561-65, 569 
changes in reactions, 347 
meter, 505-6 

and pOH, 504-5, 506, 507-8 
of polyprotic acid solutions, 522-24 
of salt solutions, 532-34, 534-36 
and strong acidic solutions, 527 
of weak acidic solutions, 514-15, 
516-21 

of weak basic solutions, 527-29 
pH curves, for acid-base titrations, 

541, 544-45, 554, 555, 556 
Phenolphthalem, 487, 555, 556, 675 
Phenols, 33. 127 
Phenyl group, 28 
Phosphine, 212, 215 
Phosphoric acid, 104, 496 
Phosphorus pentachloride, 203, 208, 

428, 434, 453 

Photoelectric effect, 139, 141, 179, 190 

Photons, 141, 174 

Photosynthesis, 281, 325, 607 

Physical constants, 723 

Pi bonds, 235-37 

Pinfold, James, 141 

Pipette, using, 707-9 

Planck, Max, 140 

Planck’s constant, 140 

Planck’s quantum hypothesis, 140-41, 145 


Plants 

acids and bases in, 486 
energy from, 635 

nitrogen from nitrates and nitrites, 

129, 632 

as sources of drugs, 3, 486 
water capillary action, 246 
Plasticizers, 90, 94 
Plastics, 78, 88-90, 91-92, 98 
Plating steel, 660, 669 
Platinum, 171, 640, 643 
Plexiglas. 78 
Plunkett, Roy. 84 
pOH, 502-8, 513 
Poison. See Toxic substances 
Polar, uncharged R groups, amino 
acids, 103 

Polar covalent bonds, 217, 218, 219, 

220, 228 

Polarity, molecular, 224-29 
Polarity of compounds. See Properties, 
of organic compounds 
Polarizability, 243 
Polar molecule, 225, 239, 256 
Polar polyatomic molecules, 224-28 
Polar side chains of amino acids, 102 
Pollution. See Air pollution 
Polyacrylonitrile (PAN), 85 
Polyalcohols, 33 
Polyamides, 96-98 
Polyatomic ions 
common, 731 

Lewis structure for sodium nitrate, 
199-200 

molecular shape of ammonium ion, 211 
oxidation numbers for, 604 
research on structure, 222 
Polyatomic molecules, 224-28, 232 
Polybutadiene, 85 

Polycyclic aromatic hydrocarbon (PAH), 
668 

Polyesters, 95-96, 106-7, 364 
Polyethene (polyethylene) polymer, 

80, 85, 89, 98, 316, 364 
Polyethene terephthalate (PET), 96 
Polymer-based dollar bills, 88 
Polymer cross-linking, 90-92 
Polymers, 78-127 

examples of, 78, 81, 82, 85, 88, 95 
general structure of, 80-81 
made with help of catalysts, 364 
natural (See Natural polymers) 
shorthand writing, 84 
synthetic (See Synthetic addition 
polymers; Synthetic condensation 
polymers) 

Polymer worms, 79 
Polypeptide, 102 

Polypropene (polypropylene), 80-81, 84, 
85, 89 

Polyprotic acids, 521-24, 727 
Polysaccharides, 101-2 


Polystyrene, 80-81, 85, 86, 89, 98 
Polytetrafluoroethene (PTFE, Teflon), 

84, 85 

Polyvinyl chloride (PVC), 82, 85, 86, 

89-90, 364 
Pons, Stanley, 656-57 
Potassium, 167 

Potassium bromide, 300, 466-67 
Potassium chromate, 465 
Potassium dichromate, 617 
Potassium ethanoate, 531 
Potassium hexacyanoferrate(III), 675 
Potassium hydroxide, 419, 497, 546 
Potassium permanganate, 608, 610, 617 
Potential energy, 286, 290 
Potential energy diagram, 302, 303-5 
Precipitation prediction, 464-68 
Precision, 716 

of compound names, 9, 733 
numerical, 722, 723 
Primary alcohol, 32, 43, 44, 63 
Primary amines, 56, 57, 60, 61 
Primary cell, 649. See also Batteries 
Primary standard, 540 
Primary structure of amino acids, 102 
Principal quantum number, 153-54, 

165, 169 

m altered universe, 268-69 
Probability distributions, 150-51, 156 
Product appearance in reactions, 346, 

349, 352-53, 354-55 
Product side (right side) of equilibrium 
position, 421, 430, 435 
Propadiene, 238 
Propanamine, 60 
Propan-l-amine, 57 
Propane, 9, 15, 287 
Propanoic acid, 53 
Propanol, 33, 36 
Propanone (acetone), 40, 44 
Propene monomer, 81, 85 
Properties 

acid-base properties of salts, 531, 537 
and intermolecular forces, 243-44 
of liquids, 245-46 

of organic compounds, 15, 16, 30, 32, 35, 
37. 43. 48-49, 50-51, 58, 60, 63, 65-66 
of plastics, 89-90 
of sohds, 248-54 

of strong acids and weak acids, 495 
Propyl butanoate, 52 
Propyl group, 11 

Proteins, 81, 102-3, 206, 242, 279 
Protons, 137, 488, 493 
Putrescine, 56 

Q 

Q, 449. See also Reaction quotient 
Qualitative changes in equfiibrium systems, 
439-46. See also Le Chatelier’s 
principle 
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Quantitative changes in equilibrium 
systems, 447-59 

Quantities, defined and measured, 722 
Quantum analysis and diagnostic 
technologies, 175 

Quantum mechanical model of atom, 
148-52, 160-61, 162, 169 
defined, 151 

Quantum mechanics, 148, 173-76, 230-38 
Quantum numbers, 153-59 
in altered universe, 268-69 
Quantum of energy, 140 
Quantum theory, 138, 140, 141, 173 
Quartz, crystalline, 252 

R 

Radioactivity, 136 
Radioisotope, 138 
Radio waves, 175 
Radium, 170 
Rainforests, 3 

Rate constant, 375, 378, 381 
Rate-determining step, 383, 386 
Rate law, 375-82 

Rate law equation, 375-81, 384, 385 
Rate of appearance of product, 346, 349, 
352-53, 354-55 

Rate of disappearance of reactant, 

346, 349-50, 355 
Reactants 

chemical nature of, 362, 369-70 

concentration of, 363 

disappearance in reactions, 346,349-50,355 

state of, in equilibrium, 445 

surface area of, 363 

Reactant side (left side) of equOibrium 
position, 421, 430, 435 
Reaction at equftibrium, 645 
Reaction intermediate, 383 
Reaction mechanisms, 383-87 
Reaction quotient, Q, 449-52, 466 
Reaction rates, 346-61, 390 
average, 347-53 
and energy changes, 280-81 
and equilibrium constant, 432 
factors affecting, 362-64, 366-71, 391 
instantaneous, 353-56 
Reactions 

addition {See Addition reactions) 
chemical {See Chemical reactions) 
combustion {See Combustion reactions) 
condensation, 37, 61, 302 
controlled oxidation, 43-44 
decomposition {See Decomposition 
reactions) 

dehydration of alcohols, 35-36, 37 
esterification, 51, 52, 95 
hydrogenation {See Hydrogenation 
reaction) 

hydrolysis {See Hydrolysis in acid-base 
chemistry; Hydrolysis of esters in 
organic chemistry) 


neutralization, 296-97, 299 
nuclear {See Nuclear energy) 
of organic compounds, 15-16, 23-26, 30, 
35-37, 37, 38, 43-45, 51-52, 51-53 
oxidation-reduction {See Qxidation- 
reduction reactions) 
substitution, 30 

thermal {See Endothermic reactions; 

Exothermic reactions) 
types of molar enthalpy change, 299 
types of organic reactions, 69 
vaporization, 299-300, 302 
Reaction system 

iodine clock, 392-93 
with solids and liquids, 434 
temperature of, 363-64 
use Q to determine equilibrium, 451-52 
Reactivity of metals, 399, 618, 619 
Rechargeable cells, 650, 652, 663 
Recycling of lead storage batteries, 652 
Redox number line, 609 
Redox reaction, 600. See also Qxidation- 
reduction reactions 
Redox table, 619-22 

Reducing agents, 605, 618-20,646. See also 
Strongest reducing agent (SRA); 
Weakest reducing agent 
Reduction, 600. See also Half-reaction 
equations 

Reduction potentials table, 643-44. See also 
Standard reduction potentials table 
Refrigerants, 16, 229, 310 
Relative bond polarity, 220 
Renewable energy sources, 281, 327, 329, 595 
Representations of molecules, 8-9 
Representative elements, 169 
Research skills, 713-14 
Reverse reactions and forward reactions, 423 
Reversible reactions, 421 
affect environment, 418 
Le Chatelier s principle and 
concentration changes, 441-42 
thermal decomposition of water, 435 
R groups of amino acids, 102-3 
Rhodium, 171 
Ribose, 104 

Right side. See Product side (right side) of 
equilibrium position 

Ring structures of benzene, 28-30, 230, 237 

Risk-benefit analysis model, 714 

RNA (ribonucleic acid), 104 

Rock candy, 416 

Rocket propellant, 385 

Rubber 

natural, 82, 83, 112 
synthetic, 100, 364 
vulcanized, 82, 91, 112 
Rubidium, 144 
Rubisco enzyme, 373 
Ruby laser, 174 

Rusting, corrosion of iron, 658, 659-60, 

666, 674-75 


Ruthenium, 171 

Rutherford, Ernest, 136 

Rutherford model of atom, 136-37, 143 

s 

Sacrificial anode method, 660-61 

chloroamines as respiratory irritants, 631 
conventions and symbols, 697 
in laboratory, 699-701 
mixing hydrazine and bleach, 682 
sodium hydroxide as corrosive, 68 
Saffron, 40 
Safranal, 40 

Salt, role in corrosion, 660 
Salt bridge, in galvanic cell, 637 
Salt solutions, acid-base properties of, 531-39 
Salts that produce 

acidic solutions, 534-37, 570 
basic solutions, 531-34 
neutral solutions, 531 
Sample, 540 

Saponification, 53-54, 67-68 
Saran, 82, 87 

Saturated calomel electrode (SCE), 681 
Saturated hydrocarbons, 8-9, 30 
Scandium, 167 

Scanning tunnelling microscope (STM), 134 
Schrodinger, Erwin, 148 
Schrodingers standing wave, 148-50 
Schrodinger wave equation, 150, 153, 161 
Science, technology, society, and 
environment (STSE), 713 
Scientific inquiry, 702-6 
Scientific notation, 715, 717 
Scientific publications, 712 
Scrubbers, in refineries, 497 
Secondary alcohol, 32, 43, 44 
Secondary amines, 56, 60, 61 
Secondary cells, 650, 652, 663 
Secondary quantum number, 154, 158, 165 
in altered universe, 268-69 
Secondary structure of polypeptide 
chain, 103 

Semiconductors, 252-53 
Semiochemical communication, 206 
Semon, Waldo, 82 
Shape of molecules. See also Three- 
dimensional structure 
protein, three-dimensional, 103 
Shapes and orientations of orbitals, 154, 156 
Sheen of solids, 250 
Shells (in atoms), 153 
Shipwrecks, 658 
Sigma bonds, 235-37 
Significant digits, 716 
Silicon, 252, 253 
Silk, 80, 81 
Silly Putty, 92 

Silver, 617, 619, 647, 659, 682 
Silver, Spencer, 82 
Silver chromate, 468 
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Silver iodide, 460-61 
Silver nitrate, 465, 466-67, 469, 600 
Silver oxide, 452 
Silver plating, 669 

Simplified Lewis structure, 200-204. 

See also Lewis structures 
Simplifying assumption, 456, 470 
Single displacement reactions, 624 
Singular bonds, average bond energies, 307 
SI units, 722 

Smelling salts (ammonium carbonate), 446 

Smog, 266, 348 

Soap, 49, 53-54, 67-68 

Sodium, 161, 165, 362 

Sodium borate (borax), 92 

Sodium chloride, 194, 248, 249, 465 

Sodium citrate, 558 

Sodium fluoride, 560 

Sodium hydrogen sulfate, 537 

Sodium hydroxide, 67, 296, 333, 488, 

497, 541-44, 546, 548, 549 
Sodium hypochlorite (chlorine bleach), 

618, 622, 631, 682 
Sodium nitrate, 199-200 
Sodium nitrite, 532 
Sodium polymethacrylate, 99 
Sodium sulfate, 472, 637 
Sodium thiosulfate, 604 
Solids 

reaction systems, 434 
structure and properties of, 248-54, 259 
Solubility, 460 

of compounds (See Properties, of organic 
compounds) 

and solubility product constant, 463-64 
Solubility equilibria, 460-71 
common ion effect, 468-70 
defined, 461 

of ionic compounds, 460-64, 732 
precipitation prediction, 464-68 
Solubility product constant equations, 462 
Solubility product constants, 461-64, 725-26 
of calcium hydroxide, 476-77 
Solvents 

alcohols as, 35 
aldehydes and ketones, 43 
ethers as, 37 

VOC and green products, 116-17 
Sommerfeld, Arnold, 153 
Sour gas, 633 

Space-filling model, 8-9, 201, 489 
Space vehicles and hydrogen fuel cells, 653 
Specific heat capacity, 292, 295-96 
Spectator ions, 600 
Spectrophotometer, 143, 346-47 
Spectroscopy, 143-44 
Sphalerite, zinc sulfide ore, 694 
Spin quantum number, 157, 165 
in altered universe, 268-69 
Spontaneity 

of redox reactions, 625 

and standard cell potentials, 645-46 


Spontaneous reaction, 645, 658, 665 
Stainless steel, 659, 660 
Stalactites and stalagmites, 471 
Standard cell potentials, 643-47, 665, 666 
Standard cells, 643-47 
Standard enthalpies of formation, 319-24 
versus calorimetry, 335 
Standard hydrogen half-cell, 643 
Standardization procedure, 540 
Standard reduction potential, 642-48, 
729-30 
defined, 643 

and oxidation of metals, 658 
Standard reduction potentials table, 620, 
643-44, 646. See also Redox table 
Standard solutions, 540, 710 
Standard state, 319 
Standing waves, 148-50 
Starch, 81, 98, 101, 102 
State of matter 
changes, 239, 290 
condensates, 174-75 
State of reactants, 445 
Staudinger, Hermann, 100 
Stearic acid, 53 
Steel, 624, 658-59, 660-61 
Steel plating, 660 
Stereochemical formulas, 98 
Stereoisomers, 22-23 
Sterling silver, 682 

Stoichiometric rate relationships, 357-60 
Stoichiometry 

and chemical equilibria, 424 
symbols and units, 722 
Stoichiometry analysis, 549, 551 
Straight-chain alkanes, 9 
Strong acids, 495 

calculations involving solutions of, 
512-13 

titration with strong bases, 541-47 
work by GOlespie, 222 
Strong bases, 497 

calculations involving solutions of, 
526-27 

titration with strong acids, 541-47 
titration with weak acids, 547-55 
Strongest oxidizing agent (SOA), 619, 

639, 646, 729 

Strongest reducing agent (SRA), 619, 639, 
646, 730 

Structural formulas, 8-9 

naming organic compounds from, 11-13, 
29, 34, 38, 41, 42, 48, 50, 57, 59-60 
Structural isomerism, 10 
Structures 

atomic and periodic table, 160-72 
Lewis (See Lewis structures) 
of pure substance (See Three- 
dimensional structure) 
of solids, 248-54 
Styrene-butadiene rubber, 85 
Styrene monomers, 81, 85 


Styrofoam, 82 

Sublimation, 303 

Subshells, 153-55 

Substituent groups, 10, 11, 29 

Substitution reactions of benzene, 30 

Suffixes of organic compounds, 47, 56, 59 

Sugars, 113,412 

Sulfhydryl functional group, 38 

Sulfur, 91, 166, 170, 389 

Sulfur dioxide, 319, 326, 497, 668 

Sulfur hexafluoride, 201, 208, 266 

Sulfuric acid, 222, 428, 496, 510-11, 652 

Sunspots and magnetic fields, 157 

Superacid, 222 

Super greenhouse gases, 389 

Surface area of reactants, 363, 370 

Surface tension, 245, 278 

Surfactants, 278-79 

Surroundings, 287 

Syngas, 327 

Synthesis reaction, calculating K, 430 
Synthetic addition polymers, 84-93. 

See also Polymers 
plasticizers, 90, 94 
plastics, 88-90, 98 
polymer cross-linking, 90-92 
table of familiar compounds, 85 
Synthetic coal-hased fuels, 327 
Synthetic condensation polymers, 95-99. 
See also Polymers 
polyamides, 96-98 
polyesters, 95-96, 106-7, 364 
Synthetic polymers, 81-82 
history of, 82, 84, 100, 102 

T 

Taxol, 3 
Teflon, 84, 364 

Temperature, 287. See also Thermal energy 
absolute zero, 175 
and equilibrium constant, 430 
in quantum theory, 140-41 
of reaction system, 363-64, 368-69, 375 
and solubility product constant, 461 
Tertiary alcohol, 32, 34, 44 
Tertiary amines, 56, 61 
Tesla Roadster, 595 
Tetraethyl lead, 28 
Tetrafluoroethene, 85 
Tetrafluoromethane, 226, 229 
Tetrahedral structure, 207-8, 211, 226, 

233, 234, 250 

Theory of bonding, Lewis, 196-200 
Thermal energy, 287 

in hot springs and mineral precipitation, 
485 

and Le Chatelier’s principle, 442-43 
lost in internal combustion engines, 595 
transfer, 293-97, 298 
Thermochemical equation, 301, 302-3 
Thermochemistry, 284-85, 286 
Thermoplastic polymers, 91-92 
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Thermoset polymers, 92 
Thiols, 38 

Thomson, J.J., 134, 145 
Three-dimensional diagrams, 98 
Three-dimensional replicator, 253 
Three-dimensional shape of protein 
molecule, 103 

Three-dimensional structure, 206-16 
predicting using VSEPR theory, 210-15, 
222-23, 230, 255 

table of common structures, 209-10 
types with polar bonds but no net 
dipole, 225 

Threshold frequency, 139, 141 
Thymine, 104, 114 
Thymol blue indicator, 474, 475 
Titanium, 167 
Titrant, 540 

Titration curve (pH curve), 544 
Titrations, 540-57, 571-72 
back titration, 573 
of ethanoic acid buffer, 566 
and pH curves, 541, 544-45, 554, 

555, 556 

procedures, 710-11 

of strong acids and strong bases, 541-47 
of weak acids and strong bases, 547-55 
of weak bases and strong acids, 555 
Toluene (methylbenzene), 30 
Tonolli Canada Ltd., 652 
Toothpaste, fluoride, 484 
Tortoiseshell, 102 
Total ionic equation, 600 
Total order of reaction, 375, 381 
Toxic substances. See also Health concerns 
carbon monoxide, 364 
copper(II) ions, 599 
cyanide, 617, 669 

hydrogen sulfide, 373, 613, 618, 633 
lead, 652 
phosgene, 411 
PVC, 90 

sulfur compounds, 319 
VOCs, 116 
Trans fats, 54 

Trans formation of fatty acids, 54 
Trans isomer, 22-23 
Transistors, 252 
Transition metals, 167-68, 170 
Transition of electron, 146 
Trial ion product, 466 
Triglycerides, 53, 54 
Trigonal structures 
bipyramidal, 208, 209 
planar, 207, 209, 234 
pyramidal, 208, 209, 212, 215, 

227, 232 
Tripeptide, 102 
Triple bonds, 18, 214, 307-8 
covalent, 235-37 
TRIS (Trizma) buffer, 592 
Tylenol (acetaminophen), 495 


u 

Uhlenbeck, George, 157 

Uncertainty in measurements, 715-16 

Uncertainty principle, 150-51 

Underfilled octets, 200, 202 

Units, 718, 722 

Unsaturated fats, 127 

Unsaturated hydrocarbons, 18, 30, 54 

Uranium, 136, 290 

Urea, first preparation of, 6 

V 

Valence bond theory, 231-32 
Valence electrons, 167, 169 
Valence shell electron-pair repulsion (VSEPR) 
theory, 206. See also VSEPR theory 
Vanadium, 167, 510 
van der Waals, Johannes, 239 
van der Waals forces, 239 
Vaporization reactions, 299-300, 302 
Vehicles and chemistry 
carbon dioxide gas, 435 
catalytic converters, 364 
fuel for, 286, 328-29 (See also Gasoline) 
future of gasoline-powered, 655 
hydrogen fuel cells in Olympics buses, 653 
jump-starting a car, 651, 663 
hthium battery-powered, 595, 652, 655 
octane ratings for gasoline, 17, 77 
Vinblastine, 3 
Vincristine, 3 
Vinegar, 47 

Vinylbenzene (styrene), 85 
Vinyl chloride (chloroethene), 85, 86 
Vinyl (PVC), 82. See also Polyvinyl chloride 
Viscosity, 246 
Vitamin A, 115 

Vitamin C (ascorbic acid), 47, 267, 522-24 
Volatile organic compounds (VOCs), 116-17 
Volt, 642 

Voltage, in cells, 642, 649 
Voltmeter, 642 

VSEPR theory, 206-8. See also Valence shell 
electron-pair repulsion theory 
exceptions to, 215 
Gillespie and Nyholm, 222-23 
and molecules with more than one 
central atom, 212-14 
and multiple bonds, 214-15 
and polarity of molecules, 226, 227 
predicting three-dimensional structure 
using, 210-15, 222-23, 230, 255 
Vulcanized rubber, 82, 91,112 

w 

Waage, Peter, 429 
Waste disposal, 701 
Water 

as amphiprotic (acid and base in different 
reactions), 491 

analogy for galvanic cell, 645-46 


autoionization of (acid and base in same 
reaction), 499-500, 512, 526 
capillary action, 245-46 
electrolysis (decomposition) of, 302, 
664-65 

in half-reaction equations, 621, 665 
hardness of, 484 
intermolecular forces, 239, 240 
ion-product constant for, 500-501 
Lewis structure of, 208 
pH and pOH of, 502-3 
phase changes, 239, 290 
polarity of molecules, 224-25, 278 
role in rusting, 659, 660, 675 
synthesis of, 301, 605 
Water exchange, 422 
Water-gas shift reaction, 442 
Water vapour, chemical reaction with 
carbon monoxide, 421-22 
Wave behaviour of atom, 148-50 
Wave function, 151 
Weak acids, 495 

calculations involving solutions of, 
513-21 

titration with strong bases, 547-55 
Weak bases, 498 

calculations involving solutions of, 
527-29 

list of common, 727 
titration with strong acids, 555 
Weak equilibria, 484 
Weakest oxidizing agent, 619, 730 
Weakest reducing agent, 619, 729 
Wet cell, 651 
Whiley, Ralph, 82 
Wind technology, 331-32 
Wohler, Friedrich, 6 
Wood, as fuel, 325, 362 
Wood alcohol, 32. See also Methanol 
Work, 286 

Workplace Hazardous Materials Information 
System (WHMIS), 697, 698 

X 

Xenon, 187 

Xenon tetrafluoride, 315 
X-ray, 175 

Xylanase enzyme, 373 
Xylem, 246 

Y 

Yeast, 373 

z 

Zeeman effect, 157 
Zero-sum rule, 602, 603, 604 
Zinc, 168, 647, 660, 668 
Zinc-copper galvanic cell, 636-40, 642-45, 
664. See also Galvanic cells 
Zinc hydroxide, 462, 483 
Zinc sulfide ore, 694 
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